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Foreword to the 


Fourth Edition 


In the twenty years since this book was first published, the 
amount of known Inorganic Chemistry has doubled and 
contiguous areas such as organometallic chemistry have 
developed as disciplines in their own right. Such develop- 
ments have been immensely exciting and have turned up 
fascinating ideas and materials. 

It is well worth the effort required to enter the intriguing 
field of Modern Inorganic Chemistry, but an appropriate 
approach must be chosen to avoid being submerged by the 
volume of information and concepts. The total amount of 
information is rapidly increasing and although many of the 
advances lead to a simpler broader picture, any such saving is 
more than offset by the development of new areas of great 
interest. The modern reader cannot hope to become familiar 
with as high a proportion of current science as the students of 
twenty years ago covered. More and more, the modern 
student has to develop skills in finding and organizing 
material. 

We suggest a twofold strategy for gaining an adequate 
grasp of Inorganic Chemistry without being overwhelmed by 
the amount of material. You need a broad and sufficient 
framework for the whole discipline, together with a knowl- 
edge in depth of selected areas within it. The framework 
alone is valuable, but insufficient to give confidence that you 
can attack a detailed field: in-depth assault on one topic is 
valuable but can be confusing, and difficult to generalize to 
the next. A student should also become thoroughly familiar 
with the sources of information available in a good chemistry 
library using Appendix A as a guide. 

For Inorganic Chemistry, we are fortunate in having the 
Periodic Table as a ready-made framework. As our knowl- 
edge and experience of chemical relationships increases, the 
level of understanding of the Periodic Table also deepens, and 
this in turn improves and reinforces the base for attacking a 
new topic. Once you feel reasonably expert in one topic— 
however restricted it may be—you will have the confidence 
that you can gain similar mastery over the next, and the two 
will be found to mutually reinforce each other. 
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Although the Periodic Table is over a century old, and 
based on ideas formulated well before that, it is of immense 
current importance as one of the major unifying principles in 
science. A recent striking example of its use is shown by the 
search for high-temperature superconductors. As soon as the 
first material, an oxide of Cu, La and Ba, was announced, 
search for improved materials involved systematic permut- 
ations, based directly on the Periodic Table—for example, 
among Ca, Sr and Ba and among the lanthanide elements. 
These took the initial breakout of critical temperature to over 
70K. After a short pause, a second major step early in 1988 
raised critical temperatures to 120K by replacing the triva- 
lent lanthanides by TI and Bi chosen, again on the basis of 
Periodic Table relationships, as alternative trivalent elements 
of appropriate size and properties. 

Such a pattern is seen in almost all developments: as soon 
as a new material or phenomenon is discovered, it is a major 
strategy to exchange elements according to the periodic 
relations to test the extent and variations of the effect. 

In this textbook, we are aiming to bridge the gap between 
the level of presentation in Special Honours textbooks and the 
standard of understanding of Inorganic Chemistry reached in 
the schools. Some feeling for the advancing subject is 
appropriate at this level, and we have tried to provide this, 
both by an up-to-date account of the chemistry of the 
elements and by the use of three chapters which present 
specific topics of considerable current interest. We hope that 
this book will continue to be found useful for those who are 
studying chemistry as part of a more general course, for those 
who wish to proceed to a less sophisticated level than the 
Honours BSc, and for those who are looking for an intro- 
ductory, text which will later be followed by work in an 
advanced course. 

The growth of Inorganic Chemistry has a twofold basis. 
Major developments in theory have provided an invaluable 
framework but the subject is too complex to evolve from 
theory alone. General experience of systematic chemistry — 
the reactions of the elements and their compounds—is vitally 
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important to an understanding of the subject. 

More than half of this textbook (Chapters 9 to 12, 14, 15, 
and 17) is a presentation of the basic systematic chemistry of 
the elements, following the Periodic Table arrangement and 
with emphasis on the compounds with oxygen and the 
halogens. A further fifth of the book complements this 
arrangement by periodic position with a discussion of selected 
topics in more depth. To the transition metal topics of 
Chapter 16, we have added in this edition new Chapters 18 
and 19 which cover Main Group and general topics. Finally, 
the earlier chapters and Chapter 13 provide the introduction 
to theories, structures and methods which are needed to 
appreciate the rest. 

The creation of Chapter 18 has modified Chapter 17, on 
systematic Main Group chemistry, but this is still the longest 
chapter in the book. We feel it is advantageous to present the 
chemistry of the elements Group by Group, to contrast with 
the school syllabus approach by period, and have therefore 


retained the format of a single chapter. 

Other aspects include continued attention to molecules of 
biological importance, including metal-containing phar- 
maceutic and radiotherapeutic agents. Comments on in- 
dustrial production and uses of inorganic materials have also 
been expanded from earlier editions, both to reflect many new 
applications and because this area is less prominent in school 
syllabuses than it used to be, SI units are used, and we have 
comments on some points where usage is not yet settled. 

We are most grateful to many colleagues and readers who 
have commented on earlier editions, and have pointed out 
errors and infelicities. We are also pleased to acknowledge the 
inspiration of a number of new Honours textbooks on 
Inorganic Chemistry, as listed in Appendix A. The subject 
has benefited considerably from several quite different, and 
most exciting, expositions published in the last few years. 

R Ann Mackay 
K M Mackay 
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SI Units and Names 


Many international scientific and engineering bodies have 
recommended a unified system of units and the SI (Systéme 
International d'Unités) has been generally adopted for use in 
scientific journals. The full scheme is not universally accepted, 
and some variant units are found. There are seven basic units: 


Symbol Name Symbol 
Physical quantity Jor quantity of unit for unit 
length L metre m 
mass m kilogram kg 
time t second s 
electric current 1 ampere A 
temperature T kelvin K 
amount of substance n mole mol 
luminous intensity 1, candela cd 


Two supplementary units are radian (rad) for plane angles 
and steradian (sr) for solid angles. The SI system differs from 
the old metric system by replacing the centimetre and the 
gram by the metre and the kilogram. 

Multiples of these units are normally restricted to steps ofa 
thousand, and fractions by steps of a thousandth, e; 
multiples of 10**, but with the multiples 10,100,1/10 and 
1/100 retained. 


Fraction Prefix Symbol Multiple Prefix уто! 
107! deci d 10 deka da 
107? centi c 10? hecto h 
107? milli m 10? kilo k 
1075 micro n 10$ mega M 
107? nano n 10? giga G 
1077? pico p 1012 ега T 
10715 ето f 1015 реа P 
10718 айо a 1019 — exa E 


It is important to note that 1 km? implies 1 (km)?, that is 
10$ m? and not 10° m?. 
A range of units derive from these basic units, or are 


supplementary to them. Those commonly used by the chemist 
are shown in Table 1. The unit of force, the newton, is 
independent of the Earth's gravitation and avoids the 
introduction of g (the gravitational acceleration) into equ- 
ations. The unit of energy is the joule (newton x metre) and of 
power, the joule per second (watt). 

The gram will be used until a new name is adopted for the 
kilogram as the basic unit of mass, both as an elementary unit 
to avoid ‘millikilogram’, and with prefixes, e.g. mg. 

It is recommended that all units not compatible with SI 
should be abandoned progressively, and the majority of the 
incompatible units are steadily if slowly disappearing from 
the literature. There are, however, a few units with particular 
advantages whose use is likely to persist, and it is recognised 
that any system of units should combine logical construction 
and consistency with a reasonable degree of convenience. 
Among the traditional chemical units are: 

Litre. If the proposal to restrict multiples to 10** is applied, 
then lengths would be confined to the metre and millimetre, 
giving volume units of m? and mm?. It seems unlikely that a 
system restricted to values differing by 10? will find favour 
and the cm? and dm? are likely to be long with us. It is 
probable that the litre will survive as a convenient name for 
the cubic decimetre. 

Angstrom. The Angstrom unit (1073 cm = 107!9т = 
107! nm = 100 pm) was originally introduced as a unit of 
length for use on the interatomic scale. It continues to be 
widely used by crystallographers, though some replacement 
by the picometre, pm, is occurring. 

Atomic mass. This is expressed relative to !?^C = 12-0000 
and is termed relative atomic mass, symbol A,. Relative 
molecular mass, M,, is the sum of the A, values for each atom in 
the molecule. 

Energy. As the joule is of the same order of magnitude, there 
are no reasons for retaining the calorie. Energies of chemical 
processes commonly fall into the convenient range of 10 to 
10° kJ mol~!, and kcal тої! will disappear. Chemists also 
use two other units in energy measurement: the wave number, 
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X SI UNITS AND NAMES 


TABLE 1. Units derived from the basic SI units, or supplementary to them. 


Physical quantity Name of unit Symbol and definition 
force newton N-kgms 2 or]m^! 
pressure pascal Pa = kgm^!s ?orNm^? 
energy joule J = кет2572 or Nm 
power watt W = kgm?s ? or Js! 
electric charge coulomb C = As 
potential difference volt V =kgm?s~3A7! orJA ^! s^! 
resistance ohm О = kgm?^s ? A"? or VA! 
capacitance farad F = A?^s*kg ^"! m"? or AsV^! 
frequency hertz Hzc 
temperature, / degree Celsius °C where {°С = ТІК — 273-15 
(centigrade) 
area square metre m? 
volume cubic metre m? 
density kilogram per cubic metre кет? 
velocity metre pre second ms! 
angular velocity radian per second rads ! 
acceleration metre per (second)? ms ? 
magnetic flux density tesla Т = kgs? А! or Vsm~? 
time hour, year, etc. will continue to be used 


reciprocal centimetre or Kayser, written as ст !, and the electron 
volt, eV. The latter is strictly the energy acquired by one 
electron falling through a potential of one volt, but eV is 
commonly used for the molar unit found by multiplying the 
strict value by Avogadro’s constant. The main advantages of 
the electron volt are its close relation to the methods used to 
measure certain parameters, such as ionisation potentials, 
and its larger size. At about 10? kJ mol !, it is convenient for 
the larger chemical energies and its use is likely to continue for 
many years. The cm ^! is not a unit of energy but is used in 
spectroscopy. The relations underlying this application are 
described in Chapter 7. 

The SI system is for reporting precise measurements in a 
fundamentally self-consistent way, and does not require that 
other units should never be used. It is not intended to preclude 
the use of *working units' and units used in a non-rigorous 
context. Laboratory workers continue to fractionally distil at 
pressures measured in millimetres of mercury, autoclave at 
hundreds of atmospheres and read temperatures in degrees 
Celsius. 

In Table | are listed the units which are derived from the 
basic SI units or their supplements. In Table 2 we list those 
units which are contrary to SI and should be phased out. The 
first part includes those which differ only by powers of 10 and 
the rest have exactly defined conversion factors, except the 
electron volt and atomic mass unit which are given in terms of 
the best experimentally-determined conversion factors. Some 
of these units appear mainly in pre-1970 literature, but others 
continue to be used. The values of physical constants in SI 
units are listed in Table 3. 


Units used in this edition 

A textbook written entirely in SI units would have a number 
of disadvantages at the present time. All the details are not 
completely settled and the system has not yet been formally 
recognized by all scientific bodies in an agreed final form. 
Furthermore, many literature sources required by the student 
are not in SI units and scientists must be able to convert 
existing data into the system. With these considerations in 
mind, the following convention has been adopted in this 
edition. 

Length. The SI system of m, mm, and smaller fractions is 
used. Notice that many interatomic distances (given origin- 
ally in Angstroms = 107! m) were known to an accuracy 
expressed by two decimal places in angstroms, e.g. 1:07 A. It 
follows that the most convenient SI-allowed multiple is the 
picometre, pm, so that values become whole numbers of 
picometres, e.g. 107 pm, and more accurate values аге 
distinguished by having figures after the decimal point as in 
107-6pm = 1:076 A). This usage is more convenient than 
using fractions of the nanometre, as in 0-1076 nm. 

Energy. Most values are given in kJ mol ^ ' and kcal is not 
used. Where appropriate, cm ^! and eV are also used and 
conversion factors are included in tables in these units. 
Occasionally, particularly when dealing with magnetic re- 
sonance, frequencies in Hz are found in place of wave 
numbers in ст" +. As 1 Hz is one wave per second and 1 cm ^! 
is one wave per cm, the two are connected by the speed of 
light. Table 4 shows the interconversion factors for all these 
units. 

Temperatures. Temperatures are quoted in degrees Celsius 


TABLE 2. Commonly occurring units which are contrary to SI 


аа а= Ше онаа 


Unit 


o — —À—— —-——-...—————— 


Quantity 


(A) Units differing from SI units by powers of 10 


angstrom (Aor A) 

litre (1 or L) 

dyne (dyn) 

erg 

mho (siemens or 
reciprocal ohm) 

bar 

poise 

tonne (t) 


(B) Other units 
calorie (cal) 


electron volt (eV) 


length 
volume 

force 

energy 
conductance 


pressure 


viscosity 
mass 


energy 


energy 
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Equivalent 


107!? m = 107' nm = 10? pm 
dm? 


— 
© 
[ 
w 
3 
w 
ll 


LT. cal = 4-186 8 J: 15? cal = 4-185 5 J: 


thermochemical cal = 4:184 J 
1:602 1x 107 !? J 


(electron volt per mole, also symbolized eV — 96:484 kJ mol!) 


101-325 kN m? 


atmosphere (atm) pressure 
millimetre of mercury (mmHg) pressure 133-322 N m^? 
or torr (Torr) 
atomic mass number (amu or mass 1:660 41 x 107?" kg 
u = 1/12 mass of C) 
TABLE 3. Values of physical constants. 
Physical constant Symbol Recommended value 
Speed of light in a vacuum с 2-997 х 108 ms^! 
Atomic mass unit u 107? kg mol! 
1:660 5655 x 10727 kg 
Mass of proton тр 1-672 648 5 х 10727 kg 
Mass of neutron My 16749543 x 107?" kg 
Mass of electron Me 9-109 534 x 107?! kg 
Charge on proton or electron( — ) е 1-602 1892 х 107 !* C 
Boltzmann constant k 1-380662 x 107 ?3JK 
Planck constant h 6:626 176 x 1073 Js 
Permeability of a vacuum AB ese 4n x 107752 С-2 тт! 
Rydberg constant R,= xd z 1-097 373 177 x 10^ m^! 
Bohr magneton Hip E: 9274078 x 10?*] T! 
е 
Avogadro constant N, or L 6-022 045 x 102° mol! 
Gas constant R 831441 JK^! mol! 
‘Ice-point’ temperature Ti 0r To 273:150 К 
(RT, = 2-971081 x 10? J mol!) 
Permittivity of a vacuum & = (uoc?) ! 8-85418782 x 107? Fm! 
Faraday constant F = Le 9-648.456 x 10*C mol! 
RT In 10/F at 298K 5916 x 107? V 
Bohr radius а 5:991 7706 x 10-1! m 
Molar volume of ideal gas Vo = RT[Po 2-241 0383 x 107? m? mol”! 


(273-15 K, 1 atm) 


xi 
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TABLE 4. Conversion factors 


kJ mol`! ст! eV MHz kcal mol! 
kJ mol`! 1 83:626 1:036 4x 107? 2-506 2 x 10$ 0-239 4 
стг! 11195 7 x 107? І 1:939 4х 107 * 2-997 9 x 10* 2-858 x 107? 
eV 96:484 8068-3 2-418 8 x 108 23-063 
MHz 3:990 3 x 1077 3:335 6x 1075 4134 4x 107? 1 9.534 5x 1075 
kcal mol! 4-184 349-83 4:335 9x 107? 1:048 7 x 107 1 


(°С), or in Kelvin (K)— note no degree symbol, is used. 

Electrical units. These do not occur widely in this text. Note 
that the interaction between charges is modified by the 
permittivity of a vacuum, ёо. Thus the non-SI factors e?/r, 
which occur in the wave equation, for example, now become 
ё l4neor. 

Other parameters. SI units are used where exact values are 
stated. Note that the litre is used as the name of the strict SI 
dm?. There is some discussion that the gram-molecule 
might be replaced by the kilogram-molecule but most 
chemists would find this unacceptable. 

In the text, numerical values for physical properties, such 
as atomic radii or oxidation-reduction potentials, are chosen 
from consistent sets and are quoted mainly for purposes of 
comparison. Much more accurate values are often available 
for particular data, and any calculations of physical sig- 
nificance should use such values, which can be found in a 
number of critical complications of data of in the original 
literature. 

Formulae are commonly used in place of chemical names 
where the former are clearer and less clumsy. Equations 
which are written unbalanced are used either to show the 
major product of a reaction, or to indicate the variety of 
products without being definite about their relative 
proportions. 

In addition to the symbols for fundamental constants given 
in Table 3, a number of other symbols and abbreviations are 
to be found in the text. These are: 


$ Entropy 

H Enthalpy (heat content) 
K Equilibrium constant 
ccp Cubic close packed 

hcp Hexagonal close packed 
bcc Body centred cube 
mor m.p. Melts or melting point 
borb.p. Boils or boiling point 

d Decomposes 

subl Sublimes 


The naming of geometrical shapes 

Since the geometry of solids was first worked out by the 
ancient Greeks, we find that much of the terminology comes 
from Greek and occasionally causes misunderstanding. A 
regular solid is named for the number of faces, and the Greek 
root is hedron. Thus the tetrahedron is named for its four faces. 
The plural is formed by turning -ron into -ra, and similarly for 


the adjective. Thus ‘tetrahedra’ is the plural and ‘tetrahedra!’ 
the adjective. Since we normally deal with atoms arranged in 
a geometrical form around a central atom, the chemist is 
usually more interested in the number of points of vertices (note 
the singular is vertex) in a figure, rather than the number of 
faces. While a tetrahedron has four points and four faces, the 
number of points and faces differs for all other solids. Thus an 
octahedron, familiar as the shape found for 6-coordination, 
has eight faces (hence octa-) and six vertices. 

A further relation of interest is that of capping which means 
placing a further atom above a face so that it is at equal 
distances from each of the atoms which define that face. If we 
cap planar figures we get pyramids: capping a square gives a 
square pyramid and capping it again on the other side gives a 
square bipyramid. The capping atom is often termed the apex 
(plural apices). It may be placed at any distance from the face, 
but if the distance is equal to the length of the edge of the 
capped figure, then a special regular shape results. ‘Thus a 
regularly capped triangle (or regular trigonal pyramid) is a 
tetrahedron and the octahedron is a regular square 
bipyramid. Ifregular figures are capped, further relationships 
emerge. Thus the eight atoms which regularly cap the faces of 
an octahedron, themselves form a cube, and if the six faces of a 
cube are regularly capped, the caps form an octahedron. 

We also note some interrelationships involving the cube. If 
every second vertex of a cube is selected, these four points 
define a tetrahedron, so a cube may be seen as two identical 
interpenetrating tetrahedra (see figure 13.9). If these two 
tetrahedra are now altered regularly so that one is elongated 
and one is compressed (equivalent to pulling two pairs of 
atoms defining opposite face diagonals out of the face, forming 
triangles bent about the diagonal) the result is a dodecahedron. 
Ifa tetrahedron is regularly capped on all four faces, the eight 
atoms lie at the corners of a cube, the figure resulting 
corresponds to the formula A,B, and is called a cubane. 

Finally, one class of less regular figures also occurs among 
chemical structures—the prisms. A prism is formed by 
connecting two regular plane figures held in an eclipsed 
position. For example, a general pentagonal prism has two 
regular pentagonal faces and five rectangular ones. Again, 
special figures result if all the edges are equal—a cube is a 
special case of the square prism, for example. The antiprism is 
formed if the regular plane figures are placed in a staggered 
configuration, forming for example a square antiprism. The 
regular trigonal antiprism is the octahedron. 

Examples of all these figures will be found in later chapters. 


It is extremely valuable to study solid models, or a good 
computer simulation program, as an aid to understanding the 


relationships between them. 


TABLE 5. Some common shapes. 
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Table 5 summarises the properties of the commoner shapes 
met in chemistry. 


Name 


Significant geometrical properties 


Tetrahedron 


Examples (Figures) 


4 faces; 4 points; 6 edges 


(for relationship with a cube, see Figure 13.9) 


Trigonal pyramid 

Trigonal 
bipyramid 

Square pyramid 


Octahedron 
face-bridged 
edge-bridged 

Trigonal prism 


monocapped 
tricapped 
Pentagonal 
pyramid 
Pentagonal 
bipyramid 
Cube 
cubane 
Square prism 
Square antiprism 


monocapped 
Hexagonal 
bipyramid 
Pentagonal 
antiprism 
Hexagonal prism 


Octagonal prism 


Dodecahedron 
Icosahedron 


Note: examples are chosen to give a variety of representations of the shapes. 


as above, 3 edges longer than others 


6 faces; 5 points; 9 edges 


4 triangular + 1 square face; 

5 points; 8 edges 

8 faces; 6 points; 12 edges 

8 bridging atoms 

12 bridging atoms 

2 triangular + 3 rectangular faces; 
6 points; 9 edges 

cap on rectangular face 

caps on all 3 rectangular faces 

1 pentagonal + 5 triangular faces; 
6 points; 10 edges 

10 faces; 7 points; 15 edges 


6 faces; 8 points; 12 edges 

A,B, at alternate vertices 

as cube, four edges different length 
2 square + 8 triangular faces; 

8 points; 16 edges 

cap on square face 

12 faces; 8 points; 18 edges 


2 pentagonal + 10 triangular faces; 
10 points; 20 edges 

2 hexagonal + 6 rectangular faces; 
12 points; 18 edges 

2 octagonal + 8 rectangular edges; 
16 points; 24 edges 

12 faces; 8 points; 16 edges 

20 faces; 12 points; 30 edges 


4-3a; 5:1c; 5:14а 


17-57c 
4:4a; 9:8а; 14-29 


13:11b; 14-12; 16-8; 
17-57d 

45a; 5-la; 15:10 
15-18 

15-8 

5-10c and plate IT; 
13-lla 

15:1 

15:21; 17:37с 

9:8; 14-16a 


14-11; 14-16c 


5-1Ь; 5-12g; 15:15 
14-25b; 15:14 
14-33 

12:5; 15-4 


18-18 
12:6 


16:7а; 16-10 
5:12e (outline); 
16-7b 

16:9а 


13:9; 15:9; 15-17 
17:74 


1 Introduction 


1.1 Inorganic chemistry 

Chemistry is one of the oldest and most wide-ranging 
branches of science, and hence of human knowledge and 
endeavour. For convenience, the subject is commonly divided 
into a number of fields, though the boundaries are broad and 
there is much overlap. Traditionally, there are three major 
divisions, inorganic, organic, and physical chemistry. Inorganic 
chemistry covers the properties and reactions of the chemical 
elements—amounting today to 110! 

Since the chemistry of one element, carbon, is so enormous- 
ly ramified — probably similar in extent to the total chemistry 
of the remaining 109 put together— it has traditionally made 
up the separate field of organic chemistry. The bridging 
discipline covering the organic chemistry of the inorganic 
clements, organoelement or organometallic chemistry, is an exten- 
sive field to which we shall make substantial reference. In 
addition, part of the chemistry of carbon, covering the 
clement and simpler compounds like its oxides and oxyions or 
the carbides, is traditionally covered in inorganic chemistry. 
No attempt is made to draw rigid boundaries. 

The detailed study of energy changes, reaction mechan- 
isms, much of bonding theory, the chemistry of polymers, 
chemistry which occurs at surfaces and interfaces, the 
behaviour of metallic systems—all these fall into physical 
chemistry. Again, there are no rigid demarcations, and much 
of the most exciting work is done at the points of overlap. 
Inorganic chemistry also makes major contributions to 
interfaces with other sciences, in areas like geochemistry, 
inorganic biochemistry, materials science and metallurgy. 


1.2 Origins and the discovery of the elements 

The origins of inorganic chemistry are ancient. Observation 
followed by what we now describe as empirical experiments 
led to the slow development of new materials from an early 
stage in Man's history. Thus beads of glass and of ceramics аге 
found in ancient Egyptian burials and pottery was made by 
the earliest civilizations. Considerable control was achieved: 
black or red pottery was made by reducing or increasing the 


proportion of air, and colours and glazes had developed to a 
high degree of sophistication by 500 Bc. 

As one informative indicator, we may review the discovery 
of the elements (Table 1.1). 

If the discovery of the elements is plotted against time, a 
curve is obtained which mirrors the pattern of development in 
many sciences. A long slow period of completely empirical 
advance in the ancient world was followed by a phase mainly 
of preservation and rediscovery through the Arab alchemists 
and in India and China. For the century up to Ар 1750, some 
of the basic ideas of what we now call chemistry were 
developed from more deliberate investigations. From 
AD 1750 up to the first half of this century, there was a sharply 
accelerating pattern of discovery as theory and technique 
advanced in parallel. Within this period we see individual 
spurts reflecting specific advances, like the 18th-century 
studies of gases, the early 19th-century use of electrolysis to 
isolate the very active metals, or the recognition of the Rare 
Gas Group which gave five new elements in five years. 
Eventually the pace slowed, in the decade to 1940, because 
there were ‘no new worlds to conquer’ and all the elements up 
to uranium had been identified. This was not the end of the 
story, as it turned out that further post-uranium elements 
could be synthesised. This phase is now slowing down, 
reflecting the decreasing intrinsic stability of the nuclei. 
Whether this is finally the end of the story of the elements is 
not yet clear (compare section 16.9). The overall pattern, 
found in many other developing fields, is of empirical 
discovery, acceleration fuelled by the interaction of greater 
understanding and improved methods, then maturity when 
the pace of change slows. Often, new accelerations start up 
from the mature phase, as unexpected observations or new 
ideas trigger off further developments. 

It is worth emphasizing how much technical control was 
achieved by ancient craftsmen. Gold is usually found natur- 
ally as the free metal and, as shown by grave goods, has always 
been highly valued. Modern analysis of ancient artefacts 
shows that it was understood that the addition of small 
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TABLE 1.1 The discovery of the elements 


Number of 
elements 
Date range discovered Comments 
Prehistoric 3 C, S, Au which occur native, i.e. uncombined 
ca. 3000 Bc 5 Ag, Cu, Pb, Sn, Hg with readily processed ores 
са. 1000 вс 1 Fe requiring higher temperature reduction 
ca. 500 nc 1 Zn ca 90%, pure 
Up to 1650 4 As, Sb, Bi: Zn rediscovered 
1650-1700 1 First dated discovery: Р in 1669 
1700-50 3 Co, Ni, and native Pt 
1750-75 7 First gases H, N, O, Cl and Ni, Mn, Bi (see note 3) 
1775-1800 5 Cr, Mo, W, Te, Ti(finally pure in 1910) 
1800—25 18 Active metals, Li, Ма, К, Mg to Ba: heavier metals Ce, Ir, Os, Pd, Rh, Zr: also В, 
Cd, I, Se 
1825—50 9 Br, Si, Be, Al, V, La, Ru, Th, U 
1850—75 5 Rb, Cs, Ga, Tl, Nb (He seen in solar spectrum] 
1875-1900 approx. 11 5 inert gases: F, Ge: radioactive Po, Ra, Ac: some lanthanides 
1900—25 арргох. 10 Rn, Ta, In, Hf, Re, Pa, lanthanides 
1925—50 П ени radioactive Tc, Pm, Fr, At: man-made post-uranium Np, Ри, Am, Cm. 
k 
1950—75 10 Last 2 purified lanthanides: 8 man-made 
1975—today ca 4 Man-made (a few atoms only) 


Notes. 1. Compare Tables 2.5 and 2.6 for the names and periodic positions of the elements. 
2. Many dates of discovery are approximate, as the existence of many elements was recognized anything from a few months up to 
a century before final purification. The very similar lanthanides present particular difficulties of definition. 


3. Bismuth known earlier but confused with lead. 


proportions of silver or copper gave a harder, more wear- 
resisting metal, and gave desirable variations in colour. The 
metal contents of gold coins held to highly consistent 
standards which correlated through many countries in a 
chain of related weights and gold contents—for example, 
from Macedonia to India in the 5th century вс. Copper has 
been known for about 7000 years and has been extracted from 
sulphide ores for around 5500 years. Small metal items like 
beads and bracelets are found in graves for several centuries 
before larger products like tools or weapons, suggesting a 
period where manufacture was difficult and not well under- 
stood. Once production methods had evolved to the larger 
scale, it was rapidly found that alloying copper with tin to 
give bronze, or with zinc to give brass, produced metals of 
superior properties. Tin, which is fairly inert to air, was 
probably prepared in a pure form many centuries before the 


more reactive zinc. Iron requires much more sophisticated 
treatment, and can be extracted only at the high tempera- 
tures achieved with air blown through a bed of charcoal. The 
carbon is also necessary to remove the oxygen from the ore. 
Even so, early temperatures did not reach the melting point, 
so casting was not possible and the metal was shaped by 
hammering. As iron weapons are much superior to bronze, it 
is thought that the initial discovery was kept secret for a 
millennium and knowledge of iron only became widespread 
after the destruction of the Hittite empire about 1200 nc. 
(recent archaeology suggests this picture is oversimplified). 
Compared with iron, isolation of the other elements found up 
to the 18th century is relatively easy, so iron-working 
represents a peak in technological achievement which lasted 
for something like 4000 years. 


1.3 Development 

While we have followed the tale of the elements, the growth of 
inorganic chemistry as a whole followed a similar pattern. 
Inorganic chemistry was the first of the chemical sciences to 
flowerin the course of the Scientific Revolution, and most ofthe 
work leading to the formulation of the atomic theory was 
carried out on inorganic systems, especially the gases and 
simple compounds like the nitrates, carbonates or sulphates. А 
critical advance in technique was the development of ever 
more accurate measures of the quantity of material— both by 
weighing and by measurement of gases. Once it could be 
established that a particular substance had the same compo- 
sition when prepared by different routes (for example, an oxide 
prepared from the metal and air, from heating the carbonate, 
from precipitating the hydroxide from solution and igniting) 
the way was open to following changes quantitatively, 
formulating generalizations like ‘the Law of Constant Compo- 
sition’ and ultimately to Dalton’s atomic theory. It is worth 
remarking that even the most sophisticated modern experi- 
ment depends ultimately on accurate measurement of weight 
changes. 

In the first halfof the 19th century, not only had more than 
half of the elements been isolated but a great many of their 
simpler compounds had been studied. It is remarkable that 
explosive nitrogen trichloride or highly corrosive hydrogen 
fluoride were under study around 1800. By contrast, only a 
few simple organic compounds were known by 1820 and little 
progress was being made in organic chemistry as much of the 
effort was directed to extremely complex materials like milk 
or blood. By the middle of the 19th century came the period of 
spectacular advance in organic chemistry, followed around 
1900 by a great upsurge of interest in physical chemistry. 
These advances meant nearly a century of comparative 
neglect of inorganic chemistry. ` 

Of course, very important advances were made, including 
the formulation of the Periodic Table, the discovery and 
exploitation of radio-chemistry, and the classical work on 
non-aqueous solvents and on the complex chemistry of the 
transition elements, but it was not until the nineteen-thirties 
that the modern upsurge of interest in inorganic chemistry got 
under way. Among the seeds of this renaissance were the work 
of Stock and his school on volatile hydrides of boron and 
silicon, of Werner and others on the chemistry of transition 
metal complexes, of Kraus and Walden on non-aqueous 
solvents, and the work of a number of groups on radioactive 
decay processes. At the same time, the theories which play an 
important part in modern inorganic chemistry were being 
formulated and applied to chemical problems. The discovery 
of the fundamental particles and the structure of the atom 
culminated in the development of wave mechanics, which is 
the basis of all modern approaches to valency and bonding. 
This theory is outlined in Chapter 2, and its application to 
molecular structure is given in Chapters 3 and 4. A little later, 
the effect of an atom's environment on the energy of its d 
electrons was brought into the treatment of transition metal 
compounds in the crystal field theory which is discussed in 
Chapter 13. 
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1.4 Recent advances 

All these developments prepared the ground for the expan- 
sion of inorganic chemistry, starting in the 1950s, which was 
stimulated both by developments on the academic side in 
experiment and theory, and by the demand for new materials 
and for knowledge of many elements hitherto scarcely 
studied. 

The advent of atomic energy focused attention on heavy 
transition elements and lanthanides (for example, the chemi- 
cally very similar Zr and Hf have quite different neutron 
absorption properties). Similarly, the growth of electronics, 
followed by computers, led to growth in the chemistry of 
lesser-known Main Group elements involved in semiconduc- 
tors, such as Ge, Ga, In and Se. The other significant change 
in the third quarter of this century has been the growth in the 
numbers of scientists and technologists. In the past, fields 
expanded only at the price of relative neglect in other areas. 
Recent developments have taken place simultaneously, add- 
ing a further factor of mutual reinforcement. 

In the last quarter of the 20th century we are living through 
a continuing headlong expansion in inorganic chemistry, 
fuelled by new methods, new theories, new fields of interest 
like metals in biological systems, the search for new materials, 
new catalysts, more output for less pollution, and many other 
driving forces. Even unstable elements like technetium are 
finding uses in medicine. Such interests have generated 
research in every corner of the Periodic Table, and there are 
now no elements, apart from the very unstable heavy ones, 
where there is not a very substantial body of knowledge 
available. 

This rapid growth of inorganic chemistry has made it a 
very lively and exciting subject in which to work and to teach, 
but it does lead to problems from the student's point of view. 
Textbooks tend to be out of date by the time they are 
published, and the treatment of each subject changes as new 
discoveries are made. 

A striking example was the chemistry of the rare gases, 
where a complete new chapter of chemistry grew from 
nothing in the decade following the first announcement of a 
xenon compound in 1962. The pattern of development was 
typical. The tenet of the inertness of the rare gases was so well 
established that the announcement of a compound generated 
intense excitement, and over a hundred papers were pub- 
lished in the field within a couple of years. After this initial 
surge of interest, the acceleration slowed, but work has 
continued steadily and new discoveries continue. 

A recent example of this same pattern is provided by the 
announcement, late in 1986, of a superconductor whose 
critical temperature (the temperature below which the 
phenomenon of resistance-free conduction occurs) was 
around 40 K. This followed a long period where the highest 
critical temperature shown had risen only very slowly from 
about 5K to around 23K. The new superconductors were 
oxide phases involving copper and elements like the lantha- 
nides and the alkaline earth metals. Excitement was 
enormous, as higher temperature superconductors have 
tremendous potential for all electrical devices. The claimed 
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best critical temperature shot up to over 100 K, with prelimi- 
nary manifestations even up to room temperature, all within 
the space ofa few months. While the main interest has been in 
the physics, there was a very rapid exploration of the 
chemistry. A superconducting phase of major interest is 
YBa,Cu,O,_,, where x is around 0.1, and the pattern of 
exploration is exactly what any inorganic chemist in the last 
hundred years would have followed—- basically study of 
complex oxides of related elements, guided by the Periodic 
Table (see section 16.1 for a full review). 

These two examples, one fairly academic and the other 
based on expectations of enormous practical applications, are 
representative of many current advances. Some novel and 
unexpected discovery triggers a period of intense interest, 
where rapid and widespread exploration occurs, heavily based 
on the pattern of previous knowledge. 'To a substantial extent 
inorganic developments are rooted in the relationships of the 
Periodic Table and established systematic chemistry. The 
incidence and progress of the more novel new discoveries and 
growing points are unpredictable, and this should give pause 
to those who would attempt too closely to guide the 
development of science into areas deemed to be more 
‘relevant’ to the problems of the day. 

A textbook must attempt to reflect both the steadily- 
growing core of basic material, and the areas of current 
interest and excitement. An introductory text can only 
sample, while an advanced text will make a valiant attempt to 
cover all areas of current interest. 

In the area of theory, the inorganic student is presented 
with a number of approaches, many partly overlapping, at 
different levels of sophistication. Because of the relative 
complexity of the material, chemistry is much less ‘theory-led’ 
than is physics. Apart from a few limited areas, it is not 
possible to describe inorganic chemical observations exactly 
by theory. Thus we are faced by a range of theories of different 
power, and of different levels of approximation. While there 
have been arguments about which of several alternatives is 
the best, in most cases we are content to use overlapping and 
even apparently conflicting theories, depending on the 
specific application. For example, many species may be des- 
cribed in electrostatic terms—as charged ions, dipoles, еіс. — 
and the energy changes calculated by electrostatics. The same 
species may equally well be described in terms of covalent 
bonding, with a theoretical approach which has its base in 
quantum mechanics. Often, neither approach gives an exact 
answer because approximations are needed to bring the calcu- 
lation within the compass of even the most powerful computer. 
In general, that approach is chosen which gives the most 
convenient answer to a specific problem, and different 
methods may be used to tackle different parts of the same 
problem. It follows that there is no one answer to a question 
like ‘is this compound ionic or covalent?’, but rather an 
understanding that either description is more or less useful, 
and more or less of an approximation. 

A second type of case also causes difficulties at first 
acquaintance. This is the situation where a relatively simple 
approach allows the rationalization and systematization of a 


particular body of data. Because the approach is fairly simple, 
itis usually not complete— that is, there will be exceptions and 
anomalies. If the model is reasonably wide-ranging, it is 
worth retaining and using it even after cases appear which are 
not covered. On occasion, two different partial models will be 
used even though they overlap and are not fully compatible. 
Such situations are quite common, and usually do not greatly 
disturb the scientist working in the field. They can be 
confusing to the student on first acquaintance, as there is the 
feeling that only one can be ‘right’, and we tend to use fairly 
high-powered words like ‘law’, ‘theory’ or ‘principle’ to 
describe them. If they are seen as partial descriptions or 
models, to be used as convenient, many of these problems 
disappear for the chemist (however much they disturb the 
philosopher of science!). 

In applying wave mechanics to chemistry, the two com- 
mon approaches have been the valence bond and molecular orbital 
methods. Each is a different approximation to the wave 
equation for a system, and they converge to the same answer 
for very simple systems. For polyatomic molecules, approxi- 
mation is essential and the theories are used side by side. Older 
preferences were for the valence bond approach which is 
closer to the classic picture ofa molecule as linked together by 
discrete electron pair bonds. For example, the partial double- 
bonding in a species such as the nitrate ion was described in 
terms of ‘resonance’ between contributing forms, each of 
which was described in terms of single and double bonds: 
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This approach is now favoured rather less than the molecular 
orbital approach, which discusses such species in terms of 
delocalized bonds extending over all the molecule (see section 
4.4). In other areas, such as the properties of excited states 
and of species with delocalized bonds, the molecular orbital 
theory is more satisfactory. In this text, the structures of 
molecules and ions are described largely in terms of the 
molecular orbital theory. 

In a similar way ligand field theory, which deals with 
compounds which have valency electrons in the d orbitals, 
subsumes the electrostatic crystal field theory and also wave- 
mechanical aspects giving a molecular orbital treatment of 
transition metal compounds with multi-centred bonds. Again 
the treatments are at a number of levels of generality and 
approximation, and are often used in tandem. 

From an almost negligible position about 1950, transition 
element chemistry has grown to become the major field of 
inorganic chemistry, largely as a result of the strong mutual 
stimuli of new experimental and theoretical advances. 

There are, however, signs that the rate of expansion in the 
transition metal arca is slowing down, perhaps because the 
theories are becoming more elaborate and sophisticated, and 
the last two or three years has seen advances in the theoretical 
background to Main Group chemistry, particularly in the 
discussion of the participation of d orbitals in this area of 


chemistry. All these changes are reflected in the succeeding 
pages, but the reader is asked to realize that the rapid rate 
of growth means that any text is somewhat out of date by 
the time it is published and the review literature should be 
consulted for recent advances. 


1.5 Inorganic nomenclature 
The nomenclature of inorganic chemistry was put on a 
definitive basis by the publication of the IUPAC (Inter- 
national Union of Pure and Applied Chemistry) Rules in 
1957 and 1970. These rules define a systematic method for 
naming all inorganic compounds, but they also allow the 
retention of a number of trivial names which are well 
established. (See section 2.12 and Table 2.7 for Periodic 
Table nomenclature.) 

The principles of systematic naming are straightforward 
and are outlined below: 
(i) The cation, or electropositive component, of a compound 
has its name unmodified. 
(ii) Ifthe anion, or electronegative constituent, is monatomic, 
its name is modified to end in -ide. 
(iii) If the anion is polyatomic, its name is modified to end 
in -ate. 
(iv) Where oxidation states are to be indicated, they are 
shown by means of Roman numerals following the name of 
the element. 
(v) The stoichiometric proportions of constituents are de- 
noted by Greek prefixes (mono, di, tri, tetra, penta, hexa, 
hepta, octa, nona, deca, undeca, and dodeca). Alternatively, 


INTRODUCTION 5 


numerals may be used, as in B,oH,4- decaborane-14. In 
addition, the multiplicative prefixes (bis, tris, tetrakis, etc.) 
may be used to indicate a multiplicity of complex groups, 
especially when these already contain a numeral, as in 
Ni(PPh;)4 —tetrakis (triphenylphosphine) nickel. 

(vi) In extended structures, a bridging group is indicated by 
the prefix и, for example, [(NH3);Cr — OH — Cr‘ NH;)4]Cls 
which is — 4u-hydroxo-bis[penta-amminechromium (1H) | 
chloride. A group bridging three atoms, e.g. the face-bridging 
Cl atoms in Figure 15.18, is labelled и? А further term which 
is now commonly used is hapto, symbol у. Its use is best 
illustrated by considering cyclopentadiene (see 16.3). If this 
bonds equally through all five C atoms, as in ferrocene, Figure 
16.6a, it is labelled penta-hapto, symbol n>. A single C- 
element bond would be (mono) hapto, ņn*, while if only one 
diene group bonded, involving two of the five carbons, the 
pentadiene group would be described as dihapto, n°. 

Notice that, according to rule (iii), all polyatomic ions 
have names ending with -ate. This must not be confused 
with the trivial naming of oxygen anions where the endings 
-ate, -ite, etc., are used to indicate the oxidation state (see 
below). In systematic naming, all such anions end with -ate 
and the oxidation state is shown by the stoichiometry or by 
Roman numerals. Thus, SnCl2 7 іѕ hexachlorostannate(IV), 
SnCl; is trichlorostannate(II), 504 ^ is tetraoxosulphate 
(or tetraoxosulphate(VI) ) and SOi- is trioxosulphate. 
Some examples are given in Table 1.2. 

The system outlined above gives a means of providing an 
unambiguous systematic name for any inorganic compound. 


TABLE 1.2 Examples of systematic inorganic nomenclature. Of the detailed rules for the order of citation of ligands in complexes 
we need only note that anionic ligands come before neutral and cationic ones and *oxo' is often dropped out of 


the names of familiar oxyions. 


NaCl Sodium chloride 

SiC Silicon carbide 

Аѕ454 Tetra-arsenic tetrasulphide 

CLO Dichlorine oxide 

OF; Oxygen difluoride 

КІСІ Potassium tetrachloroiodate 

FeCl, Iron dichloride (or iron(II) chloride) 
Pb'Pb'YO, Trilead tetroxide (or dilead(II) lead(IV) oxide) 


K,[Fe(CN) 6] 
K3[Fe(CN)6] 


Potassium hexacyanoferrate (11) 
Potassium hexacyanoferrate(III) 


Na(SO;F) Sodium trioxofluorosulphate 

NaH;PO,; Sodium dihydrogen tetraoxophosphate 
Na(NH4)HPO,,4H;O Sodium ammonium hydrogen phosphate tetrahydrate 
BiOCI Bismuth oxide chloride 

VOSO, Vanadium(IV) oxide sulphate 

ZrOCI;,8H;O Zirconium oxide dichloride octahydrate 

Li(AlH;) Lithium tetrahydroaluminate 
NH,[Cr(SCN)4(NH3)2] Ammonium tetrathiocyanatodiamminechromate (111) 
[Co(CO,) (NH3)4]Cl Carbonatotetra-amminecobalt(II1) chloride 


[Be,O(CH4COO),] 


(see Figure 10.9) Jta-oxo-hexa-ji-acetatotetraberyllium 


Rules i, ii and v: note that mono- 
is usually omitted as a prefix 


Rules i, iii, iv and v. Notice that 
the use of roman numerals in rule 
iv, and the prefixes of rule v, often 
provide alternative names; super- 
fluous information is avoided 


Note that multiple groups are 
written separately (often all run 
together) in an order which is 
defined by the rules. Notice also 
that oxo- is often dropped out of 
the names of familiar oxyanions 
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However, many of the systematic names of familiar com- 
pounds are clumsy, and a considerable number of common 
names are retained for general use. The following points may 
be particularly noted. 
(i) The terminations -ous and -ic may be retained for cations 
of elements with only two oxidation states, as in ferrous and 
ferric or stannous and stannic. 
(ii) In anions, the termination -ite to distinguish a lower 
oxidation state is retained in such cases as nitrite, sulphite, 
phosphite and chlorite. Similarly the hypo- . . . -ite method 
of showing an even lower oxidation state is retained for 
hyponitrite, hypophosphite and hypochlorite. Correspond- 
ing acid names end in -ous and hypo- . . . -ous. 
(iii) The term thio- is used to denote the replacement of an 
oxygen atom by a sulphur one, as in РЅСІ, —thiophosphoryl 
chloride. Similar use is made of seleno- and telluro-. 
(iv) The terms ortho- and meta- are retained to indicate 
different ‘water contents’ of acids, as in orthophosphoric 
acid, НРО, and metaphosphoric acid, (HPO3),, or 
H5IO, orthoperiodic acid and HIO; periodic acid. 
(v) As the last example shows, the prefix per- is used to 
indicate an oxidation state above the one indicated by the 
normal -ate or -ic termination of an anion or acid. (Per- 
should not be used for metals and cations.) This usage should 
be confined to the cases of perchlorate, perbromate, perio- 
date, permanganate and per-rhenate. The prefix peroxo- 
should be used to denote the presence of the — О — O — group 
derived from hydrogen peroxide, as in peroxodisulphuric 
acid (HO3;SOOSO3H), although per- is often used instead. 
On the whole, the tendency is to use the simplest name 
available for well-known compounds, as long as this is 


TABLE 1.3 Some correlated study areas 


Xenon fluorides 
section 17.9 


Fluorine and iodine 
section 17.8 


Shapes of Xe species 
section 4.2 


General properties 
sections 17.1 to 3 


accurate. New classes of compounds tend to be given their 
systematic name unless, as in the case of ferrocene for 
example, the discoverer happens to have hit on a suitable 
trivial name that has become widely accepted. Inorganic 
nomenclature need not cause any difficulty to the beginner 
who only has to translate the systematic name into a more 
familiar form, as long as the details above, especially about 
the various uses of the termination -ate, are familiar. 


1.6 Approach to inorganic chemistry and further reading 

The starting point for an understanding of inorganic chemis 
try lies in the electronic structure of the atom. The basis о! 
this is provided by quantum theory and wave mechanics and 
is outlined in Chapter 2, using a relatively pictorial and 
qualitative approach. Combination of atoms into diatomic 
species is covered in Chapter3, setting the basis for 
polyatomics discussed in Chapter 4. This Chapter also covers 
the shapes of covalent polyatomic molecules and ions. 
Chapter 5 deals with compounds in the solid state, both ionic 
and covalent materials, while Chapter 6 deals with solutions 
in water and in non-aqueous solvents. Chapter 7 gives a brief 
review of the experimental methods used in inorganic 
chemistry. The latter three-quarters of the book covers the 
chemistry of the elements. After placing this chemistry in the 
context of the Periodic Table in Chapter 8, and covering 
hydrogen as a forerunner in Chapter 9, Chapters 10, 11, 12, 
14, 15, and 17 cover the different blocks of the Periodic Table 
in a Group-by-Group pattern. Chapter 13 provides a general 
context for the transition element chemistry of Chapters 14 to 
16, while sections 17.1 to 3 serve a similar function for the 
elements of the Main Groups covered in the rest of 17 and 18. 


High oxidation state fluoro- 
complexes of transition 

metals e.g. section 15.8 (Pt) 
and 15.9 (Au) 


Bonding properties 
sections 4.4 to 7 


Atomic properties 
Chapter 2 


General properties 
Chapter 8 


Barium analogues, Chapter 10 


Perovskite structure 
Chapter 5, Figure 5.4 


Copper and oxygen analogues 


Ba,YCu,0,_, 


Copper chemistry 
section 14.9 


Yttrium analogues, Chapter 11 


General transition metal 
Chapter 13 


Chapter 8 
Sections 15.9, 15.10, 17.7 ete. 


Finally, some themes of strong current interest are selected for 
more detailed discussion—for transition elements in Chap- 
ter 16, for Main Groups in Chapter 18, and for two more 
general topics in Chapter 19. 

Clearly, the arrangement sketched above is only one 
possible ordering, and does not bind the reader. You will find 
that any topic may be taken as starting point, and will 
eventually lead through most of the text. To illustrate, one 
possible network of relationships is sketched in Table 1.3 for 
the two topics of rare gas chemistry and superconductors 
mentioned in section 1.4. Many others are possible, and you 
will start to feel some mastery of the subject once you have 
followed through a number of themes for yourself. 

An introductory text can only provide a framework on 
which a more detailed knowledge may be built. We have tried 
to give a basic survey by concentrating on relatively well- 
known compounds, particularly the oxides, halides and 
hydrides. Added to these, we have tried to signal many other 
areas of great interest by relatively brief mention, and have 
extended the treatment of these in a limited number of cases. 

Any textbook of inorganic chemistry nowadays covers only 
a few percent of established knowledge. Likewise, even the 
most dedicated student can only become familiar with a tiny 
part of the whole. It is therefore an important part of your 
training to become efficient in searching out material when 
you turn to a new area of the subject. What do you do when, 
with only a broad idea of copper chemistry and a shadowy 
recollection of the perovskite structure, your manager or pupils 
or others demand to know about these new superconductors 
which are in the news? What if chromium contamination 
suddenly becomes a problem, or your company decides to 
study indium telluride as a semiconductor when all you know 
about is silicon? Clearly, no-one expects to have an in-depth 
knowledge of the whole of inorganic chemistry, but you do 
need to know how to start finding out. 

Since the selection and approach of any author is an 
individual one, your first step is to consult similar sources— 
find three or four other broad texts and build up a basic 
picture. Then, to get more depth, go to the more advanced 
texts, those written for British Honours students or for 
American graduate courses—a number of these are listed in 
Appendix A, and these will often give further references to 
reviews or papers. You should beware of becoming too 
entangled in specific detail early on in a survey, so you will 
normally focus on reviews. Inorganic chemistry is well- 
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provided with review series (Appendix A) and most major 
topics will be found. Again, be aware that the depth of 
presentation may vary considerably, even within a single 
volume, and it is probably best to follow the references back to 
earlier treatments and start there. Among the more general 
presentations of inorganic topics are the Royal Society of 
Chemistry monographs, especially the series Monographs for 
Teachers, a number of articles in the journals, Education in 
Chemistry and Journal of Chemical Education, and some articles in 
the School Science Review. Some useful general articles appear in 
Chemistry in Britain (Royal Society of Chemistry) and in 
Chemical and Engineering News (American Chemical Society). 
More advanced reviews are listed in the Appendix. 

There is also a number of compendia of inorganic chemis- 
try which give more extensive treatment than a textbook, 
though often more limited than a review. These suffer also 
from the disadvantage that they may be badly out of date: the 
current ones are Mellor, Gmelin, and Pascal, listed in Appendix 
A. Similar, shorter and more recent multivolume works are 
Comprehensive Organic Chemistry and Comprehensive Coordination 
Chemistry, which should be consulted first. 


PROBLEMS 


1.1 Choose a simple broad topic, such as ‘the chemistry of 
manganese’. Read the introduction to Appendix A. 


(a) List the all pages in this book which give relevant 
information 

(b) Similarly list the pages in any three other textbooks 

(c) Find three reviews which cover some aspect of the topic 
(try to find an example of a broad survey and a detailed 
account of a specific area) 

(d) Find three papers published in the last two years covering 
different parts of the topic. 


1.2 Draw up the time plot suggested in section 1.2 for the 
discovery of the elements. 


1.3 Plot the elements discovered at different times on the 
Periodic Table. Are there any patterns? Are there any other 
correlations, e.g. with reactivity as shown by ionization 
potentials, bond energies to oxygen, etc.? 


2 The Electronic Structure and the 


Properties of Atoms 


Introduction 


2.1 Background 
Although some 200 different sub-atomic particles have been 
discovered by the physicists, only three, the proton, the 
neutron, and the electron are of direct interest to the chemist. 
'The masses and charges of these different particles are so 
minute that it is convenient to define much smaller units 
than the gramme and the coulomb which are used on the 
macroscopic scale. The unit of mass used on the atomic scale 
is approximately the mass of the proton or neutron (which 
are very nearly equal and about 107 2 р). The mass of the 
electron is very much less than that of the other two particles 
and is of the order of one two-thousandth a.m.u. The charges 
on the proton and electron are equal in size though opposite 
in sign, that on the electron being negative. (There is also 
a short-lived particle of the same mass as the electron, but 
with unit positive charge, called the positron or positive 
electron.) This electronic. charge, which equals about 
— 1:6 x 107 !? C, is taken as the unit of charge on the atomic 
scale and is given the symbol —e (but note that e is also used 
to represent the electron itself). The neutron has no charge. 
Thus, the proton has unit mass and unit positive charge, the 
neutron has unit mass and zero charge while the electron has 
negligible mass and unit negative charge. The exact values 
are given in Table 2.1, but this approximation suffices for 
most purposes. 


TABLE 2.1 Properties of the fundamental particles 


Particle* Charge, coulomb Relative mass 
Proton Ip +е= 1.6022 х 10719 1:007 29 
Neutron jn zero 1.008 660 
Electron _feorB™ —e= — 1.6022 x 10^ !? 0:000 5486 


* The symbols are explained on the next page. The positron has the symbol 


Ve or f. 


The foundation of the modern theory of atomic structure 
was laid by the work of Rutherford on the scattering 
of a-particles by very thin metal targets. He found that, 
when а beam of a-particles (mass = 4, charge = +2e) was 
directed at a target of thin metal foil, nearly all the particles 
passed through the target with scarcely any deflection, a 
few were deflected through large angles, and an even smaller 
proportion were reversed along their paths. These observa- 
tions suggested a model of the atom as a small, dense, 
positively-charged core surrounded by a much larger and 
more tenuously-occupied region of electrons. The a-particles 
are so much more massive than the electrons that they would 
be relatively unaffected when they passed through the outer 
regions of the atoms and deflected only if they came close to 
the core. Since most of the a-particles passed straight through 
the target, which was about a thousand atoms thick, it 
followed that the cores must be very small. When the a- 
particle passed close to a core, it was strongly deflected by the 
charge repulsion, while the occasional particle which hap- 
pened to be heading straight at the core (with a mass and 
charge about thirty times its own) was repelled back along its 
path. The effect is illustrated in a very diagrammatic form 
in Figure 2.1. 

This work has been fully substantiated by later investiga- 
tions. In the modern view, the atom consists of a tiny, dense, 
positively-charged nucleus containing protons and neutrons, 
surrounded by a much larger, more tenuous, cloud of elec- 
trons. Since the electron mass is so much smaller than 
the masses of the other particles, the relative atomic mass is 
approximately equal to the nuclear mass number, 4, which 
equals the sum of the number of protons, Z, and the number 
of neutrons (A—Z) or М. Since there are Z protons, the 
nucleus bears a charge of +Ze and this is balanced by 
having Z electrons surrounding the nucleus so that the atom 
is electrically neutral. Z is termed the atomic number and is 
the most important single property of an atom. 

The volume of an atom is essentially the space occupied by 
its electron cloud, the nucleus filling only a minute propor- 
tion of the whole (about 107 ' of the atomic volume). The 
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radius of an atom is of the order of 100 pm, while the nuclear 
radius is about 107? pm. The radii of molecules extend to 
about 1000 pm, or even more for very complex or polymeric 
species. For comparison, the present-day electron microscope 
can resolve down to about 1000 pm and can thus be used to 
‘see’ molecules of moderate size. 


2.2 Isotopes 

Chemical behaviour is determined by the interaction be- 
tween the electron clouds of atoms whose character, in turn, 
depends on Z, the number of electrons present. That is, the 
atomic number determines the chemical properties of an 
element, and all the atoms of a particular element have Z 
protons in their nuclei and Z electrons. Itis found, however, 
that these Z protons may be accompanied in the nucleus by 
varying numbers of neutrons so that atoms of the same 
atomic number may have different nuclear mass, A. For 
example, chlorine with 7 = 17 has two forms, one with 
eighteen neutrons and nuclear mass 4 — 35, and the other 
with twenty neutrons and nuclear mass 37. Such atoms with 
the same atomic number Z, but with different nuclear mass 
A, are termed isotopes.* Since the chemical properties of an 
element depend only on Z, all the isotopes of an element 
undergo identical chemical reactions although the rates of 
reaction (and other effects which depend on mass) may show 
small differences. These mass effects are negligible except for 
the lightest elements such as hydrogen. The number of 
naturally-occurring isotopes of an element varies widely. 
Some elements such as 2Be, 31Р, or 197 Au are found in only 
one isotopic form while others may form up to ten stable 
isotopes. For example: 


Element ZA 

Cadmium 48 106, 108, 110, 112, 113, 114, 116 

Tin 50 119,114, 115, 116, 117, 118, 119, 120, 122, 124 
Tellurium 52 120, 122, 123, 124, 125, 126, 128, 130 

Xenon 54 124, 126, 128, 130, 131, 132, 134, 136 


This illustrates that, as well as isotopes with the same Z value 
and different A values, there also exist atoms with the same 
mass numbers but differing atomic numbers. Such atoms are 
called isobars. One example is provided by the isotopes of 
tin, tellurium, and xenon of mass 124 which are underlined 
in the table. Isobars are of less importance to the chemist than 
are isotopes. 

The nuclear mass, as determined chemically, is the mean 
weight of the naturally-occurring mixture of isotopes. 'Thus 
chlorine, which consists of 75:4 per cent 35C] and 24-6 per 
cent 37Cl, has a relative atomic mass of 35-453. Very 
extensive studies have shown that, where elements are not 
involved in natural radioactive decay processes, the isotopic 
composition and relative atomic mass of samples from 
widely varied sources is nearly always constant. The excep- 
tions are those elements, e.g. copper and lead, with variable 


* These nuclear properties are commonly shown by left sub- and super-scripts 
on the element symbol: 2X. Thus the a-particle, which is the helium nucleus, 
is written $He?*. (The alternative form, zX^ is also found, especially in 
American publications.) 


FIGURE 2.1 Rutherford's experiment 
Diagrammatic representation of the deflections observed when a 
beam of alpha-particles hits a metal target. 


isotopic composition in naturally obtained samples, and also 
lithium, boron, and uranium in which an isotopic separation 
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may result from methods used in commercial preparation of 


a sample. 


2.3 Radioactive isotopes and tracer studies 

Only certain combinations of protons and neutrons form 
stable isotopes. If the neutron/proton ratio becomes too large 
or too small, the nucleus is unstable and radioactive, and 
some nuclear process takes place to restore the balance. For 
example, the isotope of hydrogen of mass three called tritium, 
3H, has too many neutrons to be stable. It spontaneously 
converts a neutron into a proton by emitting a negative 
electron to form a helium isotope, 3He. This type of process 
is written out as a nuclear equation; in this case 


3H =_%e+3He 


(In nuclear equations, both the charge on the nucleus and the 
mass are shown and each of these quantities must balance.) 
The converse case is illustrated by magnesium-23 which 
has excess protons and converts a proton to a neutron by the 
emission of the positive electron to form a sodium isotope: 


23M. m 0.523 
12 Ме =41e+11Na 


Nuclei аге not stabilized only by electron emission: other 
ways include the emission of an alpha-particle or the capture 
of an orbital electron (K capture). Sometimes a nucleus is so 
farfrom a stable ratio of protons to neutrons that the daughter 
nucleus produced by the first radioactive decay step is itself 
unstable and rearranges, and this process continues until a 
stable nucleus results. 

All the atoms in a sample of an unstable material do not 
undergo a nuclear reaction simultaneously and instantane- 
ously. It is found that a particular radioactive isotope is 
characterized by a half-life, given the symbol /,, which is the 
time in which half the atoms present in a given sample have 
undergone transformation. Half-lives range from minute 
fractions of a second to millions of years. The half-life is a 


10 THE ELECTRONIC STRUCTURE AND THE PROPERTIES OF ATOMS 


constant, characteristic of the isotope, and is not varied by 
any change in the environment of the atom. For tritium, 
ц = 12-4 years and for magnesium-23 it is 11-6 seconds. A 
very long half-life is found for uranium-238 (4 = 4-5 x 10° 
years) while the half-life of carbon-14 (1, — 5730 years) is the 
basis of an important method for dating historical and 
prehistorical materials. 

Since all the isotopes of an element have identical chemical 
properties, it is possible to study the course of many reactions 
by using an element in an isotopic form other than the natural 
one. To choose a very simple example, it could be shown that 
an acid ionizes in water by dissolving it in ‘heavy water’ 
formed from the isotope of hydrogen of mass two (heavy 
hydrogen or deuterium, 7H, often given the special symbol 
D). When the acid is recovered from solution all the 
ionizable hydrogen atoms in the molecule will have been 
replaced by deuterium ions which are present in great excess 
in the solution. For example, acetic acid —CH4COOH — is 
recovered from heavy water as CH,;COOD, showing that 
only the carboxylic hydrogen atom is acidic. 

Radioactive atoms may be detected, by means of their 
characteristic radiations, in extremely small amounts and 
are therefore valuable for tracer studies such as these. One 
illustration is provided by a recent study of hypophosphorous 
acid, НРО. When this is dissolved in heavy water, only one 
of the three hydrogen atoms is replaced rapidly by a deuter- 

ium atom and this confirms that the other two hydrogen 
atoms are directly bonded to the phosphorus atom and do 
not ionize: 


E OH H OD 

Р 4D = P +HDO 
ZN VAN 
H о H (0) 


However, when the radioactive form of hydrogen, tritium, 
was used to study the exchange, a further, very slow, reaction 
was discovered in which the hydrogen bonded to the phos- 
phorus atom exchanged with the solvent by means of an 
isomerization reaction: 


H Q^ o Б P. р: H HM x 
b m d ^4 Т.О М, 
p" slow S fast g S "slow A чын 
н [9] OH OT 


Theory of the Electronic Structure of 
Hydrogen 


2.4 Introduction 

As the chemical properties of elements depend on the inter- 
action of the electron clouds of their atoms, any fundamental 
theory of chemistry must start by examining the electronic 
structure of atoms. The remainder of this chapter is devoted 
to this theme while the succeeding ones discuss the ways in 
which the electron clouds interact in the formation of mole- 
cules and ions. The modern theory of atomic structure 


based on the work of Heisenberg and Schródinger— 
attempts to describe the shape and arrangement of the 
electron clouds and to calculate the energy of any given con- 
figuration of electrons. If this aim could be carried out com- 
pletely and accurately, the result would be a complete 
description of chemical phenomena derived purely from 
theory—and perhaps the end of chemistry as an experi- 
mental science! Thus, the course of a reaction or the shape of 
a molecule could be derived entirely from theory by calculat- 
ing the energies of all the alternatives and then choosing thc 
most favourable. The present state of theoretical chemistry is, 
perhaps fortunately, far from this idealized position. It is not 
possible to carry out calculations using theory alone for any 
systems other than the simplest. The difficulties are formid- 
able as the energy of a reaction is a relatively small difference 
between two large quantities. For example, hydrogen atoms 
combine to form hydrogen molecules in an extremely 
vigorous and exothermic reaction: 


2H = Н, 


The theory yields a value for the total electronic energy of the 
atoms or molecules. This is the gain in energy when, in this 
case, two protons and two electrons are brought from infinite 
separation to form the two hydrogen atoms on the left of the 
equation or else the hydrogen molecule on the right. The 
energy of formation of hydrogen molecules from hydrogen 
atomsis the difference between these total electronic energies : 
2652 kJ mol”! for 2H and 3109 kJ mol! for H;, equal to 
434-3 kJ mol`! after allowing for minor effects. It can be 
seen that, even in this simple case, an error of one per cent in 
each of the total electronic energies can produce an error о! 
about thirteen per cent in the resultant energy of formation. 

In general, the total electronic energies of the reactants and 
products are much greater, and the energies of reaction are 
smaller, than in the case of hydrogen. Consider, for example, 
the question whether carbon and hydrogen combine as: 


(a) Сонау + Н вак oe СН, (вазу 
or (b) Сонау +29 въ = СН) 


The total electronic energy of methane has been calculated аз 
104 850 kJ mol ^ ' and this differs from the experimental value 
by about 13 per cent, 1360 kJ mol~!. On the other hand, the 
difference in the heats of the reactions (a) and (b) is less than 
42 kJ mol ^! (in favour of the formation of methane). It can 
be seen, therefore, that the accuracy of the theoretical calcu- 
lations must be improved about a thousandfold before they 
are of value in a priori predictions. 

The great value of the theory of the electronic structure of 
atoms and molecules in its present form lies, not in its use for 
absolute calculations, but in the correlation and rationaliza- 
tion it provides for a great mass of experimental results. In 
current theory, much use is made of experimental data (such 
as bond lengths and angles) to help to simplify and solve the 
equations and these solutions in turn help to suggest further 
experimental work. This provision of a wide, stimulating, 
and flexible theoretical framework and the strong interaction 
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between theory and experiment has been one of the most 
exciting and vital aspects of chemistry in the last few decades. 
In the next few sections an attempt has been made to outline 
the basic steps in this theory. 


2.5 The dual nature of the electron 

Before examining the electronic structure of the atom, two 
important properties of the electron itself must be discussed. 
These are: 

(i) the dual nature of the electron which partakes of the 
properties both of a particle and of a wave, and 

(ji) the effect of Heisenberg's Uncertainty Principle when 
applied to the electron. 

The classical picture of the electron is of a tiny particle 
whose position in space can be accurately defined by its 
co-ordinates x, у, and z. Its motion in an atom is then de- 
scribed by the variation of (x, y, 2) with time. This was the 
way in which Rutherford and Bohr described the atom on a 
‘planetary’ model with the massive central nucleus and the 
light electrons moving in ‘orbits’ around it. However, it was 
shown in the nineteen-twenties that moving particles should 
behave in some ways as waves and that this effect should be 
particularly marked for a particle as light as the electron. 
Experimental support for this prediction was soon found. It 
was shown, for example, that a beam of electrons could be 
diffracted by a suitable grating in exactly the same way as a 
beam of light. These wave properties were introduced into 
the theory of atomic structure by Schrédinger in his wave 
mechanics in which the electron in an atom is described by a 
wave equation. 

The Uncertainty Principle places an absolute limit on the 
accuracy with which the position and motion of a particle 
may be known. A formal statement is that the product of the 
uncertainty in the position Ax and of the uncertainty in the 
momentum Ap ofa particle cannot be less than the modified 
Planck’s constant, А/2л. (Planck’s constant h= 6:6261 х 
103% Js.) That is AxAp  h/2z. This limit is so small that the 
uncertainty is negligible for normal bodies but it is large for a 
particle as light as the electron. As a result, the idea of the 
electron’s having a definite position (for example, of its 
following a definite orbit) must be replaced by the concept of 
a probability distribution for the electron. In other words, 
the answer to the question, ‘where is the electron in an atom?" 
becomes a statistical one. 

When both these concepts—the wave nature of the elec- 
tron and the Uncertainty Principle—were taken into account, 
it was found that a satisfactory description of an atom 
resulted from Schródinger's Wave Equation whose solutions, 
named wave functions, were given the symbol y. The value 
of the square of the wave function at any given point 
P(x, y, z) — written W(x, y, —gave the probability of finding 
the electron at P. i? is sometimes termed the probability 
density of the electron. Put in rather crude terms, the old 
particle-in-an-orbit picture of classical atomic theory is re- 
placed in wave mechanics by an electron ‘smeared out’ into a 
charge cloud, and the function V? describes how the density 
of the charge cloud is distributed in space. 


2.6 The hydrogen atom 
The theory of wave mechanics may now be examined in 
more detail for the simplest case, the hydrogen atom, where 
there is only one electron moving in the field of a singly- 
charged nucleus. Once the hydrogen atom is understood, the 
results for more complex systems may be derived similarly. 
The time independent form of the Schródinger Wave 
Equation for the hydrogen atom looks like this:* 


—h? e 
827m tage = (ад)? 


In this expression, e and m are the charge and mass, respec- 
tively, of the electron, h is Planck's constant, r is the distance 
from the nucleus which is taken as the origin of coordinates, 
W is the wave function, €g is the permittivity of a vacuum and 
Eis the total energy of the system. This equation looks rather 
formidable but it is just a statement in wave-mechanical 
terms of the principle of conservation of energy. The del- 
squared term corresponds to the kinetic energy, the term 
— ehjj[r is the potential energy (the attraction between the 
charges on the electron (—e) and on the nucleus (+e) at a 
separation r), while the right hand side of the equation is the 
total energy. 

A number of wave functions which satisfy equation (2.1) 
may be found. These are written Yi, V2, Wz, etc. and are 
called orbitals by analogy with the orbits of the old planetary 
theory. To each solution or orbital there corresponds a 
certain value— E,, E, Es, etc.—of the total energy of the 
system. That orbital, say V, which corresponds to the lowest 
value of the total energy describes the electron distribution in 
the normal, most stable state of the hydrogen atom (called 
the ground state), and this is the orbital where the electron 
density is concentrated most closely to the nucleus. The 
expression for the ground state orbital is: 


1 
y, =———ъзуехр(—!/@)....... eee (2.2) 
©. Г) P Ч 
where ay = 0:529 A = 52:9 pm is the atomic length unit or 
Bohr radius. The corresponding energy £j is: 


E, = —e?/8m€ a9 = —1310kJ mol”! (2.3) 
—13-60eV 


The other solutions to the wave equation describe states of 
hydrogen of higher energies than the ground state (called 
excited states) where the electron is in one of the orbitals 
concentrated further out from the nucleus. The hydrogen 
atom will be excited from the ground state to one of these 
higher-energy states if it absorbs energy, equal in amount to 
the difference between E, and the value of Е of the higher 
orbital, which will promote the electron to this higher 
orbital. This energy absorption may be observed in the 
electronic spectrum of the hydrogen atom and the frequencies 
of electromagnetic radiation absorbed give experimental 
*V? is an abbreviation for д + e * 2 where (x, y, Z) are the space- 

дї ду? az” ig жй 


coordinates of the electron. It is read 'del-squared'. 
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FIGURE 2.2 The spectrum of hydrogen 

This diagram shows the Balmer series in the visible spectrum. 
Transitions to upper states become increasingly close together until 
the continuum on the right of the diagram is reached. The Lyman, 
Paschen, Brackett, and Pfund series have similar appearances. The 
line labelled a, for example, results from the transition between E and 
E, while that labelled P is the transition between E; and £4. 


values for the various energy states Ej, E», Es, etc., of the 
atom, which agree very well with the calculated E values. 
Thus Figure 2.2 shows that part of the hydrogen atom spectrum 
which involves transitions between E, and higher levels Ез, E4, 
Es, etc. 

The wave equation (2.1) for hydrogen holds for all other 
‘hydrogen-like’ species, that is for those with only one elec- 
tron such as Не? or Li? + . The only modification to equation 
(2.1) required is to allow for the different nuclear charge Z 
in the potential energy term. Thus the general form of the 
wave equation for hydrogen and hydrogen-like atoms is: 


=, Ze 
gra V que e B ке» ш. (2.4) 


and the solutions are exactly the same as for hydrogen except 
that the value of Z will carry through the working. 
Since the value of Y? times unit volume at a given point P 
(x, у, 2) is the probability of finding the electron in that 
volume at P, it follows that acceptable solutions of the wave 
equation must have certain properties. Suitable functions 
must, for example, be single-valued at all points P as there 
cannot be two or more answers to the question *what is the 
probability of finding the electron at P? Similarly, iy must be 
continuous and finite. Further, the total value of yj? summed 
over all the points in space (i.e. [bs 2 V? dx dy dz) must equal 
one, since the probability of finding the electron somewhere in 
space must be certainty (which is unity by definition). The 
result of these restrictions is to limit the acceptable solutions of 
the wave equation to those which can be determined by 
three quantum numbers n, / and m which may take only those 
values shown in Table 2.2 
A set of three quantum numbers is required to describe 
cach orbital. Thus the ground state of the hydrogen atom 
(equation 2.2), has the electron in the orbital where n = 1, 
1 = 0, m = 0. These quantum numbers arise naturally in the 


TABLE 2.2 The quantum numbers л, l, and m 


Quantum number Allowed values 
n 1,434, Ope were 
1 (n—1), (n—2),....2,1,0 
m +l, +(/—1), +(l—2),....2, 1,0, —1, —2, 


..— (l-2), – (1—1), —4 


course of the mathematics because of the requirement that 
acceptable solutions are well-behaved functions. This is in 
contrast to the older theory where the quantum numbers had 
to be added, apparently arbitrarily, to the classical descrip- 
tion. The detail of these calculations is too complicated to be 
shown here but the interested reader is referred to the 
sources cited at the end of the book. 

When the complete set of allowed solutions of the wave 
equation is examined, it becomes apparent that the orbitals 
fall into families. The first type, of which y; is an example, is 
of the form y = f(r). In other words, the value of the wave 
function, and hence of its square, the probability of finding 
the electron, depends only on the distance from the nucleus 
and is the same in all directions in space. These orbitals are 
spherical and they correspond to the cases where the quanturn 
number / (and therefore m also) is zero. Orbitals are usually 
designated by a number equal to the value of n, and a letter 
corresponding to the value of / as follows: 


(20,112,945, e ases 
CUP o 08 T a TER 


where the rather odd selection of letters at the beginning 
arises for historical reasons. Thus these orbitals which are 
functions of r only and have / = 0, are s orbitals and y, is the 
15 orbital. There is an s orbital for each value of n and they 
increase in energy as n increases (see Table 2.3 and Figure 
2.4). 

A second type of solution to the wave equation has the 
form y = f(r) f (x). Clearly these orbitals now have direc- 
tional properties and will have different magnitudes in the 
tx direction than in the rest of space. There are two 
other exactly similar types of orbitals, y = f(r) f(y) and 
V = f(r)f(z) which are concentrated in the J and z 
directions respectively. The most stable representatives of 
these orbital types for hydrogen are: 


V. = k. x exp (—/2а,) 
Wy = k. y exp (—1/2ap) 
V. = k. z exp (—1/2ap) 


where k is a constant compounded of a number of funda- 
mental constants. These three orbitals are equal in energy 
and for each of them: 


E= eS Renan ае ен (2.6) 


This equality of energy for orbitals of this second type, in sets 
of three, is generally true. The three orbitals are entirely 
equivalent except for their direction in space.* They have 
1 = 1 and are therefore p orbitals. The set of lowest energy in 
hydrogen, W,, Wy and W,, are 2p orbitals.t It follows from 
Table 2.2 that the p orbitals must occur in sets of three for 
each value of n as, when | = 1, т may take the three values 
+1,0, —1. 

The theory requires only that there should be three 
independent p orbitals and any set of three may be chosen. It 


*Such a set of equal energy levels is termed degenerate, 
1Since | = n— 1, there are no p orbitals for n = 1, 
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is usually most convenient to choose the above set, V, V, and 
W., which coincide with the co-ordinate axes but different 
sets of three p orbitals may be useful on occasion. For 
example, a set making different angles with the axes may be 
chosen and these will be formed from appropriate combina- 
tions of Yx, фу, and w,. In particular, it should be noted that 
Wx, Wy, and y, do not correspond directly to the m values, 
+1 and 0. On the normal convention of axial directions, the 
z-orbital is that for which m = 0 but the two orbitals for 
which m = +1 have to be rearranged to give the two 
orbitals y, and y;,.* There are further sets of higher energy f 
orbitals for the higher n values. These 39, 4p, 5p, etc., sets of 
orbitals again contain three independent orbitals of equal 
energy. 

The next type of solution of the wave equation to be con- 
sidered is the set of orbitals which are functions of two direc- 
tions as well as of r, of the type V = f(x) f(y) f(r). Such 
orbitals have / values equal to two and there are five inde- 
pendent orbitals of equal energy in a set, corresponding to the 
five m values, +2, +1, 0. These are d orbitals and, since five 
values of m can only arise when n — 3 or more (Table 2.2), the 
lowest energy dorbitalsare the 3dset. The 4d, 5d, 6d, etc., orbitals 
are of progressively higher energy and each set contains five 
orbitals of equal energy. 

When /= 3, the 7 possible m values give rise to the 7 X 
orbitals and these arise when 7 is 4 or more. Likewise g, h, 
orbitals etc. are possible, but the known elements are 
accounted for without such orbitals being occupied. The 
primary interest in introductory chemistry lies in the 5, p, and 
d orbitals. Table 2.3 lists all the orbitals with n values up to 
four. 


TABLE 2.3 Atomic orbitals with n values up to four 


Number of levels 
n l m Symbol with this n value 
1 0 0 ls 1 
2 0 0 25 4 
1 +1,0 2p 
3 0 0 3s 9 
1 +150 3p 
2 +2, +1,0 3d 
4 0 0 4s 16 
1 +1,0 4p 
2 +2, +1,0 4d 
3 +3, +2, +1,0 4f 


ED MEI eee ee ae 

It is convenient to change from Cartesian co-ordinates (x, y; 
z) to polar coordinates (r, 0, ф). This does not alter the 
principles but simplifies the mathematics and makes it 
possible to separate the wave functions expressed in polar 
coordinates into a radial part involving only r, the distance 
from the nucleus, and an angular part /(0, ф) which expresses 
*When the direction of a p orbital is to be distinguished a subscript is added 
to the symbol. For example, the orbitals of equation (2.5) are respectively, 
Pas b, and р. 


the directional properties of the orbitals. Conventionally, 0 is 
the angle from the z axis and фіѕ the angle from the x axis. The 
relations are 


rsin Ө cos $ 


rsin ô sin $ 


ii 


rcos Ө 
ety +? 
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x 
М 
r? 


\! 


Equations (2.5) then have the form 
V, = Kir(exp— r[2ag).cos 0 
V, = K.r(exp — r[2ao).sin Ө cos ф (2.7) 
y, = K.r(exp— r[2ag).sin Ө sin ф 


The Е values are products of fundamental constants. If the 
nuclear charge is Z, but only one electron is present, that is, if 
the atom is hydrogen-like, then Z enter into the constants, 
and the exponential term becomes exp (— Zr[2ag). 

In hydrogen and hydrogen-like atoms, the energy of the 
electron depends only on the n value of the orbital in which 
it is found. That is, the order of energies is: 


ls < 2s = 2p < 35 = 3p = 3d < 4s = 4p = 4d = 4f 
< 5s = 5p = 5d = 5f <............ 


The electron in the ground state is in the ls orbital and is 
found in one of the higher energy orbitals only if the atom has 
been excited by the absorption of energy. The lowest excited 
state is where the electron is in an orbital of n value = 2, and 
this corresponds to the absorption of energy equal to 
(e]Bnegag— €? |32n€gag, (see equations 2.3 and 2.6) which 
equals 10-20 eV (984-3 kJ mol” *) or absorption of radiation 
of wave number 82 273 cm ^. The energies required for 
excitation to higher states can be calculated similarly. 

These excitations can also be observed experimentally in 
thespectrum of hydrogen and the first major test of the theory 
to be applied was to see if the experimental and theoretical 
energies matched. The electronic spectrum of hydrogen was 
observed many years before the development of Schródin- 
ger's theory, or before Bohr's earlier theory, and both theories 
do give energy levels which agree with the observed ones. 
Schródinger's theory also gives close agreement for many- 
electron atoms where Bohr's theorv is less successful. 

If electromagnetic radiation consisting of a continuous 
range of frequencies—‘white’ radiation—is shone on to an 
absorbing system, then those frequencies which correspond 
to the difference, AE, in energy between two states of the 
system will be absorbed. (The relation between energy and 
frequency, v, is E = Av.) Thus the absorption spectrum shows 
lines at frequencies which correspond to energy level differ- 
ences in the irradiated species. Lines at the same frequencies 
may be emitted when the species return from the higher to 
the lower energy level and it is easier, for atoms, to observe 
this emission spectrum. When the hydrogen spectrum is 
examined several series of lines like that in Figure 2.2 are 
observed. Each series is named after its discoverer. They fall in 
the ultraviolet, visible, or infrared regions and cach is similar in 
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FIGURE 2.3 Energy level diagram for hydrogen 

Energy level diagram showing the transitions corresponding to the 
various series of lines in the electronic spectrum of hydrogen. The 
transitions are lettered corresponding to the different series of lines 
in the hydrogen spectrum: (a) Lyman, (b) Balmer, (c) Paschen, 
(d) Brackett, (e) Pfund. 


showing lines which become progressively lessintense and closer 
together towards higher frequencies. They all show an upper 
frequency limit for line absorption, above which continuum is 
observed. In each series the wave numbers ў of the lines fit the 
general formula: 


y = R(1/m? — 1/т'2). 


In this formula, m has an integral value which is different for 
each series of lines while m' = (m+ 1), (m+2),(m+3)....00. 
R is a constant, the Rydberg Constant, which equals 
109 740 стт! approximately. The values of m and examples 
ofthe transitions for the various series are shown in Table 2.4. 
These various series may be portrayed on an energy level 
diagram, as in Figure 2.3, where the zero value for the energy 
is taken as the start of the continuum corresponding to 
m' = oo. The correlation between this diagram and the 
electronic levels of the atom, as derived from the wave 
equation, is obvious. The states whose line spectra correspond 
to m — 1, 2, 3,.... are those whose n quantum number 
takes the values, 1, 2, 3,.... respectively. The transition in 
the Lyman series corresponding to 


ў = R(1/1? — 1/22) 


(i.e. with m = 1, т’ = 2) is the transition from the 1s level to 
the 2s (or 2p) level. The Lyman series corresponds to transi- 
tions from the ground state, 15, to levels with higher n values; 
while the Balmer, Paschen, etc., series, for which m — 2, 3, 
etc., respectively, correspond to transitions when electrons 
which were already excited are further excited to higher 


TABLE 2.4 The electronic spectrum of hydrogen 


Series т m y Corresponding orbital description 
Lyman 1 2 82 303 n=l1—>n=2 

3 97 544 п= 1 эп = 3 

4 102 879 п= 1 эп= 4 

oo 109 737 Total electronic energy when 


electron is in the 15 orbital: 
dissociation energy for the 
ground state 


Balmer 2 3 15 241 п= 2 эп = 3 
4 20576 п= 2 эп = 4 
оо 27434 Total electronic energy when 
electron is in 2s or 2p orbitals 
Paschen 3 4 5 334 п= 3 әп = 
5 7 803 п= 3 эп = 
оо 12 193 Total electronic energy when 
electron is in 35, 3p or 3d 
orbitals 
Brackett 4 5 2 469 п= 4 әп = 5 
oo 6859 Total electronic energy when 


electron is in any orbital with 
n=4 


Pfund 5 6 1 341 n=5>n=6 


© 4390 Total electronic energy of H 
atom when electron is in any 
orbital with n = 5 


levels. Thus the frequencies of the Lyman series correspond 
to the energy gaps between the 15 level and the higher levels 
and, in particular, the start of the continuum corresponding 
to m = 00 corresponds to the complete removal of the 15 
electron. Similar transitions from the 2s level are observed 
in the Balmer series, from the 35 level in the Paschen series, 
and so forth. As an illustration of the correlation between the 
calculated and observed energy differences, it is worth calcu- 
lating the transitions in the Lyman series for m' — 2 (equal to 
the 15—2s energy gap) and m = 90, (equal to the energy of 
the 15 orbital with respect to complete dissociation). For 15 
to 2s the value is ў = R(1/12— 1/22) = 3/4x109 740 ст! 
= 82 305 ст! (10:20 eV). The dissociation transition is 
¥ = R/1* — 1/00?) = R = 109 740 ст”! (1361 eV). The 
values calculated from the wave equation agree exactly. 

The Bohr theory gives an equally good correlation with 
experiment for the hydrogen atom but wave mechanics is to 
be preferred for dealing with many-electron atoms. 

The Lyman series occurs in the ultra-violet, the Balmer 
series in the visible, the Paschen series in the near infra-red, 
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and the Brackett and Pfund series in the far infra-red regions 
of the spectrum. 


Many Electron Atoms 


2.7 The approach to the wave equation 
When the wave equation for helium with two electrons and 
Z = 2 is considered, it is found to be more complicated than 
the wave equation for the hydrogen atom both in the kinetic 
energy term and in the potential energy term. As both 
electrons contribute to the kinetic energy there are now two 
del-squared terms, one applying to each electron. The 
potential energy term consists of three parts in place of the 
single term in equation (2.1). In helium there are two 
attractions— between each electron and the nucleus—and 
there is also a repulsion term between the two electrons. 
The wave equation for helium is: 
gue Ze? e 


МУ? +2) -( v= в... 


4n€or, 4пєуз 4m€ori 


where k is a product of universal constants, 7; and ғ; are the 
distances of each electron from the nucleus and т; is the 
interelectronic distance. This increase in complexity adds 
considerably to the difficulty of the calculation. Particular 
difficulty arises when dealing with the repulsion between the 
two electrons. These problems become even more complex 
as the analysis is extended to atoms with larger numbers of 
electrons and it is at present impossible to solve the wave 
equation of a many-electron atom directly. Methods of 
approximation have to be sought and many of these methods 
attempt to get round the problem of the interelectron terms 
by considering only one electron at a time. In other words, 
the many-electron atom is treated as a series of problems 
based on hydrogen-like situations and this, in turn, means 
that many of the results of the last section carry over for 
many-electron atoms with only minor modifications. 

One method of approximation, for example, starts with the 
wave equation for only one of the electrons moving in a 
potential field determined by the nuclear charge and the 
averaged-out field of all the other electrons. This case is then 
like that of the hydrogen atom with a modified value for the 
nuclear charge and may be solved to give a ‘first approxima- 
tion' distribution function for this electron. Each electron is 
considered in turn and a set of first approximation distribu- 
tion functions is obtained. These functions are then used to 
refine the value of the potential field of the nucleus plus 
electrons and then the analysis is repeated giving ‘second 
approximation' functions. The whole process is continued 
until self-consistent results are obtained and a solution to the 
many-electron problem is found using the method for the 
hydrogen-like atom at each step in the calculation. The above 
method is called the self-consistent field method. Other, more 
accurate, approaches are available, some of which start off 
from the self-consistent field answers, but these cannot be 
followed out here. An introduction is given in Coulson's book 
listed in the references. 
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FIGURE 2.4 Energy levels in many-electron atoms 
This diagram shows the relative energy levels of the orbitals at the 
Z values where they are about to be filled. 


Since this and other systems of approximation use hydro- 
gen-like fields, most of the results for the exactly-solved 
hydrogen atom apply in a qualitatively similar form. The 
electron distributions in many-electron atoms are described 
by wave functions y similar to those for hydrogen, and the 
square of the wave function again describes the probability 
distribution of the electron in one of these orbitals. These 
atomic orbitals are defined by the three quantum numbers 
n, land m which are restricted to certain integral values by the 
same rules as for hydrogen, as in Table 2.2. One difference 
between many-electron atoms and the hydrogen atom is that 
the energy of an electron in an orbital depends on / as well as 
on n: that is, the order of energies now includes s < p < d < f 
well asn = 1 < 2 < 3....Asaresult, when there are d and 
f levels corresponding to an л value, these overlap in energy 
with the s and p levels of higher n values. The order of 
energies for a many-electron atom is approximately ls < 2s 
< 2p < 3s < 3p < 4s = 3d < 4p < 5s = 4d < 5р < 6s = 5d 
= 4f < 6p < 7s = 6d = 5f. This is illustrated in Figure 2.4. 
Two points are of importance in this figure: first, that for 
higher n values the ns level is approximately equal in energy 
to the (n— 1)d level and to the (n—2)flevel, and second, that 
the energy gaps between successive levels with the same / 
value become smaller as n values increase. This has important 
effects on the chemistry of the heavier elements. 

Although the energy ofan orbital in a many-electron atom 
depends on both the л and / values, there is no dependence on 
the value of m in the free atom, and the three р orbitals or the 
five d orbitals of a given n value are equal in energy as they 
are in the hydrogen atom. The total electronic energy of an 
atom is the sum of the energies of each electron in its orbital, 
with a correction for the interaction between the electrons. 
The spectra of many-electron atoms are much more com- 
plicated than that of hydrogen, as there are more energy 
levels and some overlap. However, most atomic spectra 
have now been successfully analysed and these give experi- 
mental values of the energy levels which agree with the 
calculated ones. 
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2.8 The electronic structures of atoms 

The electronic structure of an atom may be built up by 
placing the electrons in the atomic orbitals. Clearly, the 
orbitals of lowest energy will be the first to be filled and the 
questions which have to be answered in order to carry out the 
building-up, or auf bau, process аге: 

(i) how many electrons in each orbital? 

(ii) what happens when there are a number of orbitals of 
equal energy, such as the three 2f orbitals? 

The answer to (i) depends on one other property of the 
electron, its spin. This property was discovered during a 
study of the spectra of the alkali metals, when it was found 
that the absorption lines had a fine structure which could be 
explained only if the electron was regarded as spinning on its 
axis and able to take up one of two orientations with respect 
to a given direction. This spin is included in the description 
of the state of an electron by introducing a fourth quantum 
number, m,, which may take one of the two values +4. The 
spin is usually indicated in diagrams by using arrows, f or |. 
The distribution of electrons in an atom is then determined 
by Pauli's Principle that no two electrons may have all four 
quantum numbers the same. Thus the answer to (i) is that 

each orbital, which is defined by the three quantum numbers 
п, l and m, can hold only two electrons and these will have 
m, = +4and —}.Such a pair of electrons of opposite spin in 
one orbital is termed ‘spin-paired’. 

The answer to (ii) is given by Hund’s Rules which may be 
stated: 

(a) electrons tend to avoid as far as possible being in the 

same orbital, 

(b) electrons in different orbitals of the same energy have 

parallel spins. 
The electronic structure of any atom may be worked out 
taking account of these factors as follows: 

1. Orbitals are filled in order of increasing energy. This may 

be remembered from the diagram shown in Figure 2.5 where 
the orbitals corresponding to a given value of n are written 
out in horizontal rows and then filled in the order in which 
they are cut by the series of diagonal lines as shown. This 
device gives an order which is substantially correct, though 
there are a few slight anomalies for heavier atoms. In parti- 
cular, one electron enters the 54 level before the 4f level is 
filled and some uncertainty exists about the distribution of 
electrons between the 6d and 5/ levels in the heaviest atoms. 
2. Each orbital (which is defined by specific values of n, / and 
m) may hold only two electrons with m, = +4. In other 
words, each electron is described by the four quantum 
numbers, n, /, m and m,, which may not all have the same 
values. 

3. Where a number of orbitals of equal energy is available, the 
electrons fill each singly, keeping their spins parallel, before 
spin-pairing starts. 

The use of these rules to build up the electronic structures 
of the elements may be illustrated by a few examples, but 
first two useful notations for describing these structures must 
be defined. A convenient way of showing the electronic 
structures on a diagram is to place cells on each level of the 
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FIGURE 2.5 T'he order of filling energy levels in an atom 
The levels are written out in a square array and filled in the order 
in which they are cut by a series of diagonals as shown. 
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FIGURE 2.6 The electronic structures of the lighter elements 
The electronic structures of the elements where the 15, 2s, and 2p 
levels are being filled, illustrating the aufbau process. 


appropriate part of Figure 2.4, corresponding to the number 
of orbitals in each level. The electrons are indicated by 
arrows and a cell with a pair of arrows shows a filled orbital. 
The diagrams for a number of the lighter elements are shown 
in Figure 2.6. A second notation is to write out the orbitals in 
order of increasing energy and to indicate the number of 
electrons by superscripts. To save this latter notation be- 
coming too clumsy, it is convenient to show the configuration 
of inner, completed levels by the symbol of the appropriate 
rare gas element. Thus, helium is written, He = (15)?, 
lithium is Li = (1s)?(2s)' or Li = [He](2s)! and sodium 
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which is, in full, (15)? (25)? (2p) (3s)! is shortened to Na = 
[Ne] (3s)'. 

The electron in the hydrogen atom is described by the four 
values of the quantum numbers (1, 0, 0, $). Then, in helium, 
the second electron enters the lowest energy orbital (rule 1) 
which is the 1s orbital singly-occupied in the hydrogen atom. 
This second electron must have its spin antiparallel with the 
first (rule 2) and corresponds to the quantum numbers 
(1, 0,0, —4). In the next element, lithium, the third electron 
must enter the next lowest orbital, 2s, as in Figure 2.6. 

The operation of the third rule is illustrated by the case of 
carbon with Z = 6. Starting from the three electrons in 
lithium, the fourth completes the 2s orbital and the fifth 
enters the next lowest level, 2p. The sixth electron then enters 
one of the two remaining empty 2f orbitals with its spin 
parallel to that of the previous electron. The third 2p level is 
occupied in the next element, nitrogen, and not until there is 
a fourth electron to be accommodated in the 2p level—at 
oxygen—does spin-pairing occur in that level. The orbitals 
with n = 2 are completely filled at neon, Z = 10. Sets of 
orbitals with the same value of the n quantum number are 
known as quantum shells and the electrons in that shell which 
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FIGURE 2.7 (a) The electronic structure of iron 
(b) The electronic structure of gadolinium 


is partly filled in a particular atom arc termed the valency 
electrons. 

The rules for deriving atomic structures are further 
illustrated below for some of *he heavier clements. 

Consider first iron, Fe with Z — 26, whose electronic 
structure is shown in Figure 2.7. The first ten electrons fill up 
to the neon structure while the next eight fill the 35 and 3p 
levels, repeating the pattern of the second shell, to form the 
argon core. This accounts for eighteen electrons. Figure 2.4 
shows that the level which comes next in energy to the 3p level 
is 4s which is a little more stable than 3d. The nineteenth and 
twentieth electrons fill the 45 level, leaving six electrons to be 
accommodated in the five 3d orbitals. The first five electrons 
enter these orbitals singly with all their spins parallel while 
the last electron pairs up with one of these. Thus the con- 
figuration is Fe = [Ar]! 3d)°(4s)? with four unpaired spins. 
Note that 3d is now more stable than 4s. 

As a second example, take gadolinium, Gd with Z = 64, 
see Figure 2.7. Continuing from the configuration of iron, 
the next ten electrons fill the 3d and 4 levels to give the con- 
figuration of krypton, Z — 36. The next eighteen repeat this 
pattern in the 5s, 4d and 5р levels giving the xenon (Z = 54) 
configuration. The next level in energy is 6s which is filled by 
the next two electrons and then come the 54 and 4f levels 
which are very close in energy, being almost identical in the 
range of Z values around Z — 60. In the event, the first elec- 
tron enters the 5d level and the last seven electrons in 
gadolinium enter the 4f orbitals. As there are seven orbitals 
in an f level, each one is singly occupied and gadolinium has 
the configuration Gd — [Xe] (4f)" (54)! (6s)? with eight un- 
paired electrons (the single d electron and the seven parallel 
f electrons). As the 5d and 4f orbitals are so similar in energy, 
the elements in this region of the Periodic Table vary in the 
distribution of their electrons between the two. There is never 
more than one electron in the 5d level, but often there is none 
at all. Thus, europium with Z — 63, which precedes gado- 
linium, has the configuration Eu — [Xe] (4f)7 (52)? (65)?. 

The rest of the elements up to Z = 86 complete the 4/, 5d, 
and 6p levels to give the configuration of the heaviest rare gas, 
radon. The next two electrons fill the 7s level and then there 
is a close correspondence between the energies of the 5f and 
6d levels, similar to that between the 4f and 5d levels. Here 
the energy gap is even smaller and there has been consider- 
able difficulty and confusion about the levels being occupied 
in the heaviest elements. The present conclusion is that these 
elements are best regarded as paralleling the 4f ones in filling 
mainly the 5f level, but the first members of the set make 
more use of the d level than their lighter congeners. The full 
electronic structure of all the elements is given in Table 2:5: 


Shapes of Atomic Orbitals 


In the last section, the electronic structures of the elements 
were built up from a knowledge of the energy levels of the 
orbitals derived from the wave equation. Since the chemist is 
primarily concerned with the outermost electrons and these 
are found in s, f, or d orbitals, the shape and extension in 
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TABLE 2.5 The electronic configurations of the elements 


Element 


Hydrogen 
Helium 


Lithium 
Beryllium 
Boron 
Carbon 
Nitrogen 
Oxygen 
Fluorine 
Neon 


Sodium 
Magnesium 
Aluminium 
Silicon 
Phosphorus 
Sulphur 
Chlorine 
Argon 


Potassium 
Calcium 
Scandium 
Titanium 
Vanadium 
Chromium 
Manganese 
Iron 
Cobalt 
Nickel 
Copper 
Zinc 
Gallium 
Germanium 
Arsenic 
Selenium 
Bromine 
Krypton 


Rubidium 
Strontium 
Yttrium 
Zirconium 
Niobium 
Molybdenum 
Technetium 
Ruthenium 
Rhodium 


Electron configuration 


Symbol 2 А, Inner shells Valency shell 
ls 
H І 1-007 94 1 
не 2 4-002 602 2 
25 
Li 3 6:941 Не 1 
Be 4 9-012 182 He 2 
B 5 10-811 He 2 
С 6 12-011 He 2 
N 7 14-006 74 He 2 
[9] 8 15.9994 He 2 
F 9 18-998 403 2 He 2 
Ne 10 20-1797 He 2 
3s 
Na 11 22-989 768 Ne 1 
Mg 12 24-3050 Ne 2 
AI 13 26-981 539 Ne 2 
Si 14 28-0855 Ne 2 
P 15 30-973 762 Ne 2 
S 16 32-066 Ne 2 
Cl 17 35-4527 Ne 2 
Ar 18 39-948 Ne 2 
3d 45 
K 19 39-098 3 Ar 1 
Са 20 40-078 Аг 2 
Sc 21 44-955910 Ar 1 2 
d3 22 47-88 Ar 2 2 
V 23 50-9415 Ar 3 2 
Cr 24 51-996 1 Ar 5 1 
Mn 25 54-938 05 Ar 5 2 
Fe 26 55.847 Ar 6 2 
Co 27 58-933 20 Ar 7 2 
Ni 28 58-69 Ar 8 2 
Cu 29 63-546 Ar 10 1 
7п 30 65-39 Аг 10 2 
Са 31 69-723 Аг 10 2 
Ge 32 72:61 Аг 10 2 
As 33 74-921 59 Ar 10 2 
Se 34 78-96 Ar 10 2 
Br 35 79-904 Ar 10 2 
Kr 36 83-80 Ar 10 9 
4d 5s 
Rb 37 85-4678 Kr 1 
Sr 38 87-62 Kr 2 
Y 39 88-905 85 Kr 1 2 
Zr 40 91-224 Kr 2 2 
Nb 4l 92-906 38 Kr 4 1 
Мо 42 95-94 Кг 5 1 
Tc 43 97-907 2 Kr 6 1 
Ru 44 101:07 Kr 7 1 
Rh 45 102-905 50 Kr 8 1 
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Electron configuration 


Element Symbol Z A, Inner shells Valency shell 
4d 5s 5p 

Palladium Pd 46 106-42 Kr 10 0 
Silver Ag 47 107-868 2 Kr 10 1 
Cadmium Cd 48 112-411 Kr 10 2 
Indium In 49 114-82 Kr 10 2 1 
Tin Sn 50 118-710 Kr 10 2 2 
Antimony Sb 51 121-75 Kr 10 2 3 
Tellurium Te 52 127-60 Kr 10 2 4 
Iodine I 53 126-904 47 Kr 10 2 5 
Xenon Xe 54 131-29 Kr 10 9 6 

4f 5d 6s 6p 
Cesium Cs 55 132-905 43 Xe 1 
Barium Ba 56 137-327 Xe 2 
Lanthanum La ny 138-905 5 Xe 1 2 
Cerium Ce 58 140-115 Xe 2 2 
Praseodymium Pr 59 140-907 65 Xe 3 2 
Neodymium Nd 60 144-24 Xe 4 2 
Promethium Pm 61 144-9127 Xe 9, 2 
Samarium Sm 62 150-36 Xe 6 2 
Europium Eu 63 151-965 Xe 7 2 
Gadolinium Gd 64 157-25 Xe 7 1 2 
Terbium Tb 65 158-925 34 Xe 9 2 
Dysprosium Dy 66 162-50 Xe 10 2 
Holmium Ho 67 164-930 32 Xe 1i 2 
Erbium Er 68 167-26 Xe 12 2 
Thulium Tm 69 168-934 21 Xe 13 2 
Ytterbium Yb 70 173-04 Xe 14 2 
Lutetium Lu 71 174-967 Xe 14 1 2 
Hafnium Hf 72 178-49 Xe 14 2 2 
Tantalum Ta 73 180-9479 Xe 14 3 2 
Tungsten ү 74 183:85 Хе 14 4 2 
Rhenium Re 75 186-207 Xe 14 5 2 
Osmium Os 76 190-2 Xe 14 6 2 
Iridium Ir 77 192-22 Xe 14 7 2 
Platinum Pt 78 195-08 Xe 14 9 1 
Gold Au 79 196-966 54 Xe 14 10 1 
Мегсигу Hg 80 200-59 Хе 14 10 2 
Thallium TI 81 204-3833 Xe 14 10 2 1 
Lead Pb 82 207-2 Xe 14 10 2 2 
Bismuth Bi 83 208-980 37 Xe 14 10 2 3 
Polonium Po 84 208-982 4 Xe 14 10 2 4 
Astatine At 85 209-987 1 Xe 14 10 2 5 
Radon Rn 86 222.0176 Xe 14 10 2 6 

5f 6d 7s 
Francium Fr 87 223-0197 Rn 1 
Radium Ra 88 226-025 4* Rn 2 
Actinium Ac 89 227-0278 Rn 1 2 
Thorium Th 90 232-038 1* Rn 2 2 
Protoactinium Pa 91 231-0359* Rn 2 1 2 
Uranium U 92 238-0508 Rn 3 1 2 
Neptunium Np 93 237-048 2* Rn 5 2 
Plutonium Pu 94 244-064 2 Rn 6 2 


(Contd.) 
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TABLE 2.5 (Contd.) 


Electron configuration 
Element Symbol 2 А, Inner shells Valency shell 

5f 6d 7s 
Americium Am 95 243-061 4 Rn 7 2 
Curium Cm 96 (247) Rn 7 1 2 
Berkelium Bk 97 247) Rn 8 1 2 
Californium Cf 98 (242) Rn 10 2 
Einsteinium Es 99 (252) Rn 11 2 
Fermium Fm 100 257) Rn 12 2 
Mendelevium Md 101 (256) Rn 13 2 
Nobelium No 102 259) Rn 14 2 
Lawrencium Lr 103 (260) Rn 14 1 2 
Unnilquadium Unq 104 (261) Rn 14 2? 2 
Unnilpentium Unp 105 (262) Rn 14 3? 2? 
Unnilhexium Unh 106 263) 
Unnilseptium Uns 107 (262) 


(a) Values for relative atomic masses are based on 1985 revision. Recent 
studies of isotopic composition have shown variations from different sources 
(H, Li, B, C, O, Si, S, Ar, Cu, Pb) or variations introduced by commercial 
isolation (Li, B, U) which limits the accuracy of the atomic mass or 
requires that the isotopic composition of a particular sample should be 
determined. Elements involved in radioactive decay processes (Ar, Sr, Pb, 
Ra) may have different isotopic compositions in different geological 


space of these orbitals is of primary importance. Indeed, the 
general aim of understanding and predicting the shape and 
reactions of ions and molecules may be carried quite a long 
way by qualitative reasoning which is based largely on 
diagrams of the relevant atomic orbitals, as the next chapters 
show. 


2.9 The s orbital 
The solution of the wave equation for the 15 orbital of hydro- 
gen is the wave function given in equation (2.2): 


V, = у (1nag) ехр(—т/а,) 


where r is the distance from the nucleus. The probability 
density of the electron distribution is the square of this wave 
function: 


Vi = l/na) exp(—2r/ay) 


As these expressions are functions of r, the distance from the 
nucleus, only, they are spherically symmetrical around the 
nucleus. As they are exponential functions, it follows that the 
values of the wave function and of the electron density fall off 
smoothly and rapidly with increasing distance from the 
nucleus although they never quite reach zero (see Figure 2.8a). 
The contour diagram which results from joining points in 
space with the same value of y or V? has the general appear- 
ance of Figure 2.8b (where the values decrease outwards 
from the nucleus). As exponential functions never quite fall to 
zero, there is always a finite electron density outside any 
given one of these contour lines but it is possible to include the 
major part of the electron cloud within a boundary surface 
close to the nucleus, and it is common to represent the 


specimens. The other changes are mainly increases in precision. 

(b) Weights marked with an asterisk are those of the commonest long-lived 
isotope of a radioactive element: those in brackets indicate the most acces- 
sible isotope of the heavier elements. 

(c) Relative atomic masses based on ^C = 12-000 0: in SI, *C = 12-0000 x 
1:66057 x 107?" kg. 


orbital by a single boundary contour (as in Figure ?.8c) 
enclosing an arbitrary fraction—say 90 per cent—of the 
electron density. Such a boundary diagram may be used to 
represent the electron density, V?, or it may be the corre- 
sponding diagram of the orbital, y. Since both functions are 
exponential ones, the boundary diagrams for y and i? are 
similar in appearance, that for y being distinguished by 
showing the variation in the sign of the wave function in 
different regions of space (see Figures 2.10 and 2.11 for 
examples, the 15 orbital has the same sign throughout). As 
discussed in the next chapter, a bond is formed by the com- 


y? 


0 05 X0 15 20 


0 05 10 r5 20 
(in ag) (a) i 


r (in ag) 


FIGURE 2.8 The 1s orbital of hydrogen: (a) Plots of Vj, and Ч, against 


r; (b) Contour representation of the \s orbital (c) Boundary contour repre- 
Sentation 
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distance; (r) 
(a) 


FIGURE 2.9 Radial density plots of hydrogen orbitals: (a) 15, (b) 2s, 
(c) 3s, (d) 25, (e) 3p, (£) 34 


bination of atomic orbitals, and the way in which they may 
combine depends on the signs of the various wave functions. 
For this reason, the chemist usually works initially with 
boundary diagrams of the wave functions, V. However, we 
must always remember that we are interested in the electron 
distribution around the nuclei —that is, having decided how 
the wave functions, V, combine, we square the resultant to 
get 7, the probability density of the electron distribution. 

A further important function used in representing an 
orbital is the radial density function, 4nr^y? (r). The volume 
of a spherical shell of thickness dr at a distance r from the 
nucleus is 4x7^dr. Hence, 4nr^ V? (7) dr is the probability of the 
electron's being found at a distance between r and (r4 dr) 
from the nucleus. The plot of the variation of this function 
with distance from the nucleus for the hydrogen 1s orbital is 
shown in Figure 2.9a. The radial density in hydrogen is at a 
maximum at that distance, ao, from the nucleus that Bohr 
calculated as the radius of the most stable orbit in the 
planetary theory. Note that the radial density function is the 
product ofan r? function (increasing from zero at the nucleus) 
and the exponentially decreasing wave function, hence it 
starts at zero at the nucleus and passes through a maximum. 

The s orbitals of higher n value resemble the ls orbital, being 
spherically symmetrical and having the same sign for the 
wave function in all directions. They extend further into space 
and there are changes close in towards the nucleus where 
spherical nodes appear across which the wave function 
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changes sign. As only the outer regions are of chemical 
interest, these nodes are rarely important. They appear as 
minima in the radial density plot; compare for example, the 
hydrogen 2s orbital in Figure 2.9b. The distance from the 
nucleus of the maximum probability increases rapidly to 
about 5.3a for 2s and nearly 14а for 35 so that these orbitals 
are much more diffuse (recall that the total area under the 
curve equals a probability of 1 for each orbital). 


2.10 The p orbitals 
From Table 2.3, the lowest-energy p orbitals are those where 
n — 2, given by equations (2.5) or (2.7) for hydrogen. These 
orbitals do have directional properties, in contrast to the s 
orbitals which are alike in every direction from the nucleus. 
Equations (2.7) allow us to see this directional property most 
readily, as the total wave function may be separated into two 
parts, one a function only of r ( the radial part), and one a 
function of апа $ (the angular part). The radial part falls 
off exponentially from the nucleus, just as for the s orbitals, 
and this mainly determines the energy of the electron in the p 
orbital. For our purposes, the more important component is 
the angular part. For f, this is simply cos 9, the angle with the 
z axis, while р, varies as sin 0 cos ф and p, as sin Ө sin ф, both 
involving the angle to the x axis as well. In Figure 2.10 are 
shown the boundary contour representations of these angular 
parts of the 2 orbitals. Only two regions of space are 
occupied, aligned along the plus and minus directions of one 
axis, the function changes sign across the nucleus, and there is 
a nodal plane through the nucleus where the value is zero. 
The three equations of (2.7) are chosen so that the three 
orbitals are identical apart from their orientation—along the 
z,x, and y axes respectively. Multiplying by the radial part 
does not change this fundamental property of two lobes of 
opposite sign (though the lobes are elongated somewhatintoa 
fat tear-shape) nor does it alter the nodal plane. Thus when 
the wave function is squared to get the electron density, this is 
concentrated in two lobes (as sketched in Figure 2.11) and 
there is zero electron density in the nodal plane passing 
through the nucleus perpendicular to the axis of the lobes. 

Contours join points where the electron density decreases 
outwards by a factor of 4 from one to the next. For effective 
nuclear charges appropriate to B to F, the maximum electron 
density is found at distances ranging from about 0.3 to 1.3 ao 
from the nucleus. 

Thus the p orbitals contrast with the s orbitals in being 
directional and having zero electron density at the nucleus. 
When the radial density function is plotted for the 2p orbital of 
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FIGURE 2.10 Boundary contour representations of the angular parts o the 2p 
orbitals of hydrogen. 
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FIGURE 2.11 Contour representation of a 2p orbilal. 


hydrogen, we find the maximum at 4а (i.e. л?а as predicted 
also by the Bohr theory). For higher values of n, the p wave 
function is similarly oriented in two lobes with a nodal plane 
through the nucleus and there are also radial nodes of zero 
electron density, as shown by Figure 2.9e. As for the higher s 
orbitals, these radial nodes are too close in to the nucleus to be 
of significance in a qualitative treatment and we may 
disregard them. 

Modern calculations are able to give detailed descriptions 
of the electron density in р orbitals for about two-thirds of the 
elements in the Periodic Table, though there are still 
difficulties in dealing with the largest numbers of electrons. 
Some consequences are discussed in section 18.8, here we need 
only the qualitative picture and concentrate on the sign changes 
of Figure 2.10. 


2.11 The d orbitals 

In a similar way, the angular parts of the d orbitals may be 
separated and are shown in Figure 2.12. Multiplying in the 
radial part does not change the basic general character of a 
four-lobed figure with alternating signs, and squaring the 
total wave function to get the electron density changes the 
shapes of the lobes but does not change the basic four-lobed 
character. The radial density function, for hydrogen shown in 
Figure 2.9f, has a maximum at 9a. As for the p orbitals, this 
maximum contracts rapidly with nuclear charge and is found 
about one Bohr radius from the nucleus in the first row 
transition metals. 

In a d orbital, there are two nodal planes at right 
angles through the nucleus and therefore zero electron 
density at the nucleus. The @,› orbital does not fit this 
description and it arises in the following way. The three 
orbitals dey, d,,, and d,, are identical except for their 
orientation in space, and the 4,2 _ , orbital is the same as the 
d,, orbital but rotated through 45 degrees. There are two 
other possible orbitals corresponding to (ће й, ..,; orbital and 
directed along the other two pairs of axes (in an obvious 
notation, d,:.,: and d,:.,;) but these would give six d 
orbitals in all, although there are only five independent 
solutions of the d type to the wave equation. It is easy to show 
that the three solutions of the d,, type are independent while 


FIGURE 2.12 Boundary contour representations of the angular parts of the 3d 
orbitals (note the changes of axes). 


the three of the d,2_,2 type are not. (If the orbital diagrams 
of this latter set of three are superimposed, taking account of 
the signs, the lobes all cancel out.) Any two of the three 
would be acceptable along with the three orbitals of the 
d,y type, but it is convenient to use one of them, say d, уг, 
together with a combination of the other two, 0,2, where: 


Vas = ПЗ (аз Р) 


This gives a satisfactory set of five independent d orbitals апа 
this is the set in common use. Naturally, the z-direction may 
be chosen to suit the situation. For example, if the atom is in 
an external magnetic field, it is useful to have the z-axis 
parallel to the field. The higher d orbitals are of the same 
basic shape as the 3d orbitals. 

It might be noted that the five d orbitals described above 
do not all correspond directly to particular m values. While 
т = O gives d,2, dy, and d,, are are formed from combinations of 
m= tl, and d,, and dg. у> from combinations ofm = +2. 

The f orbitals have shapes reminiscent of the d orbitals but 
with a further nodal plane through the nucleus. For example 
Југ 1$ an 8-lobed figure with three planes at right angles. As 
these orbitals are little used in bonding they need not be 
discussed further. 

The basic shapes of orbitals are unchanged by changes in 
the nuclear charge, although their extensions into space 
depend inversely on the value of Z. Figure 2.13 shows the 
radial density curve for the 1s orbital of helium-like species 
with different values of the nuclear charge. The radius of the 
electron cloud around an atom is the resultant of this con- 
traction of the charge cloud with increasing Z, and the fact 
that orbitals further and further out from the nucleus are 
being occupied as the atomic number rises. There isa general 
increase in atomic size as Z increases, but this change occurs 
in a very irregular manner (compare the plot of atomic 
radius against atomic number in Figure 8.9). The greatest 
jumps in radius come when the outermost electron starts to 
fill the s level of a new quantum shell and there are less sharp 
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FIGURE 2.13 Radial density curves for ions containing two electrons and 
with different nuclear charges 

This plot for isoelectronic ions illustrates the effect of increasing the 
nuclear charge from Z = 1 to Z = 3 on the spatial distribution of 
the electron probability density. 


increases when any new level starts to be occupied and when 
spin-pairing occurs at p* and 4° configurations. 


2.12 The Periodic Table 
As chemical behaviour depends on the interaction of the 
electron clouds of atoms, and especially on the interaction of 
the outermost parts of these clouds, atoms which have their 
outer electrons in the same type of orbital should have similar 
chemical behaviour. For example, a configuration such as 
525? implies the same shape of electron cloud, whatever the n 
values of the orbitals, although the extension of the electron 
cloud, and hence the atomic radius, clearly depends on the 
atomic number. If the elements are arranged so that those 
with the same outer electron configuration fall into Groups, 
the result is the Periodic Table of the elements. The electronic 
configurations of the elements, derived from the theory of 
atomic structure, thus provide the theoretical explanation of 
the Periodic Law first proposed by Mendeléef and by Lothar 
Meyer about sixty years before the electronic theory was 
evolved. 

The Periodic Table reflects the order of energy levels in the 
atoms as they are derived from the wave equation, and the 
form of the Periodic Table follows from the allowed values of 


TABLE 2.6 Periodic Table of the elements 
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FIGURE 2.14 Block diagram of the Periodic Table 


the quantum numbers as given in Table 2.2. This is illustrated 
by the block form of the Periodic Table shown in Figure 
9.14. The different ‘blocks’ hold sets of two, six, ten, and 
fourteen elements; these being, respectively, the elements 
where the 5, p, d, and f levels are filling and these blocks thus 
follow from the number of orbitals of each type which are 
allowed by the quantum rules. The order of the blocks across 
the Table from left to right follows from the general order of 
energy levels: ns < (n—1)d < (n—2)f < np. The modern 
‘long’ form of the Periodic Table is given as Table 2.6. 

It is difficult to realize, nowadays when all this has become 
accepted, just how important a contribution a knowledge of 
electronic structure made to the chemist’s understanding and 
use of the Periodic Table. In particular, the Table produced 
by Mendeléef, based on valency considerations, was in the 
‘short’ form where the transition elements were introduced 
as sub-groups into the main groups of the s and f blocks. This 
practice was justifiable at the time as there are some resem- 
blances, particularly when the transition elements are show- 
ing their maximum valencies, and there were many blanks 
in the knowledge of the chemistry of these elements. As such 
knowledge increased, it became apparent that more anomal- 
ies than analogies were introduced by the short form of 
presentation. The long form removes many of these diffi- 
culties, and the case for its adoption became overwhelming 
when the electronic structures of the elements were worked 
out. There are still a number of minor anomalies. In particu- 
lar, no form of the Table completely reflects the differences in 
the ground state electron distribution between the s and d 
levels among the transition elements, nor those between the 
d and f levels among the inner transition elements (see 
Table 2.5), but these differences have no effect on the 


Groups Rare gas 
wka EHEM AMéMon£ qo rasis 
Period 1 15 Н H He 2 

2 2; Li Be 2 B C N О Е Ne 2,8 
3 3s Na Mg 3p Al Si P S Cl Ar 2,8,8 
4 45 К Ca 3d Sc Ti V Cr Mn Fe Со Ni Cu Zn 4p Ga Ge As Se Br Kr 2, 8, 18,8 
5 5; Rb Sr 4d Y Zr Nb Мо Тс Ru Rh Pd Ag Cd 5p In Sn Sb Te I Xe 2,8, 18, 18,8 
6 6s Cs Ba 5d La* Hf Ta W Re Os Ir Pt Au Hg 6p Tl Pb Bi Po At Rn 2,8, 18, 32, 18, 8 
7 7s Fr Ra 6d Act Ung Опр 
*Lanthanides 4f Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu 
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5f Th Pa U Np Pu Am Cm Bk 


Cf Es Fm Md No Lr 
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TABLE 2.7 Nomenclature of the elements 


Main Group elements (or Typical elements 


or Representative elements) 
Transition elements 
Inner Transition elements 


A and B subgroups 


M (Main) and T (Transition) Subgroups 


The 18 Group system* 


General sections of the Periodic Table 


Those elements with the outermost electrons in the s or p levels—the Groups 
headed by Li, Be, B, C, N, O, F, and He plus H. Sometimes the two lighter 
elements in each group are excluded. 

Those elements where the d or f levels are filling. On the fuller definition of 
Main Group elements, this class then includes the rest of the elements. 

Those elements where an f shell is filling. With this usage, *transition elements? 
is then confined to elements of the d block. 

This terminology is derived from the older short form. The Main and Transition 
elements were divided into subgroups, A and B. In Groups I and II the Main 
Group elements (the alkali and alkaline earth metals respectively) were termed 
A and the transition elements (copper and zinc Groups) were termed B. But 
in the other Groups conflicting usages exist; in one system, the Main Group was 
termed A throughout while in the other,* more common one, it was termed B. 
Thus Group IVB might be the carbon Group of Main elements or the titanium 
Group of Transition elements depending on the author and the reader has to 
check which convention was used. 

This was an attempt to replace the A/B usages by an unambiguous nomencla- 
ture. It has not found official favour since the initials apply only to the English 
terms. 

Now recommended by IUPAC to finally eliminate the problems of ambiguity. 
At present subject to lively criticism as the simpler relations between Group 
number and maximum valency are lost. Use is indicated in Table 2.6. 


In this text we stick by our original view that memorizing the group of elements that belong to a particular number is no easier than memorizing a group 
of elements! Thus we refer to the Periodic Groups either by the accepted trivial names listed below or by the name of the lightest element in the Group. 


Alkali metals* 

Alkaline earth metals* 
Chalcogens* or Calcogens 
Halogens* 

Inert gases or rare or noble* gases 
Rare earth elements* 
Lanthanum series* 
Lanthanides or Lanthanoids* 
Actinium series* 

Actinides or Actinoids* 
Transuranium elements* 
Coinage metals 

Platinum metals 

Noble metals 


Metal and non-metal 


Trivial names for Groups of elements 


Li, Na, K, Rb, Cs, Fr 

Ca, Sr, Ba, Ra 

O, S, Se, Te, Po 

F, Cl, Br, I, At 

He, Ne, Ar, Kr, Xe, Rn 

Sc, Y, La, to Lu inclusive These divisions are not usually strictly observed 
La to Lu inclusive and these three names tend to be used inter- 
Ce to Lu inclusive changeably. 

Ac onwards 

Those elements where the 5f shell is being filled (see Chapter 11). 

The elements following U 

Cu, Ag, Au 

Ru, Os, Rh, Ir, Pd, Pt 

An ill-defined term applied to the platinum metals, Au, and sometimes includes 
Ag, Re, and even Hg. 

These two terms are widely used but it is not clear precisely where the boundary 
between them comes. The term metalloid or semi-metal is often applied to 
elements of intermediate properties such as B, Si, Ge, or As. 


* These usages are approved by the International Union of Pure and Applied Chemistry Rules for Nomenclature of Inorganic Chemistry. 


chemistry of these elements as the anomalies disappear in the based on the electronic structures of the elements but not 
valency states. In fact, all the problems and objections to the reflecting them in every detail, 


long form of the Periodic Table disappear when it is regarded 


A number of special names are given to particular sections 


as a very successful broad generalization about properties, of the Periodic Table. There is, unfortunately, some con- 


THE ELECTRONIC STRUCTURE AND THE PROPERTIES OF ATOMS 95 


TABLE 2.8 Ionization energies of the elements 


Element 


13:6 
14-7 
16:5 
15:6 
16-2 
17-1 
18-2 
20:3 
18:0 
20-5 
15:9 
18:6 
21:2 
21:8 
24-5 
27.3 
11-0 
12-2 
184 
14-3 
16:2 
15:3 
16-8 
18:1 
19:4 
21:5 
16-9 
18-9 
14-6 
16:5 


Ionization energies (electron volts, | eV. = 96-48 kJ mol” 2 


5th 6th 
392 
97-9 552 
114 138 
114 157 
126 158 
167 
65-0 220 
72:7 88-0 
67-8 97-0 
75:0 91-0 
99-2 
65-2 128 
69-3 90-6 
72-4 95 
75:0 99 
79:5 102 
75:5 108 
79-9 103 
82-6 108 
93-5 
62-6 128 
68:3 81-7 
59:7 88-6 
64-7 78:5 
80-4 
50-6 103 
61-2 68 
59 76 
63 81 
67 85 
66 90 
70 89 
72-3 
55:5 108 


739 
185 
207 


281 
114 
124 


161 
119 
125 
129 
133 
139 
134 


155 
103 
111 


127 

94 
100 
105 
110 
116 


954 
239 


348 
143 


196 
151 
157 
162 
166 
174 


193 
126 


162 
119 
126 
132 
139 


(Contd.) 
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TABLE 2.8 (Contd.) 


Element | Ionization energies (electron volts, | eV = 96-48 kJ mol!) 
Ist 2nd 3rd Ath 5th 6th 7th 8th 
Te 9-01 18-6 28-0 374 58-8 70-7 137 
I 10-45 19:1 33-0 
Xe 12:13 21-2 32-1 
Cs 3-89 23-1 
Ва 5:21 10-0 
La 5:58 11-1 19-2 
Hf 6:65 14-9 23.3 33:3 
Та 7:89 16:2 22:3 33-1 45 
үү 7:98 17:7 24-1 35-4 48 6l 
Re 7.88 16-6 26-0 37:7 51 64 79 
Os 87 16:9 25 40 54 68 83 99 
Ir 9:1 16 27 39 57 72 88 104 
Pt 9-0 18-6 28-5 41-1 55 75 92 109 
Au 9-23 20-5 30-5 43:5 58 73 96 114 
Hg 10-44 18-8 34-2 
Tl 6-11 20-4 29.8 50-5 
Pb 7.42 15-0 32-0 42-3 68-8 
Bi 7:29 16-7 25-6 45:3 56-0 88:3 
Ро 8-42 
At 9-2 
Rn 10-75 
Fr 3:98 
Ra 5-28 10-2 
Ас 5-17 12-1 
Th 6:08 11:5 20-0 28-8 


fusion in nomenclature and Table 2.7 lists both the special 
names approved for general use and some of the cases where 
conflicting usages appear in text-books. In this book, Groups 
which do not have a trivial name listed in the table will be 


named by the lightest element of the group—carbon Group, 
titanium Group, etc. 


Further Properties of the Elements 


In this section a number of important atomic properties are 
defined and discussed. 


2.13 lonization potential 

If sufficient energy is available, it is possible to detach one or 
more electrons from an atom, molecule, or ion. The minimum 
amount of energy required to remove one electron from a 
gascous atom, leaving both the electron and the resulting ion 
without any kinetic energy, is termed the ionization potential. 
Since energy has to be provided to remove the electron 
against the attraction of the nucleus, ionization potentials 
arc always positive. The energies required to remove the 
first, second, third, etc., electrons from an atom are its first, 
second, third, etc., ionization potentials. It is clear that the 
successive ionization potentials will increase in size as it be- 
comes increasingly difficult to remove further electrons from 
the positively charged ions. Ionization potentials of molecules 


and ions are defined in a similar way to those for atoms. 
The ionization potentials of atoms reflect the binding 
energies of their outermost electrons and will be lowest for 
those elements where the valency electrons have just started 
to enter a new quantum level. If Table 2.8 of ionization 
potentials and Figures 8.4 and 8.5 are examined, it will be 
seen that the lowest first ionization potentials are shown by 
the alkali metals where the last electron has entered a new 
quantum shell and has its main probability density markedly 
further out from the nucleus than the preceding electrons. 
As a quantum shell fills, on going across a Period from the 
alkali metal, the outermost electrons become more and more 
tightly bound and the ionization potentials rise toa maximum 
at the rare gas element where that quantum shell is com- 
pleted. The stability of the completed shell is also shown 
when the successive ionization potentials of any particular 
element are examined. As electrons are removed from a 
partly-filled shell the successive ionization potentials rise 
steadily, but there is a great leap in the energy required to 
remove an electron when all the valency electrons have been 
removed and the underlying complete quantum shell has to 
be broken. For example, it requires 518 kJ тої! to remove 
the single 2s electron from lithium but, when the closed 1s? 
group has to be broken in order to remove a second electron, 
the second ionization potential shoots up to 7280 kJ mol^' 
Similarly, the successive ionization potentials of aluminium 
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TABLE 2.9 Electron affinities of the elements (after Zollweg) (kJ mol” !) 


(Exothermic changes are taken as negative) 


H 
—745 
Li Be 
— 59-8 — 36:7 
Na Mg 
= 52:2 + 21:2 
K Ca Sc Ti У Сг Mn Fe Co 
—45-4 +186 +705 +193 —608 —935 +935 —445 — 102 
Rb Sr 0 Zr Nb Mo Tc Ru Rh 
(—376) +145 +386 —435 —109 —114 -955 —145 —162 
Cs Ba La Hf Ta w Re Os Ir 
(—367) +464 -531 4608 —144 -—119 -367 —139 —190 
are: 
Ist AI(Ne](35)? (35)! + AI* [Ne] (3s)? 
needs 577 kJ mol”! 
2nd AI*[Ne](32)? > Al? + [Ne](35)! 
needs 1815 kJ mol! 
3rd AP*[Ne]3s! = AP*[Ne] 
needs 2740 kJ mol! 
but 4th AP*[Ne] — AI** [He] (25)? (2p)? 


needs 11 590 kJ mol ^! 


Other examples are shown in the Table of ionization 
potentials. For all atoms the energies required to remove 
electrons from filled shells below the valence shell are so 
great that they cannot be provided in the course ofa chemical 
reaction, and ions such as Li?* or Al** are found only in 
high energy discharges. Thus the energy gap between 
the valence shell and the underlying filled shell, which is 
reflected in the successive ionization potentials, puts an 
effective upper limit on the valency ofan element and this, of 
course, follows from the electronic structures of the elements 
as derived from the wave equation in the early part of this 
chapter. 


2.14 Electron affinity 

'T'he electron affinity is the energy of the reverse process to 
ionization: the uniting of an electron with a gaseous atom 
or ion or molecule. The energy change in this process is the 
electron affinity ofthe species.* Electron affinities are difficult 
to measure experimentally and only a few have been directly 
determined with accuracy. Zollweg has compiled a tabulation 
of first electron affinities corresponding to 


Mate = Mg 


by examining measured and interpolated values normalised 
to the accurately known first electron affinities of elements 
like the halogens and oxygen. These first electron affinities 
are listed in Table 2.9. 

The stability of the rare gas configuration is reflected in 
the high electron affinities of the halogens which are forming 
the anion with the rare gas electronic structure. Conversely, 


*The convention used here is the accepted thermodynamic one of endo- 
thermic changes being positive and exothermic changes negative, the 
opposite convention may be found in older texts. 


B C N о Е Ne 

—]73 -1223 4201 —1413 —3374 +289 

Al Si P s cl Ar 

—193 -131 -685 —1968 —3492 +357 
Ni Cu Zn Ga Ge As Se Br Kr 
-156 -173 —87 -353 -139 -103 -203 — 3241 +405 
Pd Ag Cd In Sn Sb Te I Xe 
—985 —193 +261 —193 —995 —905  —189 —2952 4435 
Pt Au Hg TI Pb Bi Po At Rn 
-247 -270 +186 —304 -995 -915 —127 —270 


the electron affinities for the rare gases, where the extra 
electron in the anion starts a new quantum shell, are all 
endothermic. 

While most of the first electron affinities, shown in Table 
29. are exothermic, the second electron affinities for 
elements forming doubly charged anions are always large 
and positive (i.e. energy has to be provided to add the 
second electron) with the result that the formation of doubly 
(or higher) charged anions requires the net addition of 
energy. For example: 


Opte = Обь 


requires 703 kJ mol". Such values are usually derived 
indirectly from the Born-Haber cycle (see section 5.4). 

It should be noted that the largest exothermic electron 
affinity, that of chlorine, is smaller than the ionization 
potential of caesium which is the least endothermic of any 
atom. The result is that any electron transfer between a pair 
of atoms to form a pair of ions is an endothermic process: 


Cligasy Css) = Св Clas AH = + 12-1 kJ mol”! 


and usually a considerable amount of energy is required: 
eg. lg + Мааз) = Na* Tiga AH = + 180 kJ mol! 


It follows that the formation of an ionic compound from its 
component elements occurs only because of the additional 
energy provided by the electrostatic attractions between the 
ions in the solid. This is further discussed in Chapter 5; 


2.15 Atomic and other radii 

As the probability density distribution of an electron de- 
creases exponentially from the nucleus, it never exactly equals 
zero. There is therefore no unambiguous definition of the 
radius of an isolated atom, though it may be taken as the 
radius of, say, the 95% contour. In a molecule, and even more 
so in a liquid or solid, the electrons are subject to the fields of 
all the neighbouring atoms and their distribution depends on 
the detailed chemical environment. The radius will differ 
from that of the single atom, and will also differ from 
compound to compound, though the latter variation is 
usually relatively small. Furthermore, only the distances 
between atoms (bond lengths) can be measured experiment- 
ally and the radii of the atoms forming the bond have to be 
deduced from these bond lengths. 
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Although the atomic radius is not an exact concept, it is 
possible to compile sets of atomic radii which reproduce most 
of the observed interatomic distances to within ten per cent 
or so. These sets of atomic radii are valuable, as any marked 
discrepancy between the observed bond length and that 
calculated from the atomic radii suggests that there is some 
change in the type of bond or some other effect which should 
be investigated further. Moreover, when working with closely 
related compounds the bond lengths should agree much more 
closely than to ten per cent so that quite small discrepancies 
are meaningful and worth further study. A number of sets 
of values for radii are required depending on the nature ofthe 
bonding —covalent, ionic, or metallic. 


2.15.1 Covalent species 

A set of covalent radii may be derived by starting from the 
experimentally-measured bond lengths in the elements. If 
these bond lengths are divided by two they give reasonable 
values for the radii of the atoms, and then the atomic radii of 
elements which do not form single bonds in the elemental 
state may be deduced from the bond lengths in suitable 
compounds with elements of known radii. A few simple 
examples of the process of building up a set of atomic radii are 
shown below. 


Element Bond length, pm Atomic radius, pm 
Е, 142 = 71 
Cl; 199 Cl= 99 
Br, 228 Br = 114 
I, 267 I = 134 
C (diamond) 154 C= 77 

Bond length, pm 

Molecule Found Calculated from above Difference 
CF, C-F 132 148 16 
CCl, C-Cl 177 176 1 
CBr, C-Br 191 191 0 
CI, C-I 214 211 3 


The agreement between experimental and calculated values 
is excellent for the heavier halogens but less good for fluorine. 
It is found from a wide number of fluorine compounds that 
better general agreement with experiment is found if the 
atomic radius of fluorine is taken as F — 64 pm. This is a 
purely empirical correction chosen to give the best fit with 
experimental data. In a similar way, the value used for the 
hydrogen radius is H = 29 pm although the bond length in 
the H5 molecule is 74 pm. With these and similar empirical 
adjustments to the experimental values the Table of atomic 
radii shown in Table 2.10a was built up. 

Most values calculated from Table 2.10a will agree to with- 
in 20-30 pm with the experimental bond lengths. The dis- 
crepancies are often wider when hydrogen or fluorine are 
involved as is illustrated by the measured values shown in 
Table 2.10b for the halides of the carbon Group elements. 


TABLE 2.10a Atomic radii in covalent molecules, pm 
Be B с N О F H 
89 80 77 70 66 64 29 
Al Si Р S СІ 
126 117 110 104 99 
Zn Ga Ge As Se Br 
131 126 122 121 117 114 
Cd In Sn Sb Te I 
148 144 140 141 137 133 
Hg TI Pb Bi 
148 147 146 151 
B C N O 
Double bond radii 71 67 62 62 
Triple bond radii 64 60 55 


TABLE 2.10b Bond lengths of halides of the heavier elements 
of the carbon group. pm 


Silicon Germanium Tin 
MF, 154 167 ? 
MCl, 201 208 231 
MBr, 215 231 244 
MI, 243 250 264 


A self-consistent and semi-empirical set of values of this 
type is the best that can be done with a single set of figures for 
atomic radii. A number of suggestions have been made for 
modifying the calculated bond length to allow for environ- 
mental effects. One example is the Schomaker-Stevenson 
correction which allows for the polarity of the bond. This is: 


TA-B = тА ув – 0-09|x, —хв| 


where r4. is the bond length, rą and rg are the covalent 
radii, and x, and xg are the electronegativities (see section 
2.16). This formula does improve the agreement between 
calculated and experimental values in many cases, especially 
for fluorides, but the discrepancies are still significant and it is 
probably better to accept the purely empirical nature of the 
atomic radius and seek for other evidence to establish the 
existence of special effects within the bond. 

The discussion above applies only to single bonds. When 
double or triple bonds are present, the bond length is short- 
ened and appropriate values of the atomic radius must be 
used. For example, in ethylene the C=C distance is 135 pm 
and in acetylene C=C is 120 pm, corresponding to a double 
bond radius for carbon of 67 pm and a triple bond radius of 
60 pm. Approximate values for other double and triple bond 
distances may be calculated by using the radii which are 
given in the last two lines of Table 2.10a. It will be 
noticed that the variations in bond lengths due to multiple 
bonding are larger than the uncertainties associated with the 
empirical nature of the set of atomic radii, but not by a very 
great margin. This means that attempts to deduce the bond 
order from variations in the bond length are legitimate but 
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should be treated with some reserve unless closely similar 
compounds are being discussed. 

In addition to the covalent radius just discussed, a further, 
much larger radius called the Van der Waals' radius is 
characteristic of atoms in covalent compounds. This radius 
represents the shortest distance to which atoms which are not 
chemically bound to each other will approach before repul- 
sions between the electron clouds come into play. The Van 
der Waals’ radius therefore governs steric effects between 
different parts of a molecule. Some values of Van der Waals’ 
radii are shown in Table 2.11. 


TABLE 2.11 Van der Waals' radii, pm 


H N о Е 

120 155 152 147 
51 p S Cl 
210 180 180 175 
Ge As Se Br 
195 185 190 185 
Sn Sb Te I 
210 205 206 198 


2.15.2 Ionic species 

For ionic radii, we look for a set of self-consistent values to 
reproduce the observed interionic distances in ionic solids, in 
the same way as covalent radii do in molecular compounds. It 
is more difficult, however, to devise a set of ionic radii as there 
is no obvious way of dividing the observed internuclear 
distances, ryx, in ionic compoundsinto cationic (г) and anionic 
(r_) radii. This is in contrast to the case of covalent or metallic 
radii where there are distances between like atoms which can 
be divided into two. In addition, ionic radii may be expected 
to vary with the environment. This is particularly the case 
with anions as the electrons are generally less tightly held. 
(Consider for example К+ and Cl”. Both have the same 
number of electrons but the positive charge on the potassium 
nucleus is two higher than that on the chlorine nucleus.) 
Careful studies and calculations suggest cations are relatively 
invariable in size, with less than a 3% contraction between 
the free ion and that ion in a symmetric crystal environment. 
By contrast anions vary quite substantially with, for example, 
the radius of Cl~ decreasing from 187 pm іп Gs* Cl" to 
125 pm in Cu*CI^. There are grounds for questioning how 
good the ionic approximation is for compounds like CuCl 
(compare Chapter 5), but for compounds of the s element 
cations M* and M?* (apart from Be^*), a range of about 
17 pm or around 10% is appropriate for halide ion radii. The 
H- ion, with two electrons and a single nuclear charge, 
exhibits extreme variations and is discussed in Chapter 9. 
Overall, we can expect to produce a usable set of cation radii 
for species with rare gas configurations but not for those with 
á electron populations. To go with these, a set of anion radii 
may be chosen which can vary within 10%. As with covalent 
radii, these values are both empirical and experimental. They 
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are useful to (a) systematise a large number of experimental 
observations of inter-ionic distances, and (b) indicate ano- 
malies which might suggest unusual bonding or other interest- 
ing phenomena worth further study. 

There have been two quite different types of attack on the 
problem of dividing up the measured interionic distances into 
anion and cation radii. The older, classical, approach was to 
find some acceptable assumption to act as a starting point, 
and two sets of values produced respectively by Goldschmidt 
and by Pauling in the period 1926—28, are widely used. 

Goldschmidt’s method was to assume that in a compound 
with a large anion and a small cation, such as Lil, the anions 
would be in contact. Then half the I-I distance equals the 
radius of I~. This value is then used, in compounds with 
larger cations such as Nal, KI, etc., to calculate cation radii 
for Na*, K* etc., and these in turn allow the calculation of 
the radii of other anions such as СЇ” or O?-, Finally, the 
radius of Li* is derived from some compound with a small 
anion such as LiCl ог 14,0. This method, with further 
refinements, was used to compile the set of empirical ionic 
radii shown in Table 2.12. The value of 145 pm for oxygen is 
quoted in this set although the lower values of 140 pm or 
135 pm are usually more compatible with transition metal 
values. 

An alternative approach, used by Pauling, was to assume 
that the radii ofisoelectronic ions, such as СІ and К * varied 
inversely as their effective nuclear charge. This then gave a 
way of dividing the experimentally observed M-X distances 
and allowed a different set of internally consistent ionic radii 
to be built up. Either the Pauling or the Goldschmidt radii 
allow a reasonable prediction of interatomic distances in 
crystals but, of course, the two sets of values must not be 
mixed. 

Recent evaluations of ionic radii use experimental evidence 
that was not available in the 1920s, particularly modern X- 
ray diffraction. As X-rays are scattered by electrons, the 
major contribution (see section 7.4) is from the highly 
concentrated inner electrons. Positions of the centres of these 
(and thus of the nuclei) can be observed accurately. The small 
number of outer electrons in the valence levels make only 
small contributions to the electron density map, and su- 
perimposed on these are a number of experimental un- 
certainties and errors, such as those arising from thermal 
motion. 

In a number of cases, careful X-ray analysis has allowed 
these errors to be minimized. When the electron density from 
the inner electrons is subtracted out, positions of minimum 
electron density between the cation and anion may be 
determined and these are used to define cation and anion radii. 
For example, the minima suggest the following ‘experimental’ 
radii: 


Lit = 92pm, Е = 109pm in LiF 

Na*=118pm, Cl” = 164pm іп NaCl 
Mg?* = 102рт, О? —109 pm in MgO 
Ca?* = 126рт, Е = 110рт in CaF). 
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TABLE 2.12 Ionic radii, pm 


Symmetric Ion Radii Crystal Radii 


(Shannon) 
lon Goldschmidt Johnson  C.N.4 6-.8»H 
Lit 68 92 73 90 106 
Na* 98 118 113 116 132 153 
к? 133 145 151 152 165 178 
Rb* 148 156 166 175 186 
Ca*-. 187 168 181 188 202 
Be?* 30 69 4l 59 
Mg?* 65 102 71 86 103 
Ca?* 94 126 114 126 148 
S?* 110 138 132 140 158 
Ba?* 129 140 149 156 175 
Aant 92 53 68 
5625 106 89 101 
yst 114 104 116 
La?* 120 117 130 150 
F- 133 112 117 119 
CI- 181 164 167 
Br ^ 195 179 182 
T- 216 202 206 
O?-  145(135) 116 124 196 128 
52-4190 158 170 
Зе? 202 174 184 
Tet 4.922 192 207 
Cu* 96 74 91 
Agt 126 114 199 142 
Au* 137 151 
Zn^* 89 74 88 104 
Cd?* 103 92 109 124 145 
Hg?* 112 110 116 128 
TI* 149 164 173 184 
Pb?* 133 143 163 


derived but it should be noted that these are average values 
from a relatively wide range and apply only in a symmetric 
environment. 

In what is essentially an update of the classical approach, 
Shannon has thoroughly considered all the factors which 
influence ionic radii including effects of coordination 
number, charge of oxidation state, covalent and metallic 
contributions and distortions, and crystal vacancies. He has 
defined a set of crystal radii, based on О? = 126 pm in six- 
coordination. These relate directly to more traditional radii 
based on O?- = 140 pm by subtraction of 14 pm from the 
crystal radius. We tabulate crystal radii because, in Shannon's 
words, they ‘correspond more closely to the physical size of ions 
in a crystal’. 

Listed in Table 2.12 are Goldschmidt radii representing 
the early lists, Johnson values based on direct measurements 
of electron density minima and usable only for symmetric 
environments, and Shannon values for representative co- 
ordination numbers. In each case the values are optimized to 
give the best fit to observed data. Values from any one set may 
be used to predict new interionic distances, but values from 
different sets must not be mixed. See also Chapter 5 for a 
discussion of the ionic model of solids. 


2.15.3 Metals 

In metals, the environment of each atom is the same, so a set of 
metallic radii may be derived by halving the interatomic 
distances. The structures of metals (see section 5.6) are 
usually close-packed with a coordination number of twelve, 
and the metallic radii listed in Table 2.13 are for 12- 
coordination. Some metal structures involve 8-coordination, 
and Goldschmidt proposed to take 0-97 of the 12-coordinate 
radius as an estimate of the 8-coordinate one. Use of metailic 
radii should be confined to metals and alloys, and similar 


provisos apply to their use as for covalent or ionic 
radii. 


TABLE 2.13 Metallic radii, pm 


It will be seen that these values are internally self-consistent, 
and they add up to give good agreement with other 
experimental interatomic distances (e.g. Ca?* --O?- = 
240 pm: experimental value in CaO = 240 pm). 

On such a basis, Ladd formulated a set of ‘experimental’ 
radii which Johnson has extended beyond directly measured 
cation radii by using the interatomic distance in metals, a, in 
the simple formula for cation radii r4: 


r, = 0:64 x a/2 


The 0-64 is an empirical constant (0-61 is better for first-row 
elements like lithium). Using the directly measured values for 
Lit, Na*, K*, Mg?* and Ca?* together with the formula 
gives the Johnson values listed in Table 2.12 for 'spherical 
potential ions', broadly covering ions in symmetric environ- 
ments. By difference, the corresponding anion radii were 


Li Be 

157 112 

Na Mg Al 

191 160 143 

K Ca Ga Ge 

235 197 153 139 

Rb Sr In Sn Sb 

250 215 167 158 161 

Cs Ba TI Pb Bi 

272 224 171 175 182 

Sc. Ti Vier оома ре *- O5 Ni Cu Zn 
164 147 135 129 137 196 125 195 128 137 
Y Zr Nb Mo Tc Ru Rh Pd Ag Са 
182 160 147 140 135 134 134 137 144 152 
La tHE «Ta W^ Reto) Pt Au Hg 
188 159 147 141 137 135 136 139 144 155 
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When dealing with all these sets of radii it is essential to 
keep in mind that the experimentally determined quantities 
are the inter-atomic or inter-ionic distances which can be 
measured to high accuracy (usually to within a few tenths 
of a picometre). The values listed for the atomic or ionic 
radii are empirical and chosen to give the best fit over the 
widest range of experimental data. As a result, small devia- 
tions between calculated and measured values (of up to 
5 pm or so) are significant only if very critically examined. 
Larger differences (ofthe order of 10 pm) suggest the presence 
of abnormal bonding, either multiple bonds or strong 
polarization effects in covalent compounds, or polarization 
and covalent contributions in ionic compounds. 


2.16 Electronegativity 

One parameter which is widely used in gencral discussion of 
the chemical character of an element is its electronegativity. 
This is defined as the ability of an atom in a molecule to attract 
an electron. to itself. There is no direct way of measuring 
this ability though a number of indirect methods have 
been suggested, such as the proposal of Mulliken who 
defined the electronegativity of an atom as the average of its 
electron affinity and ionization potential (as the electron 

affinity is a measure of the tendency of the atom to gain an 

electron, and the ionization potential indicates its tendency 

to lose an electron). This is the most fundamental of a 
number of proposed definitions of electronegativity and 


ranLE 2.14а Pauling’s values of the electronegativity of elements 


Li Be B С N [9] F 
1-0 1-5 H-224 20 25 зо 35 40 
Ха Mg Al Si Í S Cl 
0-9 1-2 i ore у: 057 30 
K Ca Sc Ti У Сг Mn Fe Со Ni Cu Zn Ga Ge As Se Br 
0-8 1:0 1:3 1-5 IET 1-6 15 1-8 1:9 1:9 1:9 16 16 1:8 20 24 28 
Rb SEF Zr Nb Mo Tc Ru Rh Pd Ag Сі ш Sn Бє CI 
0-8 1:0 1:2 1-4 16 1:8 re 2029 72 1:9 1:7 1:7 1:8 19 21 2:5 
Cs Ba “La НЕ РТР Re Os" Ir Pt Au" ga Pb Bi Po At 
0-7 0:9 1:0 1:3 1-5 1-7 1-9 22729 24 2-4 1-9 1:8 1:9 ro 20 22 
Fr Ra Ac 

0-7 0:9 14 


Lanthanides range from 1-0 to 1-2 
Actinides range from 1-3 to 1-4 


TABLE 2.14b Electronegativity values after Zhang 


H 
12-25 
Li Be B с N о Е 
1095 2145 3195 42:55 305 365 42 
Na Mg Al Si E Б] cl 
1095 212 315 4175 521 6245 27285 
317 420 5235 
K Ca Sc Ti v Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br 
10:9 2105 313 416 520 623 725 624 3175 215 215 2145 3155 418 5205 623 72:55 
314 4185 419 624 317 2145 11:25 ill 214 316 41:85 521 
212 316 31:65 4195 2145 
2135 214 2145 
Rb Sr Y Zr Nb Mo тс Ru Rh Pd Ag Cd In Sn Sb Te I 
10:9 210 312 415 51:75 620 723 419 4185 4185 1115 213 3145 416 5175 61:95 7215 
3135 4165 418 41-8 3165 3165 2145 111 21:25 3145 416 518 
212 315 214 214 2145 2145 
Cs Ba La Hf Ta ү Re Os Ir Pt Au Hg TI Pb Bi Po At 
10-9 210 312 4155 519 62-15 71235 826 419 419 317 21:35 315 4155 517 619 7205 
3145 4175 520 622 623 317 215 1125 112 111 2125 314 416 5175 
213 3155 4185 419 41:95 215 
Fr Ra Ac 
10-9 20:95 31-25 
Lanthanides 41-4 to 1:5 
31-2 to 1-35 
21:05 to 1-2 


Note. Values rounded to 0-05. Oxidation states in boldface. 


— 
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it may be applied where electron affinity values are known. 
However, the values available (such as Table 2.9) are not all 
directly measured, and other measures of electronegativity 
are used. The classic one is the Pauling electronegativity, 
based on bond energies. Despite all attempts at improvement, 
the Pauling values are still the most generally used 
(Table 2.14a). A major difficulty is that the attraction for an 
electron is clearly not expected to be the same for different 
valencies of an element. Zhang has recently proposed a set of 
values, based on covalent radii and ionization potentials and 
geared to Pauling values, which are defined for each of the 
main oxidation states (see section 2.17) of the element. These 
values are one of the more general sets available, though they 
have some deficiencies for the Main Group elements. They 
are listed in Table 2.14b. 

There has been a great deal of discussion, argument, and 
often confusion, about the significance of electronegativity 
values, largely because various authors have used the concept 
with different degrees of sophistication. The electronegativity 
is extremely valuable as a brief summary, within one 
parameter, of the general chemical behaviour of an atom but 
it must be used in a general way and little significance 
attaches to small differences in values between two atoms. 
The most electronegative elements occur in the top right- 

hand corner of the Periodic Table and electronegativity falls 
on going down a Group towards the heavier elements or on 
going to the left along a Period towards the alkali metals. 
Electronegativities are most useful in the guidance they 
give to the electron distribution in a bond. In a bond A-B 
between two atoms, the electron density in the bond may lie 
evenly between the two atoms or be concentrated more 
towards one atom, say B, than towards the other, when the 
bond is said to be polarized. In the limiting case, when the 
electron density of the bonding electrons is entirely on B, 
an electron has been fully transferred from A to B and an 
ionic compound, А? B^; forms. The electron density distri- 
bution in the bond may be predicted from the electronega- 
tivities of A and B. If A and B have the same electronegativi- 
ties, it follows from the definition that A and B attract the 
electrons in the bond equally and no polarization results. If 
B is more electronegative than A, its attraction for the bond 
electrons is the stronger and polarization results, the degree 
of polarization being proportional to the difference in 
electronegativity. A large electronegativity difference favours 
the formation of ions and, as a rough guide, an ionic com- 
pound forms between A and B if they differ in electro- 
negativity by more than two units. Thus elements with very 
high or very low electronegativities are more likely to form 
ionic compounds than those with intermediate values. 

The electronegativity of an element depends on 
the other atoms attached to the one in question. Thus, 
carbon in H4C-X is less electronegative than carbon 
in F4C— X, as the highly electronegative fluorine atoms in 
the trifluoromethyl compound remove more electron density 
from the carbon in the C — F ponds than do the hydrogen 
atoms in the C—H bonds of the methyl compounds. As a 
result, the carbon atom in F4C— X has more tendency to 


attract the electrons in the C — X bond than has the carbon 
atom in H4C - X. It follows that the electronegativity values 
given in Table 2.14 represent the behaviour of the elements 
in an ‘average’ chemical environment and the effective 
electronegativity of an element in any particular compound 
depends in detail on its environment. 


2.17 Coordination number, valency, and oxidation state 


The three terms, coordination number, valency, and 
oxidation state, are used to describe the environment and 
chemical state of an atom in a compound. The three overlap 
somewhat in meaning and application, but the use of each 
has advantages in certain circumstances. 

The simplest term to describe an atom in a compound is 
its coordination number, which is the number of nearest 
neighbours to the given atom, whatever the bonding between 
them. The coordination number is a purely empirical pro- 
perty of the element determined from the structure of the 
compound. This simplicity is the main advantage in the usc 
of the term, as a compound may be described by the co- 
ordination numbers of its constituent atoms, however diffi- 
cult it may be to determine the bonding between these atoms. 
The only difficulty in determining the coordination number 
comes when all the distances between like substituents and the 
central atom are not the same. In some cases, it may be 
difficult to decide whether some distance which is distinctly 
longer than the rest is part of the coordination number or not. 
However, few such cases cause any real problem, and causes 
of asymmetry in coordination are well understood. 

When more information about the atom is required, the 
valency or the oxidation state must be determined. Valency 
is a familiar term and need not be described in detail. 
Basically, it describes the bonding of the atom and it is a 
theoretical term whose use demands more than the experi- 
mentally-determined properties ofthe compound in question. 
This problem is often disguised by familiarity, but it arises in 
an acute form in the many cases where a compound or class 
of compounds is discovered and the structures determined 
long before an adequate theoretical description of the bond- 
ing, and hence the valency, is available. One example is 
nickel carbonyl, Ni(CO)4, which was known for many 
years before there was an adequate theory of its bonding. 
Its structure has been written at various times with the 
nickel-carbon monoxide bond as Ni- C=O, Ni- C=O, 
Ni-C=0 and Ni=C=O implying that the nickel is, 
respectively, eight-, four-, zero- and zero-valent. 

Apart from this type of problem, the valency nomencla- 
ture is sometimes clumsy (just because it gives a more com- 
plete picture of the molecule). For example, cobalt in the ion 
[Co(NH3)6]** has to be described as having a covalency of 
six and an electrovalency of three. There are also occasions 
when the term valency conceals differences in properties. An 
example is given by ammonia, NH, and nitrite ion, NO}. 
In both compounds the nitrogen atom is properly described 
as trivalent and yet it has to be oxidized to pass from one 
compound to the other, and it is more useful in some con- 
texts to discuss ammonia and related compounds such as the 
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amines, R3N, separately from the nitrites and other trivalent 
oxy-compounds. 

Considerations such as the above, led to the introduction 
of a narrower, more empirical term, oxidation number (or 
oxidation state). The oxidation number of an element in a 
compound may be simply determined from a number of 
empirical rules and it is quite independent of the nature of the 
bonding. Obviously, it gives less information about the 
chemical state of the element than does an accurate descrip- 
tion in terms of valency but it is useful and convenient when 
that extra information is not required or available. 

The oxidation number of an atom in a compound is 
defined by the following rules: 

(1) The oxidation number of an atom in the element is zero. 
Gi) The oxidation number of an atom in an ionic compound 
is equal to the charge on that atom (with the sign). 


(iii) The oxidation number of an atom in a covalent com- 
pound is equal to the charge which it would have in the most 
probable ionic formulation of the compound. 

The first two rules are perfectly clear but a little experience 
is required to find the artificial ionic form required by rule 
Gii). The electronegativities of the elements in the compound 
usually serve to make the most probable ionic formulation 
clear, as illustrated by the examples given below: 


More 

electro- 

negative Tonic Oxidation 
Compound element formulation numbers 
ВСІ; СІ B?*Cl; B-IILCI- -I 
SO; [9] 505025 5 = ІУ, O= -Il 
NH; N м-н; H=1,N = -III 
NH; N [N?-Hi]* H=I1,N= -II 
NO; О Mo "N*HEO-— -=I 
СгО2- О [СО P" Gr-VLO- -II 
Cr;027 о Гао ра Cra VEO = -I 


Notice, in the last column, that the sum of the oxidation 
numbers ofthe atoms equals the overall charge on the species. 
Although atoms may be shown with large charges, e.g. GS 
or S^*, this by no means implies the existence of such un- 
likely ions. To make this clear, it is usual to indicate the 
oxidation state by Roman numbers— Cr(VI) or S(IV). 

In nearly all compounds, rules (i) to (iii) are equivalent to 
taking О = — II (except in peroxides), Н = +I (except in 
ionic hydrides), and halogens = — | (except in their oxygen 
compounds). 

Oxidation and reduction are very simple to define in terms 
of oxidation numbers. Oxidation is any process which in- 
creases the oxidation number of an element while reduction 
corresponds to a decrease in the oxidation number. For 
example, the conversion of ammonia to nitrogen involves an 
increase from —III to zero in the oxidation number of the 
nitrogen and is an oxidation by three steps, the conversion of 
ammonia to nitrite involves an oxidation by six steps, while 
the conversion to nitrate involves a change of eight steps to 
nitrogen (V). On the other hand, the change from ammonia, 


NH;, to ammonium ion, NHj, involves no change in the 
oxidation numbers and is not an oxidation. The same applies 
to the change from chromate to dichromate which some- 
times causes trouble in analytical calculations. Further 
examples are provided by the range of nitrogen compounds 
below: 


Oxidation number of the nitrogen Examples 
-III NH, or NH; 
—Il М,Н; 
-I NH;OH 
0 N2 
I N50 or N2037 
II NO 
III N20; or NO; 
IV N20, 
V N50, or NO3 


In complex ions, if the ligand is a neutral molecule like 
ammonia in [Co(NH;)s]?* or water in [Cu(H,O),]?*, the 
metal has an oxidation number equal to the charge, Co(II) 
and Cu(II) respectively. Similarly, nickel in nickel carbonyl, 
МСО) 4, has an oxidation number of zero. If the ligand is 
charged, then the oxidation number of the metal must 
balance with the total charge on the ion: Fe(II) in ferro- 
cyanide, [Fe(CN),]*~, Fe(III) in ferricyanide, [Ее(С№),]? 7, 
or Co(III) in [Со(ХН,) Cl] and in [CoF5]^ . 

The use of oxidation numbers simplifies the calculations 
involved in oxidation-reduction titrations. In the overall 
reaction, the change in oxidation state of the reductant must 
balance that of the oxidant. The reaction stoichiometry is 
thus readily worked out from the oxidation state changes of 
the reactants. A full account of the method is given in the 
standard analytical textbooks but the following examples 
illustrate the approach. Compare also section 6.3. 


The oxidation of arsenite by permanganate in acid solution 
MnO, +AsO3~ to Mr? * + АзО 


The manganese change is from MnO;, where the Mn 
= VII to Mn** with Mn = II; change in manganese 
oxidation state — —5. 


The arsenic change is from AsO3~, where the As= 
III to AsO3~ with Аѕ = V; change in arsenic oxidation 
state = +2. The reaction stoichiometry is therefore: 


2MnO; + 5AsO3~ 


The equation may then be balanced by introducing hydro- 
gen ions and water molecules in the usual way to give: 


2MnO; +5AsO3~ +6H* = 2Mn?* +5AsO3~ +3H,0 
The reaction between iodate and iodide 
IO; 41^ tol, 


In this case, the oxidant and the reductant end up in the 
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same form. In iodate, the iodine is in the V oxidation state so 
that the change in going from iodate to iodine is by —5. The 
change in oxidation state from the —I in iodide to the 
element is by -- 1 and the reaction stoichiometry is there- 
fore: 


IO; +517 
The balanced equation is: 
IO; 4-517 +6H* = 31; -3H;O 


If this reaction is carried out in concentrated hydrochloric 
acid, instead of in dilute acid as above, the final product is not 
iodine but iodine monochloride, ICI, in which the iodine has 
an oxidation state of + I. In this case, the change from iodate 
to ICl is —4 and the change from iodide is 4-2 so that the 
balanced equation becomes: 


IO; +217 +6H* = 31*+3H,0 


As far as most calculations are concerned, only the reaction 
stoichiometry has to be known and the use of oxidation 
numbers in the calculation gives this very rapidly and easily. 

The oxidation state concept breaks down in those cases 

where an ionic formulation is ambiguous. One example is in 
the case of the metal nitrosyls which contain groups, M — NO, 
which could quite validly be formulated in three ways—as 
(NO)*, (NO)^, or with neutral NO groups. Similar diffi- 
culties are encountered in, for example, the hydrides of 
boron or phosphorus where the electronegativities (B = 2-0, 
P = 2-05, H = 2-1) are so close that doubts arise whether to 
write Н? or H^ : in fact, the hydrogen is negatively polarized 
in most boron-hydrogen compounds and positively polarized 
in most phosphorus-hydrogen ones. In organic chemistry, 
also, the oxidation state concept is not very useful ; it is morc 
convenient to discuss reactions such as СН, > CH,Cl in 
terms of substitution rather than in terms of a change in the 
carbon oxidation state. 

The three concepts, coordination number, oxidation state, 
and valency, become less empirical and convey increasing 
amounts of information in that order. 


PROBLEMS 


The reader may best test and reinforce his understanding of 
this chapter by applying the various formulae, and 
manipulating numerical data. A number of cases should be 
worked out, and the questions given below are mostly 
illustrations of the type of example which you can make up. 


2.1 How many protons, neutrons, and electrons are present 
in 


2 Mg, Nat, Xe, 11- 


2.2 What is the minimum uncertainty in the position of 


(b) a molecule of UF,, 
(d) a neutron, 


(a) a mass of 1 mg, 
(c) a molecule of H;, 
(e) an electron 


where each is moving at half the velocity of light? 


2.3 Show by substitution that ү, (equation 2.2) satisfies the 
Schródinger equation. 


2.4 Calculate the value of the minimum energy, Ё, of He + 
(see equations 2.1 to 2.4). 


2.5 Calculate and plot out the values of y, and y? for the 
hydrogen 15 orbital for distances from the nucleus of 0, 25, 50, 
100 and 200 pm. Compare with Figure 2.8. 


2.6 Choose various values of the atomic number, Z, and 
decide the electron configuration. Compare your answer: 
with Table 2.5. Decide the number of unpaired electrons in 
each case. 


2.7 Calculate the excitation and dissociation energies from 
various excited states of the Н atom—e.g. the dissociation 
energy for n = 4 or the excitation energy from n = 3 ton = 6. 
Work out the values in kJ mol~!, eV, and cm™!. 


2.8 Which of the following sets of quantum numbers 
represent permissible solutions of the Schrédinger Wave 
Equation? 


l m 5 


Now wo м 


1 0 
1 1 
2 4 
4 —3 
=] -1 


Mo tol RE — ыр 


2.9 Write out all the permissible sets of quantum numbers 
for 


(a) 4 electrons in 3p orbitals. 
(b) 4 electrons in 5d orbitals, 


210 Foraporbital, plot the general form of the radial part of 
the wave function, r(exp —r/2a,). Multiply this by the 
angular part to generate the shape of the orbital. Confirm 
that the change ofsign and the nodal plane ofthe angular part 
remain in the full wave function. 


211 Find from the references the electron density contour 
plot of 


(a) an electron in a 2p orbital: in (i) H and (ii) Be 
(b) an electron in a 3p orbital in (i) H and (ii) Al 
(c) an electron in two different 34 orbitals. 
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2.12 Plot electron affinity (Table 2.9) against Period po- 
sition (parallel to Figures 8.4 to 8.7). Discuss any relationship 
between these curves and the ionization energy ones. 


233 Calculate Mulliken electronegativities for a Group of 
elements and compare with the listed values. Which set 
correlate best with the chemistry (refer to Tables 2.8, 2.9, 2.14 
and the appropriate section of systematic chemistry). 


2.14 Look up the references listed on electronegativity. Use 
these to find earlier references: can you find six different sets of 
electronegativity values? Assess the value of (a) the general 
idea and (b) each specific set of values. How many significant 
figures do you think should be used in expressing 
electronegativities? 


2.15 Draw to scale the covalent and ionic radii of the 
halogens. Draw scale diagrams of Xj, HX (X = halogen) 
including the Van der Waals radii. For CIF, (see Figure 4.4; 
bond lengths are 170 pm, axial, and 160 pm, equatorial) do 
the Van der Waals’ radii of axial and equatorial F atoms 
overlap? 


216(a) Determine the stoichiometry of the oxidation. of 
NH, to each of the other nitrogen oxidation states with MnO4 


(i) in acid, forming Mn^* 
(ii) in alkali, forming MnO;. 
(b) Write balanced equations for NH; going 
(i) to N5, and 
(ii) to NO; 


by reacting with MnO% in acid. 


217 De Broglie proposed that the electron wave may be 
described by the same equations that apply to a photon, that 
is, hv’ = E = mv”, where vis the velocity of the electron. 


(a) From the values of the constants, and using the 
relationship of equation (7.2), calculate the wavelength of an 
electron moving at 1%, 10% and 90 % of the speed of light. 

(b) What would be the velocity of an electron whose wave- 
length was 

(i) equal to 
(ii) one fifth of 


the circumference corresponding to the Bohr radius of 
hydrogen? 


General background 


3.1 Introduction 

In the last chapter, a picture of the electron structure of 
atoms was built up from the theory of wave mechanics taken 
together with experimental data. This knowledge of atomic 
structure will now be used to examine the process of com- 
bining atoms to form molecules. 

The ideas of valency and bonding grew up in the 
nineteenth century, following the acceptance of Dalton's 
atomic hypothesis and the establishment by experiment of 
regularity in the composition of materials expressed by the 
Laws of Constant Composition, Multiple Proportions and 
the like. This led to the idea of atoms forming a fixed number 
of links and hence combining to give molecules of fixed 
composition. As wider and wider ranges of compounds were 
studied, it was concluded that the number of links charac- 
teristically formed by a particular element was constant, or 
took only a limited number of values. This number is the 
valency (see 2.17) and, for example, the first great rationaliza- 
tion of organic chemistry came from the realization that 
carbon was tetravalent. 

These ideas were developed to give results which are 
now part of general introductory chemistry. Thus, the link 
between atoms was clarified into the notion of a bond, and 
molecules were formulated so that the number of bonds 
matched the valencies of the atoms. The steps in formulating 
à new species were as shown in Figure 3.1. 

Now, all this is elementary revision for the reader, but it 
summarizes an evolution of thinking about materials which 
took well over a century to refine from the first simple 
observations. These, in turn, stemmed from the major 
advance made by eighteenth-century chemists who started to 
measure the changes in weight of substances undergoing 
transformation. Since the processes exemplified in Figure 3.1 
are part of the first steps in learning chemistry, we tend to 
overlook their significance as one of the major revolutions in 
man's thinking about the material world. 
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Given the idea of constant valency, the picture of bonds 
became elaborated. Thus, if carbon is tetravalent and oxygen 
is divalent, then a molecular formula CO, can be understood 
by writing two bonds between C and each O. Using thc 
convention whereby a line between atoms signifies a bond, 
we write CO, as O=C=O, and similarly HCN satisfies 
known valencies when written H—C=N with a triple bond 
between C and N. 

Part of the development of the ordering of elements into 
families with related properties, which culminated in the 
formulation of the Periodic Table, was the grouping together 
of elements with the same pattern of valencies. It is well- 
known that Mendelécf left gaps in his Table, to be filled by 
hitherto-undiscovered elements, and the valency of these new 
elements (e.g. in the form of formulae of oxides or halides) 
was one of their properties which he predicted. 

As we saw in Chapter 2, once the electron configura- 
tion of the elements was understood, the Periodic Table was 
found to result directly, The question then promptly arose 
whether bonding and valency could also be explained in 
terms of the electron configurations of the atoms forming a 
molecule. At this point, we adopt the convenient subdivision 
of valency into two phenomena—covalency, where electrons 
are shared between bonded atoms, and electrovalency, where 
electrons are transferred from one atom to another to form 
tons which are then bonded by electrostatic forces. The 
formation of covalent bonds is discussed in this chapter and 
the next, while ionic compounds are the subject of Chapter 5. 

The first widely-accepted electronic description of a 
covalent bond is that due to Lewis, of two electrons shared 
between two atoms and binding them together. Furthermore, 
for light elements at least, stable configurations were those 
where a total of eight electrons, either wholly-owned or 
shared, surrounded an atom. This was the ‘octet rule’, and 
gave a good guide to the probable formulae of stable species. 
Thus the idea of electron sharing and the octet rule went a 
long way to rationalize the observed valencies. In this way, 
carbon, with four outer electrons and fluorine with seven, 


unknown 
(1) 


percentage (2) divide by relative atomic mass, А, 


composition 


suggested 
structural 
formulae) 


(4) consider valencies 


EXAMPLES 


(1) 


F= 749, S = 24:9 


(2) A, values 
P= 19;'S = 32 


(4) Common valencies: 
Е = 1; 5 = 2, 40г6 


(2) A, values 
H=1,N=14,0=16 


(4) Common valencies: 
H=1,0=2,N=30r5 


can achieve octets in CF4 


E 
Сата СЕТ 
DES 


Hydrogen is stable with two electrons, hence 
2H 40: 5 H:O:H 
Double bonds are readily explained by the sharing of four 
electrons 
6-420: 01:10: 
and so оп, Species may be charged, as in 
H * 
4H-4. N:-1e2 |H:N:H 
H 


Some species do not form an octet, but do share all the 


empirical 
formula 


(3)| determine 


molecular 
formula 
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relative 
molecular 
mass 


M, = 255 


FIGURE 3.1 Formulation of an unknown 

Stages shown by vertical steps involve experimental 
determinations, those shown by horizontal steps use 
33 known values. Note that in (2), as the atom ratios 
must be whole numbers, the calculations can be 
done with rounded-off values. While steps (1) to (3) 
are unambiguous, it may be possible to write more 
than one acceptable formula at step (4). 


electrons available to them, such as boron or beryllium in 
their halides T 
; à PEL CS 
-B- +3:С1: 9:81: B Cl. 
ЕСЕ РЗ Jed MD UR 
and these species, though stable, can complete their octets by 


co-ordinating with other molecules where unshared pairs are 
present as in 


Once again, these concepts are revision for the reader, but 
are important in representing the introduction of electron 
configuration into thinking about molecule formation. The 
octet rule is, of course, equivalent to emphasizing the stability 
of the rare gas configurations —those where the valence level s 
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and all three orbitals are filled with two electrons each. The 
octet rule is broken (a) if there are insufficient electrons to 
give an octet around each atom, as in BF, or (b) where there 
is a further energy level fairly close to the p level which can 
accept extra electrons. Thus we find that nitrogen forms only 
NF, 


ER: 


which obeys the octet rule, as the next empty orbital on N is 
the 3s orbital which would require far too much excitation 
energy for occupation. However, if we move to the next 
element in the Group, phosphorus, we find РЕ; which obeys 
the octet rule and completely fills the P 3s and 3p orbitals, 
but also find that PF, is formed —with 10 electrons on P—as 
the 3d level can be used as well (compare Table 2.3 and 
Figure 2.4). 

Thus in the examples in Figure 3.1, structure A contains 
S with 6 bonds and therefore 12 electrons around it. 
Similarly, while B, obeys the octet rule, В, needs 10 
electrons on N which is not permissible. A few further 
examples for revision are given in exercise 3.1. 


3.2 Bond formation and orbitals 

We must now examine the idea of a bond at a greater level 
of sophistication. One way of translating the Lewis idea 
into terms of wave mechanics will be discussed here, 
though a number of other approaches are possible and 
these are presented in the references. 

Let us start with the simplest of all molecules, the positive 
ion of the hydrogen molecule, H7. If we generalize equation 
(2.1) to cover one electron moving in the field of two nuclei, 
there is only one del-squared term in the kinetic energy part 
of the wave equation, while the potential energy part contains 
three terms—the attractions between each nucleus and the 
electron and the repulsion between the nuclei. The equation 
is similar to that of a hydrogen-like atom (see equation 2.4), 
but now the nuclear field is not spherically symmetrical. 
Although the problem is more difficult than that of the 
hydrogen atom, the wave equation for the hydrogen molecule 
ion can be solved exactly and the resulting energy levels and 
energy of formation agree with the experimental values. 

Just as with atoms, major difficulties arise in the case of 
molecules as soon as more than one electron is involved. For 
example, the presence of the second electron in the hydrogen 
molecule, H}, makes it a molecular analogue of the helium 
atom. In the wave equation for the hydrogen molecule 
(compare equation 2.8) there will be two del-squared terms 
in the kinetic part describing the two electrons and there are 
six components of the potential energy term. These are the 
four attractions between each electron and each nucleus, the 
repulsion between the nuclei, and finally the inter-electron 
repulsion term which provides the main source of difficulty in 
these calculations. 

It is clear that such complexities increase rapidly as the 
number of electrons rises, and methods of approximation 


have to be found. Before turning to these, it is of interest to 
record the results of the more rigorous calculations of clec- 
tronic energies for some simple molecules. These are shown 
in Table 3.1. 


TABLE 3.1 Calculations of total electronic energies 


Calculated value, Experimental value, 
Manas kJ mol^! kJ mol! 
н; 2 887-2 2 893-8 
н, 3 081-2 3 081-1 
CH, 104 850 106 210 


Differences between calculated and 
experimental values lie in the rang: 
0-5—1:5% 


Other diatomic 
molecules like 
CO, N;, or HF 


The total electronic energy of a species is the energy evolved when all iis 
constituent particles (nuclei and electrons) are brought from infinite 
separation and combined to form the molecule or ion in its equilibrium 
configuration. 


The agreementis very close in these cases and gives grounds 
for confidence in the general approach. The calculations arc 
very long and complex, however, and may require sub- 
stantial computer resources. In addition, the quantity most 
readily derived from the calculation is the total electronic 
energy of the molecule, while the changes involved in a 
reaction are dependent on the small differences between such 
total energies. At present, these total energies cannot be 
calculated to the very high order of accuracy required for 
direct predictions of reaction paths or molecular structures. 
Simplifications must be introduced in order to solve the 
equations and the over-all theory becomes a semi-quantita- 
tive guide. Even in this relatively modest form, the wave 
mechanical approach to molecular structure has wrought an 
impressive change in the way in which chemists think about 
molecules. 

In this text, the theory will be used as a general guide, and 
diagrams rather than calculations will be used to describe the 
processes of molecule formation. The reader is asked to keep 
in mind that these diagrams do mirror the calculations and 
that definite values may be found for the parameters—such 
as bond lengths and bond energies—which are qualitatively 
described here. Fuller accounts are given by Coulson for 
example (see references). 


Diatomic Molecules 


One well-known approximation method for the wave equa- 
tion for molecules is the method of molecular orbitals. In this 
approach, the aim is to construct orbitals analogous to the 
atomic orbitals of Chapter 2 but centred on both nuclei. Then 
the electrons are fed in—two into each orbital in order of 
increasing energy—to build up the electronic structure of the 
molecule, just as the electronic structures of the atoms were 
built up. 

The first problem is to find a way of constructing these 


molecular orbitals. One starting point is to consider that, 
when the electron in a molecule is close to one nucleus, it is in 
almost the same environment as in the free atom. This 
suggests that the molecular orbitals may be derived from 
some combination of atomic orbitals. The simplest way of 
combining the orbitals is additively and a simple linear 
combination of atomic orbitals (LCAO) has been widely used. 


3.3 The combination of s orbitals 

In the case of H7, the molecular orbitals are formed from 
the linear combinations (3.1) of the atomic orbitals Wy and 
Wy on the two hydrogen atoms, X and Y: 


oy = Vxt¥ " 
o abc utes (3.1) 


Consider the case where the wave functions Wx and yy 
represent ls orbitals on the two hydrogen atoms. The result 
of combining these two atomic orbitals into the molecular 
orbital фь may be shown diagrammatically, using the curves 
for the 15 orbital which were given in Chapter 2 in Figure 2.8. 

In Figure 3.2, the curves giving the complete cross-section 


X Y 


Y X 
Vx Vy = фв 

FIGURE 3.2 The formation of the molecular orbital bg (6, ) 

The nuclei X and Y are placed at the measured internuclear 

distance in the molecule and the wave function curves are super- 

imposed to give the summation curve shown. 


through each nucleus, X and Y, of their respective 15 orbitals 
are drawn out and the process of addition to give $ is 
indicated to the right. The two nuclei are brought together 
to a distance equal to the interatomic distance in the 
molecule, and the wave function curves are summed to give 
the wave function of the molecule. If we square, to get the 
electron probability density, the corresponding curve isa 
cross-section through the two nuclei of the electron distribu- 
tion in the molecule. 


*In these equations—and in all similar equations such as (3.2) —а fully 
rigorous discussion requires that the RHS is multiplied by a factor .N, called 
the normalizing constant. This is a numerical factor which adjusts the equation 
so that [фат = 1; i.e. so that the probability of finding the electron described 
by the molecular orbital ф somewhere in space is unity (compare the 
requirement for atomic orbitals in Chapter 2). In this particular case, as the 
atomic orbitals x and Wy are normalized (ie. fýġdt= 1 = јуд) 
N= 1/,/ (2) and the full version of equation (3.1) is 


1 
bs = a (xt Wy). 
VJ (2) 
However, as М is a numerical constant, its actual value rarely affects the 
qualitative discussion of molecular orbitals which we are giving here and we 
shall normally omit it. 
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EE 
Vx + LT os 
(b) 


FIGURE 3.3 (a) Contour representation of фв (0,) 

(b) Boundary contour representation of фв(с,) 
The contour line enclosing 90%, of the electrons density is drawn. 
Such diagrams represent either the wave function or its square, the 
probability density function. The wave function diagram is the 
more useful and shows the sign of the wave function, as here. 


The parts of $ outside the internuclear region follow an 
exponential curve and the electron density falls off rapidly on 
moving away from the nuclei. The orbital фь may be shown 
in projection as a contour map as in Figure 3.3a, or in the 
more convenient boundary diagram of Figure 3.3b where the 
contour line which encloses 90 or 95 per cent of the electron 
density is drawn (compare with atomic orbitals as in 
Figure 2.8c). 

It is clear from these diagrams that, in the molecular 
orbital фв, there is an accumulation of electron density in the 
region between the two nuclei. This markedly decreases the 
repulsion between the two nuclear charges. At the same time, 
the electron has a high probability of being in the region 
where it experiences the attraction of both the nuclear 
charges, and is more strongly held than if it was in one of the 
contributing atomic orbitals and attracted by only one 
nuclear charge. The result is that the presence of electrons in 
this molecular orbital holds the two atoms together and a 
bond is formed. The orbital $ is termed a bonding molecular 
orbital. 

The molecular orbital $4 may be treated in the same way. 
The combination of atomic 15 orbitals (Vx — Vy) is shown in 
Figure 3.4, and the contour representation and the boundary 
line diagram are given in Figure 3.5. In this molecular 
orbital, $4 changes sign at the mid-point of XY and the 
electron probability density, i, falls to zero here across а 
nodal plane perpendicular to the internuclear axis. Thus, if 
an electron is placed in the orbital фл, electron density is 
removed from the region between the nuclei and accumu- 
lated on the remote side of the atoms. The internuclear 
repulsion has full effect and no bond results. $4 is termed an 
antibonding molecular orbital. 

When the energies, Eg and Ед, of an electron in the 
molecular orbitals фв and $4 are calculated, it is found that 
Eg is less than the energy of the electron in the constituent 
atomic 15 orbitals while Ёд is greater than the atomic orbital 
energy by the same* amount, AE. That is, the molecular 


*This is a first approximation. In a more quantitative treatment, the 
destabilization is somewhat greater than the stabilization so that complete 
occupation of the antibonding orbital (compare He, below) is less stable than 
reversion to filled atomic orbitals. 
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FIGURE 3.5 (a) Contour representation of 4 (o*) 


FIGURE 3.4 The formation of the molecular orbital 
a (оў) 


(b) Boundary contour representation of ġa (с*) 


(b) shows the molecular orbital wave function which changes sign across the 


nodal plane perpendicular to the internuclear axis. 


orbital фв is stabilized, and the molecular orbital $4 is 
destabilized, relative to Xis, by the energy AE. This may be 
shown on an energy level diagram as in Figure 3.6. The two 
atomic orbitals thus combine to form two molecular orbitals, 
one of which is more stable than the atomic orbitals while the 
other is less stable by the same amount of energy. The process 
of deriving the electronic structure of a molecule can then be 
formalized in steps similar to those used for atoms. The nuclei 
are first placed together at the appropriate distance, then 
molecular orbitals are constructed from the atomic orbitals, 
and finally the electrons are fed into the molecular orbitals in 
order of increasing energy. Just as with atomic orbitals, a 
molecular orbital holds no more than two electrons and, when 
there are a number of molecular orbitals of equal energy, the 
electrons enter them singly with parallel spins. The number of 
molecular orbitals formed must exactly equal the number of 
atomic orbitals used in their construction. 
Although, in the above outline, it has been assumed that 
the inter-nuclear distance (the bond length) is a known 
factor—and it will usually be known experimentally—it 


FIGURE 3.6 Energy level diagram for by and фл (с, and с*) 

This shows the energies of the molecular orbitals, dg and фл, 
relative to the energies of the constituent atomic orbitals. The 
atomic orbital energy levels are indicated by the horizontal lines 
to left and right while the molecular orbitals are shown in the centre 
of the diagram. Those atomic orbitals which contribute to a 
particular molecular orbital are connected to it by the finer sloping 
lines. This convention is followed in all diagrams of this type. The 
bonding orbital, p, is more stable than the atomic orbitals by the 
same amount of energy as the antibonding orbital, ,, is less stable 
than the atomic orbitals. 


should be noted that in a full theoretical treatment it is 
possible to derive the optimum bond length by finding the 
value which gives the minimum total energy of the system. 
This has been done for a number of simpler cases with results 
that agree with the experimentally determined distances. 

The formation of molecules can now be followed by using 
the energy level diagram of Figure 3.6. For the hydrogen 
molecule ion, H7 , the electronic structure is shown in Figure 
3.7a. The orbital of lowest energy in the molecule is $g 
and the electron goes into this, gaining energy, AE, relative 
toits energy in the atom. The whole system, of two hydrogen 
nuclei and one electron, is thus more stable by AE as the 
molecule than as separate atoms. 

In the hydrogen molecule, H;, (Figure 3.7b) there are two 
electrons to be considered. These both enter $g and will have 


FIGURE 3.7b The electronic structure of H 


FIGURE 3.8 The electronic structure of Heg 


their spins paired. The gain in energy of the molecule over the 
two isolated atoms is 2AE (less a relatively small term due to 
the interelectron repulsion) and this bond energy, in the 
hydrogen molecule, is regarded as that of a normal single 
bond. It follows that the bond in the ion, H}, which has 
about half the energy of formation, may be regarded as a 
‘half-bond’. This accords with experiment. H7 exists as а 
transient species in electric discharges and its bond energy, 
which may be determined from its spectrum, is about half the 
energy of H3. 

Next, consider a three-electron molecule such as the 
positive ion of diatomic helium, He}, whose energy level 
diagram is shown in Figure 3.8. Since фв is filled by the first 
two electrons, the third must be placed in the antibonding 
molecular orbital $4. The energy of formation of Hej is 
iherefore —2AE--AE. The net gain in energy from re- 
arranging two helium nuclei and three electrons as a mole- 
cule is thus AE, corresponding to a ‘half-bond’ again. (It 
should be remarked that the actual electron energies both in 
the atomic orbitals and in the molecular orbitals of helium 
are different from the energies of electrons in the correspond- 
ing orbitals in hydrogen, because of the difference in the 
nuclear charge. The difference between the atomic and 
molecular orbital energies, AE, will however, be of the same 
order of size.) 

Finally, in a four-electron molecule such as He, two 
electrons would be placed in the bonding orbital фв and two 
in the antibonding orbital $4. The energy of formation is 
—2AE+2AE equal to zero, and no bond results. In fact, 
helium exists as а monatomic gas and the configuration 
ph 4, exists only as (1s)? on each He atom. 

An analysis such as this may be extended in an exactly 
similar way to all other s orbitals with higher n values, and 
also to the more general case of diatomic molecules where the 
two atoms are not the same. In this case, the two atomic 
orbitals which will combine to form the molecular orbital 
will be of different energies, and the most favourable com- 
bination will not be in the 1 :1 ratio of equation 3.1, but some 
more general expression of the form: 


will be needed. The value of the mixing coefficient c which 
will give the optimum energy has to be found in the course of 
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FIGURE 3.9 Energy level diagram for the combination of s orbitals of unlike 
atoms 

Stabilization and destabilization is relative to the average energy 
level of the two atomic orbitals. Note that the differences AE’ in 
energy from the atomic orbitals are also equal. 


the calculation. The energy level diagram which corre- 
sponds to this more general case is shown in Figure 3.9. Here 
the bonding orbital is stabilized, and the antibonding orbital 
destabilized, by equal amounts of energy, ДЕ, calculated 
from the mean energy of the contributing atomic orbitals V; 
and у. The gain in energy when an electron is taken from 
the more stable of the two atomic orbitals is the smaller 
amount labelled — AE’. Clearly, this decreases as the energy 
difference between the atomic orbitals / and y/; increases. 
If AE’ is too small no molecule results. It follows that useful 
molecular orbitals are formed only when the combining 
atomic orbitals are of similar energy. As a general rule, this 
limitation implies that only orbitals in the valency shells of 
atoms will combine to form molecular orbitals. Thus, in 
hydrogen chloride, the hydrogen 1s orbital is of too high an 
energy to combine with 1s or 25 orbitals on the chlorine atom 
(whose energy levels are greatly stabilized relative to those of 
hydrogen by the attraction of the nuclear charge of 17), and 
it is too stable to interact with the chlorine 45, or higher, 
orbitals. The hydrogen ls orbital is comparable in energy 
with the chlorine 3s or 3p orbitals and could form molecular 
orbitals with these. 


3.4 The combination of p orbitals 

If the molecular axis in a diatomic molecule is taken as the 
z-axis*, then the f, orbitals on the two atoms may combine to 
form molecular orbitals similar in type to those formed by s 
orbitals. Just as with the s orbitals, the p, orbitals on the two 
atoms X and Y combine to form two molecular orbitals, фі 
and фз, which are similar to those given by equations 3.1 : 


$i = Vx Vy 
ILI gr cete nidi (3.3) 


where the atomic orbitals Wy and Wy are here the p, orbitals. 
The process of combination is illustrated using the boundary 
contour method in Figure 3.10. The electron density in the 


*We are adopting here the usual convention that the unique direction in a 
molecule is taken as the z-axis. For example, the molecular axis in a linear 
molecule or the axis perpendicular to the molecule in a planar species 
would normally be labelled z. 
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first orbital, $2, which results from the addition of the two 
atomic f, orbitals, is concentrated in the region between the 
two nuclei and this molecular orbital is bonding. In the 
second orbital, there is a nodal plane between the nuclei and 
the electron density, $2, is concentrated in the regions remote 
from the internuclear region, falling to zero between the 
nuclei. This orbital is therefore antibonding. Thus the com- 
bination of the two atomic р, orbitals gives two molecular 
orbitals, one of which is bonding and one antibonding, just as 
in the case ofthe s orbitals. These molecular orbitals, Øp, $4, 
$1, and $;, which are formed from s or f, orbitals are 
symmetrical around the molecular axis and are termed 
sigma (c) molecular orbitals by analogy with the sym- 
metrical s atomic orbitals. To form a systematic nomencla- 
ture, subscripts are used to indicate the type of atomic orbital 
which goes to form the molecular orbital, and the anti- 
bonding molecular orbitals are starred. Thus the molecular 
orbitals discussed so far are named systematically as follows: 


Pe = 95: фл = 01:01 = 03: ф, = о} 


The formation of sigma molecular orbitals is not restricted 
to combinations of like atomic orbitals. The only necessary 
condition is that the two components are symmetrical in sign 
about the bond axis. Then, if they are of similar energy, they 
may combine to form a molecular orbital. For example, an s 
and a f, orbital may combine to form a bonding sigma 
molecular orbital as shown in Figure 3.11. The correspond- 
ing sigma antibonding orbital also exists. 

Orbitals with different symmetries about the bond axis 
cannot combine to form molecular orbitals. This is illus- 
trated in Figure 3.12 for the cases of s with p, and p, with LM 
It can be seen that the shaded ‘plus-plus’ and ‘plus-minus’ 
arcas of overlap cancel each other out. 


V Pe + L^ Osp 


FIGURE 3.11 The combination of an s and a p, orbital 

Such an orbital is symmetrical around the internuclear axis and 
concentrates electron density between the nuclei. The correspond- 
ing antibonding orbital may be formed in a similar manner. 


FIGURE 3.10 (left) The combination of 
atomic p, orbitals 

Two atomic р, orbitals give rise 
to bonding and antibonding mole- 
cular orbitals which, respectively, 
concentrate or remove clectron 


$i(o,) density between the nuclei. Note 
I node that a plus combination is defined 
| here as the in-phase one, and minus 
П as the out-ofphase опе, суеп 
! though this involves reversing the 
| signs of some of the p orbitals. 
| 
| 
) 
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FIGURE 3.12 Combinations where no bond results 

Orbitals can only combine to give molecular orbitals if both are of 
the same symmetry with respect to the molecular axis; that is, if the 
signs of the wave functions change across the axis in the same way. 


FIGURE 3.13 The combination of atomic by orbitals 

When the z-axis is the molecular axis, the p, orbitals are anti- 
symmetrical with respect to this axis—that is, the wave function 
changes sign on crossing the axis. Such orbitals combine to give 
bonding, л, and antibonding, z*, orbitals which are also anti- 
symmetrical with respect to the molecular axis. The bonding orbital 
accumulates electron density between the nuclei, although less 
effectively than a c orbital. The antibonding orbital has a nodal 
plane between the nuclei and perpendicular to the axis. 


Although the p, and p, orbitals cannot enter into sigma 
bonding because they are antisymmetric (i.e. change in 
sign) across the bond axis, they can form a different type of 
bond by overlapping ‘sideways-on’ as shown in Figure 3.13. 
Such molecular orbitals, which have one nodal plane con- 
taining the bond axis, are called pi (x) molecular orbitals— 
again by analogy with atomic f orbitals. The first combina- 
tion shown in Figure 3.13 accumulates charge in the region 
between the nuclei and is therefore bonding. The second 
mode of combining the atomic р orbitals has a nodal plane 
lying between the nuclei and perpendicular to that contain- 
ing the bond axis. This second molecular orbital is anti- 
bonding. These are named, systematically, as лр and n$ 
respectively. 

The bonding л, molecular orbital is of lower energy than 
the contributing atomic р orbitals, while the antibonding л} 
molecular orbital is of higher energy by an equal amount. 
Because of the existence of the nodal plane containing the 
nuclei in the л orbitals, the л, interaction has rather less 
effect on the electron density between the nuclei than has the 
c, interaction, and the energy gap between the bonding and 
the antibonding л molecular orbitals is less than that be- 
tween the bonding and antibonding c orbitals. 

Since the p, and p, atomic orbitals are both perpendicular 
to the molecular axis and identical with each other apart 
from their orientation, they both form л orbitals (with 7,, 
perpendicular to л) in exactly the same way. The л, and 
п, levels are equal in energy as аге the лу and z* levels. The 
combination of all the p atomic orbitals on two atoms to give 
the molecular orbitals of a diatomic molecule may therefore 
be shown on a composite energy level diagram, as in 
Figure 3.14. 

This discussion may readily be extended to include d 
atomic orbitals which may combine with each other or with 
s or p orbitals to give с or л molecular orbitals. It is also 
possible for two d orbitals to overlap each other with all four 
lobes to give a molecular orbital with two nodal planes con- 
taining the bond axis and mutually at right angles to each 


FIGURE 3.14 Energy level diagram for the combination of p orbitals 
As the z interaction is weaker than the ø one, the л and z* levels lie 
between the с and o* ones. 
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FIGURE 3.15 Molecular orbitals involving d orbitals 

These diagrams indicate the formation of о, л, and 6 bonds, in- 
volving d orbitals. (a) sigma bond between p, and 4,2 - уз, (b) sigma 
bond between s and 4,2, (c) pi bond between p, and d,,, (d) delta 
bond between two d,, orbitals. 


other. Such an orbital is termed a delta (ô) molecular 
orbital, but these are rarely encountered. Some examples of 
molecular orbitals involving atomic d orbitals are shown in 
Figure 3.15. 

The discussion of covalent bonding between a pair of 
atoms given above may be summarized : 

(a) Two atomic orbitals may combine to form two molecular 
orbitals centred on the nuclei, one of which concentrates 
electrons in the region between the nuclei and is bonding, 
while the other removes electron density from this region and 
is antibonding. 

(b) Only those atomic orbitals which are of similar energy 
and of the same symmetry with respect to the inter-atomic 
axis may combine to form molecular orbitals. 

(c) Any atomic orbitals which are symmetrical with respect 
to the bond axis may combine to form sigma molecular 
orbitals. 

(d) Any atomic orbitals which are anti-symmetrical with 
respect to the bond axis may combine to form pi molecular 
orbitals. 

Our next step is to try to describe the electronic structures 
of diatomic molecules in terms of these ideas. We must 
recognize that so far our discussion has been entirely qualita- 
tive. We have said nothing about the sizes of the AE terms, 
nor about the energy differences between, say, 9, and m, 
levels in Figure 3.14. Nor do we have any guidance about 
combining the energy levels of the orbitals of Figures 3.6 and 
3.14 into a composite diagram. If full and accurate calcula- 
tions could be carried out, all these questions would be 
answered from the wave equation. However, we have seen 
that this is not possible, so we have to turn to experimental 
evidence to help us to complete the picture. 

There are three properties we are attempting to rationalize: 
(1) Bond orders, reflected in measured bond lengths and 
heats of formation. 
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(2) Unpaired electrons, reflected in the magnetic properties 
(see section 7.10 for definitions). 
(3) Energy levels, reflected in ionization energies. 

It is convenient to break the discussion into two parts. First 
we discuss bond orders and magnetic properties in section 
3.5 which we can do very successfully from a purely qualita- 
tiveenergy leveldiagram. Then wecangeta more quantitative, 
accurate and sophisticated description by considering energy 
levels as given, especially, by photoelectron spectroscopy. 
"This is taken up in section 3.6. 


3.5 Bond orders of diatomic molecules 

We can assign the valency electrons in a diatomic molecule, 
and hence predict the bond order and magnetic properties, if 
we simply combine Figures 3.6 and 3.14 by assuming the 5 
diagram lies at lower energy than the p diagram, and there is 
no overlap or interaction. This gives us Figure 3.16. 


Hx 


FIGURE 3.16 Combined energy level diagram for combination of atomic s and 
p orbitals 


We shall build up the electron configuration of the 
molecule by taking all the valency electrons from the atoms 
and feeding them into the molecular energy level diagram. 
We obviously fill the most stable level first, each orbital holds 
à maximum of two electrons with opposite spins, and orbitals 
of equal energy are first populated singly. 

Consider first the case of the fluorine molecule, F5. The 
fluorine atom has the electronic configuration (15)?(25)? 
(2p)5, and the inner (15)? shell is (оо tightly held to the 
nucleus to play any part in the bonding. We write the 
configuration [He] (2s)?(25)5 to emphasize this (compare 
section 2.8). There are thus seven valency electrons from each 
atom to be fitted into the molecular orbitals of the fluorine 
molecule and, when these are filled in order of increasing 
energy, the arrangement shown in Figure 3.17 results. This 
may be written as an equation: 


2F[He] (2:)?(25)5 = F;[He] [He](s;)? (0t)? (e,)? (n5) (n$)* 
To determine the bond order, we determine how many pairs 


of electrons in bonding orbitals there are in excess of the pairs 
in antibonding orbitals. In the fluorine molecule there are 


о; 
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FIGURE 3.17 Electronic structure of F 

An energy level diagram of the molecular orbitals is formed and all 
the valency electrons are placed in the molecular orbitals, according 
to Hund's Rules. 


eight electrons in bonding orbitals (0,, 6p, л,) and six in anti- 
bonding sigma and pi orbitals. This gives an excess of two 
bonding over antibonding electrons and corresponds to the 
single bond in the fluorine molecule. All the electrons are 
paired, so fluorine is diamagnetic. 

The molecular orbital energy level diagram for oxygen is 
shown in Figure 3.18. The outer electronic structure of the 
oxygen atom is (2s)?(2p)*, so that the oxygen molecule has 
two fewer electrons than the fluorine molecule and these will 
be missing from the highest level, the z* one, leaving only 
two antibonding z electrons. As there are two electrons to 
enter the two z* orbitals, which are of equal energy, they 
enter these orbitals singly, keeping their spins parallel in 
accordance with Hund's rules, giving the oxygen molecule 
two unpaired electrons. The structure is: 


20[He] (2s)*(2p)* = O;[He] [He] (s,)? (£)*(o,)* (n,)* (7%)? 


There are eight electrons in bonding orbitals and four in the 
antibonding orbitals &* and лж, giving a net count of four 
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FIGURE 3.18 Electronic structure of О, 


bonding electrons corresponding to the double bond. Since 
there are two unpaired electrons, O, is paramagnetic. 

If this description of O, is compared with that derived 
from the Lewis electron pair theory, it will be seen that the 
molecular orbital treatment has the advantage. In order to 
complete the octet on oxygen, O, would be described as 
ОТТО? thus predicting the double bond. However, the 
Lewis theory gives no reason for expecting unpaired electrons. 
This ready explanation of the paramagnetism of oxygen was 
one of the major early successes of the molecular orbital 
theory. 

If diatomic neon, Ne;, were to form, two further electrons 
would have to be added to the Е, structure and they could 
go only into the highest energy antibonding orbital, оў. The 
number of antibonding electrons and the number of bonding 
electrons both equal eight, no bond results, and neon exists 
as a monatomic gas. 

In a similar way, simple electron counting gives, for 
example 


2N[He] (25)? (25)? = Na[He][He] (o, * (e$) * (e) (2) 
(diamagnetic, triple bond) 

?C[He] (25)?(2p)? = C4[He][He] (o, *(o)* (0p)? (y) 
(paramagnetic, double bond) 


4 


As the example of C, shows, the mere fact that a diatomic 
species would have a high bond order does not prove that the 
element will exist in a stable form as a diatomic gas. 

The electron counting procedure is simply extended to 
charged species by adding or subtracting electrons. For 
example, the superoxide ion O7 would be described 


2O[He] (23)? (25)* +e i 
= 0; [He] [He] (o) (ef) (0p)? (Tp) (13)? 
(paramagnetic, bond order = 13) 


Electron counting may also readily be applied to molecules 
where the atoms have higher n values than two for their 
valency levels. For example, the electronic structures of the 
other halogen molecules are exactly the same as for fluorine: 


X;(o,)* (ot) (0p)? (Tp) (T) 


but here the atomic symbol X is to indicate that all the inner 
non-valency electron shells remain held by the nuclear 
attraction and play no part in the bonding. For example, for 
bromine 


2Br[ Ar] (4)? (4)* = Bra[Ar] [Ar] (e, (o£) (e (n)* (n5)* 
(diamagnetic, single bond) 


where the molecular orbitals are constructed from the 4s and 
4p atomic orbitals and all the inner shells of the first, second, 
and third levels remain held by the atomic nuclei. 

The analysis may be extended to heteronuclear molecules 
where the two atoms are in different periods. For example, 
in CIF, the larger nuclear charge of the chlorine atom lowers 
the energy of all its orbitals compared with the corresponding 
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fluorine ones. As а result, the 3s and 3p levels of chlorine are 
approximately equal to the 2s and 2p levels of fluorine (and 
the Cl 2s and 2p levels are so tightly bound that they play no 
part in the bonding). The electronic diagram of CIF is then 
very similar to that of F, shown in Figure 3.17, except that 
the molecular orbitals are formed by overlap of F orbitals of 
the second shell with the corresponding Cl orbitals of the 
third shell: 


CI [Ne] (35)? (3p) +F [He] (25)? (2p)* 
= CIF [Ne] [He] (0,)? (0$)? (e)? (1,)* (1$)* 


(diamagnetic, single bond) 


The structure of hydrogen halides follows similarly. For 
example, in HCl. the Н 15 orbital is approximately equal 
to the Cl 3s and 3p orbitals in energy and is of correct 
symmetry to form a sigma bond either with the 3s or the 3p, 
orbital (taking z as the Н-СІ direction). The overlap is best 
with the 3р. orbital, and a sigma bonding orbital is formed 
as in Figure 3.11, together with the corresponding antibond- 
ing orbital. The remaining valency orbitals of the chlorine 
are non-bonding and hold electron pairs. Thus НСІ is 
described 


H(15)! + CI[Ne] (33)? (355 
= HCI [Ne] (о, „)2 (0% p)? (35)? (3px)? (3р)? 


If we now turn to consider heteronuclear species where the 
two atoms are in the same period, the only difference is in the 
relative levels of the atomic orbitals with those of the atom 
with highest nuclear charge lying lowest in energy. Consider 
nitric oxide and its cation, NO* (the nitrosonium ion). The 
energy level diagram for nitric oxide is given in Figure 3.19. 


* 
oD 


O atom 


NO molecule 


N atom 


FIGURE 3.19 Electronic structure of NO 

The energy level diagram differs from that of a homonuclear 
diatomic molecule, such as O;, only in having the atomic levels at 
different energies. The splitting of the bonding and antibonding 
molecular orbitals of any particular type is symmetrical about the 
average energy of the constituent atomic orbitals. 
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The atomic orbital energy levels are no longer equal because 
of the difference in nuclear charges. The nitric oxide molecule 
has an odd number of electrons and the one of highest energy 
occupies the antibonding z orbital. 


N[He] (25)? (25)? + O[He] (2s)?(2p)* 
= NO[He](He](o,)? (0#)? (т „)?(т„)*(л®)! 


There are eight bonding electrons, in the sigma s and f levels 
and in the pi р level and three antibonding electrons, (o*)? 
plus (z*)', leaving a net excess of five bonding electrons 
corresponding to a bond order of two and a half. If this 
molecule is ionized, the highest energy electron is the one 
removed and this is in the antibonding pi orbital. The excess 
of bonding over antibonding electrons goes up to six and the 
bond order rises from two and a half to three. (NO* is 
isoelectronic with №.) The cation is therefore more strongly 
bonded than the parent molecule. This can be seen experi- 
mentally in the infrared spectrum where the N — O stretching 
frequency occurs at higher energy for NO* than for NO. 

In all these cases, and many more, the observed magnetism 
matches with that predicted. Bond order is more difficult to 
quantify but all the observed changes are in the directions 
indicated by the predictions. For example, for oxygen species 

Of. 0; Or oF 
Predicted bond order 2} 2 Hu 1 
Observed bond length (pm) 1123 1211 128 149 


Thus the simple approach of feeding all the valency 
electrons into the levels of Figure 3.16, or related energy 
level diagrams like Figure 3.20, successfully rationalizes the 
observed bond orders and magnetism. 

However, Figure 3.16 is not always an adequate descrip- 
tion of the energies of the electrons in the molecular orbitals. 


FIGURE 3.20 


(a) Sigma combinations without s-p mixing. 
(b) Sigma combinations with s mixed with p. 


This shows the relation between the 2,078, and of levels (a) and 
the levels оү to 84 (b) which result when s and № contributions аге 
allowed to mix. The main effect is to stabilize с; relative to of and 
to destabilize сз relative to с„ 


3.6 Energy levels in diatomic molecules 

Closer consideration of Figure 3.16 raises two questions. 

(1) Remembering that He;, with a possible configuration 
(с)2(с*)2, does in fact exist only as 2He atoms with (15)2, 
the general query arises whether distinct completely filled 
(bonding + antibonding) levels will persist, ог will the better 
description be as non-bonding pairs on the atoms. That 
is, does the configuration (z)*(1*)* (implying two different 
orbital energies) describe the system better or worse than two 
filled p orbitals on each atom (implying only one orbital 
energy when the atoms are identical) Similarly, is the 
description (¢,)?(o*)? better or worse than 2 х (s)?? 

(2) We assumed that о, and оў were more stable than gp, 
and further that there was no interaction between them. 
However, since o¥ and с may be close in energy, and they 
are of the same symmetry, these assumptions may not be valid. 

In fact, the separation of sigma molecular orbitals formed 
from atomic s orbitals and those formed from the p, orbitals is 
a simplification: in principle, all orbitals of sigma symmetry 
on the atoms are expected to make some contribution to all 
the molecular sigma orbitals. That is, the two s and two р 
orbitals are, in general, combined in various proportions to 
give four molecular orbitals of sigma symmetry which we 
shall relabel с;, 62, оз, and 64, in order of increasing energy. 
The two extreme levels are similar to those in the simpler 
scheme with тү close to о, and g4 close to оў in character. 
The major difference comes with ø, and оз, which both have 
substantial s and p contributions. The major effect of the 
mixing is to stabilize с, below 6f and to destabilize оз 
relative to až. The relation between the two schemes for the 
sigma molecular orbitals is indicated in Figure 3.20 parts (a) 
and (b). 

The answers to queries (1) and (2) above come most 
readily from experimental data. While a number of tech- 
niques give information about energy levels, the most readily 
interpreted is photoelectron spectroscopy (see section 7.11). 

To a good approximation, a particular photoelectron 
(PE) band may be regarded as giving the ionization energy 
of an electron in a particular orbital in the molecule. Thus 
we can use the ionization energies from the PE spectrum to 
put an energy scale on the molecular orbital energy level 
diagrams. Further, the fine structure of the PE band gives us 
the vibrational energy of the product ion Aj. If this is less 
than the vibrational energy of the parent molecule, As, it 
implies the ion has a lower bond order, and hence that an 


relative intensity 


20 19 18 17 16 15 14 13 12 


ionization energy (electron volts 


FIGURE 3.21 The photoelectron spectrum of НСІ 
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TABLE 3.2 Photoelectron bands of the hydrogen halides 


Molecular stretching Photoelectron Vibrational features 
frequency (cm! ) energy (eV) Sequence Separation (cm ^ %) Assignment 

HCl 2886 12-75 short 2660 non-bonding 
16-25 long 1610 bonding 

HBr 2560 11-68 short 2420 non-bonding 
15-28 long 1290 bonding 

HI 2230 10-2 short 2100 non-bonding 
13-8 approx broad, bands overlap bonding 

Notes (a) pnon-bonding band is actually doubled due to Jahn-Teller effect. 


(b) Excitation from 3s level is too energetic to be seen using He(I) radiation. 


electron has been lost from a bonding molecular orbital in 
the ionization (cf. discussion of H, in section 7.11) 


TABLE 3.3 Photo-ionization of oxygen, O; 
(Stretching frequency of neutral 
О, = 1555 cm ^!) 


A,+hv> Af +e 
Conversely, equal or greater vibrational energies in Az Photoelectron Vibrational Assigned to loss of electron 
implies the loss of a non-bonding or an antibonding electron. energy (eV) energy (em) which is from 
As a simple example, let us consider the PE spectrum ‘of For O? 12:07 1780 antibonding л* 
HCl, shown schematically in Figure 3.21. Two bands are 17-0 1010 bonding л 
found using He(I) radiation. The one at 12-75 eV has the 19:3 1110 bonding 0, 
short vibrational series characteristic of the loss of а поп- 26:9 antibonding 9, 
40-6 bonding [^ 


bonded electron while the long sequence of the 16:25 eV 
band is that expected where a bonding electron is lost. These 
assignments are supported by the vibrational separations 
(Table 3.2). Thus the 12-75 eV ionization must be from the 
least strongly bound non-bonding level, the Cl(3p) level, 
while the 16:25 eV bond corresponds to ionization from the 
6, p Orbital. The third occupied orbital, the С1(35) level, is 
too stable for excitation using He(I) light. We can present 
the results in a composite energy level/PE spectrum diagram 
as in Figure 3.22. Note that the levels of the empty orbitals, 
e.g. o*,, cannot be located by photoelectron spectroscopy. 
For a second example, consider Оз. Here an additional 
complication arises because of the unpaired electrons in the 


z* orbital. If the ionization occurs from, say, the с, orbital, 


P.E. intensity 


EF 10 ан dites, 
Е ем 


Notes (а) Last two excitations used Не(11) radiation. 
(b) For comparison, loss of 1 s electrons needs >540eV. 
(c) Levels doubled by spin effects have been averaged. 


then the electron remaining in ср in the Ož ion may have its 
spin parallel or antiparallel to the z* electrons. Thus each 
energy state is doubled apart from that arising from z* 
ionization. The analysis is indicated in Table 3.3. It will be 
seen that these observations could be fitted on to Figure 3.18. 

However, if we turn to nitrogen, №, we find that we 
are forced to consider mixing among the sigma states, as in 
Figure 3.20b. 

The He(I) photoelectron spectrum of № is shown in 
Figure 3.23, and the data are listed in Table 3.4. It is 
immediately obvious that the 15:6 eV ionization is from an 
orbital that is only weakly bonding, and cannot therefore be 


N, 
—20 A 
-212 CO —^ 
t M LLL LL LL ———1_——1— 
Gs 20 18 16 14 12 


FIGURE 3.22 Energy levels and photoelectron spectrum of HCl 


energy (electron volts) 


FIGURE 3.23 Photoelectron spectra of Nz and CO 
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TABLE 3.4 Photoionization of N; and CO 
(Stretching frequency of N, = 2345 cm ^ ! 
СО = 2157 cm7!) 


, 


Photoelectron Vibrational Assignment of 
energy (eV) — separation (ст 1) lost electron 
ForNZ (1) 1557 2150 weakly bonding 
(2) 16-69 1810 strongly bonding 
(3) 18-75 2390 weakly antibonding 
(4) 37.3 strongly bonding 
(5) 410 15 electron 
ForCO* (1) 14-01 2160 non-bonding 
(2) 16-53 1610 bonding 
(3) 19-68 1690 bonding 
(4) 38:3 strongly bonding 
(5) 293 C I5 electron 
(6) 542 O 1s electron 


from the л level. Further, we expect the N, л level to be 
similar in energy to the O, z level which is 17.0eV from 
Table 3.3. Thus the 16-69 eV level in № has the expected 
attributes of the bonding z level. This leads to the conclusion 
that the weakly bonding level at 15:57 eV and the weakly 
antibonding level at 18:75 eV arise from the two higher 
sigma orbitals, and the least stable of these lies above the л 
level. This can only happen if o* and 6, interact to (a) raise 
оу and lower сз and (b) average out their bonding and 
antibonding character to give relatively non-bonding com- 
binations. Thus the energy level diagram for № has the 
л bonding level lying between c; and оз of Figure 3.20b. 
The electronic structure of №, is therefore given as in Figure 
3.24a. 

This interpretation is supported by the data for CO, Table 
3.3. Carbon monoxide has the same number of valency 
electrons as № (such species are termed isoelectronic) but its 
energy level diagram is a skew one, reflecting the unequal 


N atom 


N atom 


N, molecule 


FIGURE 3.24 (a) The electronic structure of N} 

In the structure of №, the bonding л levels lie below ву The 
bonding and antibonding contributions of с, and G, cancel, leaving 
с, and the two л levels to make up a total bond order of three. 


CO molecule О atom 


C atom 


FIGURE 3.24. (b) The electronic structure of CO 


atomic levels, Figure 3.24b. We see that the z level of CO is 
of almost exactly the same stability as for №, but the electrons 
in оз are less tightly bound (reflecting the greater contribu- 
tion from C25, in оз) while those in ø, are more tightly 
bound (O contribution greater) than in the respective 
orbitals of N}. 

In general, the importance of the mixing between s and 
p orbitals depends inversely on the difference in energy 
between them. With atoms to the right of the Periodic Table, 
like О ог Е, the separation into о, and 6, Orbitals is a good 
approximation, and the schemes for F, or О, shown in 
Figures 3.17 and 3.18 are satisfactory. Further to the left, the 
atomic 5 and р orbitals are closer in energy and the inter- 
action between them is significant. Thus nitrogen is described 
as in Figure 3.24a: 


2N[He] (25) (25? = N;[He] [He] (01) (o2) (x)*(o,)? 


The bonding character added to ø, relative to оў exactly 
equals the loss of bonding character in оз relative to c, and 
there is no nett bonding effect when о and оз are both filled. 
Thus N; has six more bonding than antibonding clectrons 
(c11^) making a triple bond. 

In carbon monoxide and in the cyanide ion, the ву level 
also lies above the bonding z orbitals. The species are triply 
bonded and the formation equations may be written: 


C[He] (25)? (25)? + O[He] (25)? (25)* 
= CO[He] [He] (0,)2(0,)2 (1)*(o3)? 
and C[He] (2s)?(2p)? +N[He] (25)? (2p)? +e 
= CN" [He] [He] (0,)? (03)? (1)*(o4)? 


3.7 Summary 

By combining atomic orbitals into molecular orbitals, we 

can describe the bonding in diatomic molecules in a way that 

gives greater depth to the carly ideas of clectron-pair bonds. 
Using simple combinations of the s and p orbitals, as in 

Figure 3.16, we can feed in the valency electrons and arrive 

at correct indications of the bond orders and numbers of 


unpaired electrons for any diatomic species A; or AB, or any 
of their cations or anions. For О, or F;, such an approach 
also gives the correct relative ordering of the energies of the 
molecular orbitals. 

For the general case, particularly with molecules of atoms 
to the left of oxygen in the Periodic Table, a more accurate 
description of the relative energies of the molecular orbitals 
allows for mixing of s and p contributions to the sigma 
orbitals. This is often sufficiently large to alter the relative 
position of the z bonding orbital, as in Figure 3.24. 

‘There are thus two stages in the description of a diatomic 
species: 

(1) determine the bond order and magnetic properties by 
filling the levels of Figure 3.16; 

(2) find the relative energy levels, and the best description of 
the orbitals, by reference to the photoelectron spectrum or 
other experimental data. In absence of such data, be pre- 
pared to use Figure 3.24 for molecules containing atoms to 
the left of oxygen. 

ihe molecular energy level diagrams may also be used in 
the discussion of the excited states of the molecules. If the 
molecule absorbs energy equal to the difference between the 
cnergy of an occupied orbital and that of one of the higher, 
empty orbitals, an electron will undergo a transition into 
the upper orbital, e.g. л — л* in №. The energy differences 
between molecular orbitals can thus be observed in the 
electronic spectrum of a diatomic molecule and such experi- 
mental values compared with the calculated energy levels, 
just as in the case of atomic orbitals. The electronic transi- 
tions for the light diatomic molecules such as nitrogen are of 
relatively high energy and occur in the far ultraviolet region 
of the spectrum. 

I'hus the photoelectron spectrum gives the absolute energies 
of the occupied orbitals, while the visible-U V spectrum 
can give the energy differences between occupied and empty 
orbitals. By combining both sets of data, the diatomic 
molecular energy level diagrams can be made quantitative. 


PROBLEMS 


In this chapter, we start to combine atoms into chemically 
much more significant entities—molecules. All the atomic 
properties discussed in Chapter 2 are significant in the 
resulting molecules as later chapters show. However, we 
emphasize here the atomic orbitals and show how we can 
think of them combining —considering them purely as waves 
with one crest reinforced by another or nullified by a trough. 
We turn the resulting wave into an electron density distribu- 
tion and decide whether the attractions between the positive 
nuclear charges and this distribution will be greater or less 
than in the separate atoms. This brings us qualitatively to the 
idea of the energy of stabilization, and then to a quantitative 
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picture using data from photoelectron spectra. 

Question 1 revises basic ideas (see Figure 3.1). 

Many variants of the other questions will suggest them- 
selves. Thus the bond order of any diatomic A; or AB (real or 
hypothetical) or of any ions derived from these can be 
predicted. You can look for evidence of bond order changes 
in bond lengths, bond strengths (reflected by heats of forma- 
tion or vibrational stretching frequencies) or from photo- 
electron spectra. 


31 (a) The relative molecular mass of ХСІ, is 181. What is 
the relative atomic mass of X? 

(b) A substance contains 16-1 %H, 38-7 %C and 45-1 YN. 
If the relative molecular mass is 31, decide its structural 
formula. 


3.2 Using your values from question 2.5, draw out the plots 
corresponding to Figures 3.2 and 3.4 for two H atoms whose 
nuclei are separated by 

(a) 50pm and 

(b) 200 pm. 
3.3 Using z as the internuclear axis in AB, write down all 
the combinations of d orbitals on A with s, p or d orbitals on 
B which will give 

(a) с bonds, 

(b) x bonds. 


34 Work out the electron configurations, bond orders, and 
numbers of unpaired electrons for the species 02,0, Or 
and O27. (Compare your answers with section 3.5.) 


3.5 Using Figure 3.16, determine the configurations of the 
diatomic molecules Li;, Bez, В, C2, №, O2 and F;. Arrange 
in decreasing order of bond strength. 


3.6 Repeat the exercise in 5 with all the possible mixed 
diatomics AB. 


37 If Figure 3.18b applies, which of the unstable species in 
questions 5 and 6 might be stabilized ? 


3.8 Which of the species CN, CO, NO, NF and OF would 
be stabilized by 

(a) loss of an electron, 

(b) gain of an electron? 


3.9 The (simplified) photoelectron spectrum of NO shows 
the following bands 


Ionization energy (eV) Vibrational separation (cm *) 


9-26 2260 
16-4 1550 
18-1 1180 


Assign and compare with СО and О,. (The stretching 
frequency of NO is 1890 cm !). 


4 Polyatomic Covalent Molecules 


4.1 Introduction 

Once more than two atoms are present in a molecule, the 
problem of molecular shape arises. For example, an AB, 
molecule might be a tetrahedron, a square plane, or some less 
symmetrical shape. Since the molecule in its ground state 
adopts the shape which minimizes the total energy, a 
complete bonding theory would produce the shape of the 
molecule as one of its results. Unfortunately, such high- 
accuracy calculations are only possible for simple species with 
few electrons. Thus the shape, or at least the symmetry, has to 
be determined by experiment, and we then require of our 
bonding theory a description of the shape rather than a 
prediction. 

While the shape may always be determined experimentally 
(see Chapter 7), it is convenient to be able to decide on the 
most likely shape of a polyatomic molecule or ion. It turns 
out that this can be done, quite simply, by considering the 
repulsive forces between electron pairs in the valency shell of 
the central atom (or atoms) of the species. This VSEPR 
theory (valence shell electron pair repulsion) gives a good 
qualitative prediction of the shape of a molecule which turns 
out to be accurate for about 95% of all main group 
compounds and is also basically correct for transition metal 
complexes. 

We outline the VSEPR theory and show the shapes 
predicted by it in the next two sections before we turn to a 
discussion of bonding in polyatomics. 


4.2 The shapes of molecules and ions containing sigma bonds 
only 


The case of sigma-bonded species is the simplest and is 
discussed first. 


4.2.1 The arrangement of sigma bonds 

When two atoms are bound together, electron density is 
concentrated in the region of space between them (sections 
3.3 and 3.4). If a central atom is bonded to a number of 
others, it is reasonable eo expect the bonds from the central 
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atom to be as far apart as possible in order to reduce the 
electrostatic repulsions between the electron-dense regions in 
the bonds. For a triatomic molecule, such as BeCl;, a linear 
configuration Cl — Be — Cl will minimize the repulsions be- 
tween the electrons in the two Be— СІ bonds. Similarly, 
when there are three attached atoms, as in BCl;, an equi- 
lateral triangle with the Cl — B — СІ angles all 120° is the 
expected form for the molecule. Table 4.1 shows the expected 
configurations for molecules of the types AB,. In each case the 
configuration is the one of highest symmetry. 

Coordination numbers greater than six are uncommon. 
Iodine is seven-coordinate іп the pentagonal 
pyramidal IF; and tellurium, for example, is seven- and 
eight-coordinate in complexes derived from the hexafluoride 
There are many examples of the cases shown in Table 4.1, 
among ions as well as among molecules, and the tetrahedron 
and octahedron are especially common shapes. 

If more than one type of atom is bonded to the central one, 
the configuration becomes less symmetrical although retain- 
ing the basic shape shown in the Table. (The tetrahedral 
configuration of all kinds of organic molecules is an obvious 
example.) In a molecule AB, X,, if the A — X bond is shorter 
and stronger than the A — B bond the electron density near A 
in the X directions will be greater than in the B directions. As 
a result, the BAB angles close up and the XAX angles open 
out relative to the values given in Table 4.1 for symmetrical 
AB, cases. In addition, the AX bonds will tend to be as far 
apart in the molecule as possible; for example an octahedral 
AB, X, species would be expected to be most stable in the 
trans configuration, compare Figure 13.15. 

It is not always obvious, in a particular compound, in 
which direction away from the symmetrical configuration a 
distortion will occur. Bond lengths, bond polarities, and 
steric effects may all come into play and tend in opposite 
directions. However, most changes in bond angles due to 
unsymmetrical substitution are relatively small—c.f. the 
parameters of the silyl halides below—and the basic shape 
remains the one of Table 4.1. 


bi- 


TABLE 4.1 Shapes of AB, molecules 
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n Formula Shape Angles Examples 
2 AB; linear B-A-B = 180° BeCl,, НЕСІ, 
3 AB; triangular B-A-B = 120° BF, 
4 AB, ; tetrahedral B-A-B = 109° 28 SiCl,, BH; , NH; 
5* AB, ог АВВ; trigonal B-A-B = 120° PCI, 
bipyramidal B'-A-B' = 180° 
B-A-B' = 90° 
6 АВ, octahedral B-A-B = 90° SFe, PCI; 
* Ali the B positions in all these configurations are equivalent, except in the trigonal bipyramid where the two apical positions (B') are not equivalent to the 


three equatorial (B) ones. 


Н —Si—H angle in silyl halides, SiH4X: 
X = F, angle = 109}°: X = Cl, angle = 1104°: 
X = Br, angle = 1114° 


4.2.2 The effect of lone pairs 

The most important case of distortion by unsymmetrical 
substitution comes when a substituting atom is replaced by 
an unshared pair of electrons on the central atom. For 
example, ammonia NH;, is not a plane triangular molecule 
as a casual glance at Table 4.1 would suggest, but is pyrami- 
dal with an H-N—H angle of 107°. This angle is near the 
tetrahedral value and a count of the electrons on the nitrogen 
shows that there is a lone or unshared pair of electrons in 
addition to the three bond pairs. If the lone pair occupies a 
specific direction in space, the four electron pairs would still 
be expected to have a basically tetrahedral arrangement. 
Thus ammonia is an extreme case of an unsymmetrically 
substituted tetrahedron, AB4X. Since a lone pair is subject to 
the attraction only of the central atom nucleus, rather than 
being shared between the central atom and a bonded atom, 
the electron density ofa lone pair is concentrated close to the 
central atom as shown schematically in Figure 4.1. Thus the 
lone pair electrons exert greater repulsion than the bond 
pairs, and the bond angles close up when a lone pair is present. 
For example, the X – M ~ X angles of all the nitrogen group 


FIGURE 4.1 Three electron pairs on a central atom: (a) three equal pairs, 
(b) two bond pairs and a lone pair . 
As the lone pair is influenced only by the central nucleus, its density 
is concentrated much more closely to the central atom than the 
bond pairs and it thus dominates the stereochemistry. 


trihalides such as NF; or Sbl lie within the range 97^-104^ 
compared with the tetrahedral angle of 1094°. Again, where 
geometrical isomerism is possible, lone pairs will tend to be as 
far apart as possible. Thus a central atom with two lone pairs 
and four bond pairs around it, is expected to form a square 
planar molecule, with the two lone pairs in the trans positions 
of Figure 4.5c. 

When lone pairs are taken into account, the structure of 
any sigma-bonded species may be formulated in terms of two 
simple rules: 

1. The basic shape of a molecule or ion depends on the 
number of electron pairs surrounding the central atom (lone 
pairs plus bond pairs) and is that which follows from Table 
4.1, assuming that lone pairs occupy positions in space. 

2. Repulsions decrease in the order:— lone pair—lone pair 
> lone pair—bond pair > bond pair—bond pair, with the 
results that (a) lone pairs tend to be as far apart from each 
other as possible and (b) bond angles close up compared 
with those given in Table 4.1 for the regular structure of the 
same total number of electron pairs. 

It is convenient to use the symbol E for a lone pair of 
electrons. The main types are listed in Table 4.2 and 
discussed below. In all these cases the ligands (a general term 
for any atom or group attached to the central atom) may be 
radicals like alkyl groups, or ions like cyanide, or neutral 
groups donating lone pairs like water or ammonia, as well as 
atoms as in the Table. Thus, 7п(Н,О)2* is a zinc ion (with 
no valency electrons of its own) surrounded by four electron 
pairs donated by the four co-ordinated water molecules and 
the shape is therefore tetrahedral. 


B oe 
(a) (b) 
A A x< 120° 
B B B B 
BF; SnCl, 


FIGURE 4.2 Shapes of species with three electron pairs around the central 
atom: (a) three bonds, (b) two bonds and one lone pair 
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TABLE 4.2 Shapes of species with lone pairs of electrons 


Total number 


of electron 
pairs in the Number of 
valence shell Basic shape lone pairs 
3 triangle 1 
4 tetrahedron 1 
2 
5 trigonal bipyramid 1 
2 
3 
6 octahedron 1 
2 


Formula Shape Examples 
AB;E V-shape SnCl; (gaseous 
AB3E trigonal pyramid МН;, РЕ; 
AB;E; V-shape H30, SCl, 
AB,E see Figure 4.4 TeCl, 

AB4E; T-shape CIF; 
ABE, linear (ICl;) ^ 
АВ;Е square pyramid IF; 
AB,E, square plane (ICl4) 


4.2.3 Three pairs 

Figure 4.2 shows the case where there are three electron 
pairs in the valence shell. When one of these pairs is un- 
shared, the V-shaped molecule of Figure 4.2b results. (It must 
be noted that lone pair, or other valency electron density is 
rarely found experimentally. The atom centres are normally 
determined and the electron positions deduced from the 
resulting structure. In this and the following Figures, the lone 
pairs are indicated schematically to show the relation to the 
basic structure.) Because of the greater repulsion of the lone 
pair, the bond angle is reduced from the value of 120°. 


4.2.4 Four pairs 

Shapes derived from the tetrahedron are shown in Figure 4.3 
and illustrated by methane, ammonia, water, and their 
heavier analogues. CH4, SiH4 and GeH, are regular tetra- 
hedra with bond angles of 109° 28' (Figure 4.3a). In am- 
monia, one position is occupied by the lone pair of electrons, 


NH, 


x« 1091 


DI .. 
^ 
А 


B 
E H;O 
FIGURE 4.3 Shapes of species with four electron pairs around the central 
atom: (a) four bonds, (b) three bonds and one lone pair, (c) two bonds and 
two lone pairs 


and the molecular shape is the trigonal pyramid o! 
Figure 4.3b, with the H - N — H angle reduced to 107° 18' by 
the repulsion of the lone pair. Water has two unshared 
electron pairs on the oxygen atom, so the molecule is V- 
shaped as shown in Figure 4.3c and the increased repulsion 
reduces the Н — О ~ Н angle to 104° 30’. 

The bond angles in the heavy element analogues of 
ammonia and water all show considerable reduction from 
the tetrahedral angle, Table 4.3. The angles of the com- 
pounds of the oxygen Group are all smaller than those of the 
corresponding compounds of the nitrogen Group elements, 
reflecting the enhanced repulsion effect of the two lone pairs. 

'The variations in angle shown in Table 4.3 may be 
rationalized in terms of the electron densities in the bonds 
of these compounds: the higher the bond electron density at 
the central atom, the more resistance there is to the bond- 
closing effect of the lone pairs. Thus, comparing NH, and 
РН}, the Р-Н bond is longer than the М-Н bond and 
therefore the electron density is less. Furthermore, as 
phosphorus is less electronegative than nitrogen, the electron 
density is concentrated nearer the hydrogen in P— Н than in 
М-Н. Both these factors mean that there is less electron 
density at the phosphorus atom in the P — Н bonds, than is 


TABLE 4.3 Bond angles in some AX4E and AX;E; 


compounds 

(XAX angles) 
NH, 1073 NF, 102:5° 
PH; 93-8 PF, 97.8" PCI, 100-1 
AsH, 91.8 AsF, 96:2" AsCl, 98-7 
SbH, 91-3" SbF, 87.3 SbCl, 99:5 
H,O 1045 OF; 103.2 ОСІ, 111 
H;S 92-2 SF, 98° SCl, 100 
H,Se 910° 
H;Te 89:5 


All values measured on molecules in the gas phase. Most values are 
accurate to + 0:5 


the case at nitrogen in NH;, and therefore the HPH angle 
in PH, is much more drastically reduced by the lone pair 
repulsion. A similar effect occurs if the phosphorus, in turn, 
is replaced by the rather larger and less electronegative 
atoms, As or Sb, and the HAH and HSbH Ei tag 
further The biggest relative change in 
size and electronegativity comes between nitrogen and 
phosphorus (compare Tables 2.10 and 2.14) and this is the 
point where the biggest change in bond angle occurs. 
Parallel changes are found for Н,О, HS, Н,е and H;Te. 

If NH, and NF, are now compared, changes in bond 
length play only a minor role as fluorine is only a little bigger 
than hydrogen. However, the electronegativities fall in the 
order F > N > Н so that the electron density in the N—F 
bond is concentrated towards the fluorine—the reverse of the 
polarization of the N — H bond. Thus the lone pair repulsion 
closes up the FNF angles more than the HNH ones. Again, a 
paralicl effect is observed in H,O and OF. 

The angles in the remaining halogen compounds of these 
elements are all around 100° and therefore larger than in the 
hydrides while electronegativity effects would lead us to 
predict angles smaller than in the hydrides. This may be a 
result of steric effects with the large halogen atoms coming 
into contact, or it may be an indication that 7 bonding is 
occurring between the halogen and the central atom (see 
section 4.3) which returns electron density to the central 
atom. 


contraction. 


4.2.5 Five pairs 

Five electron pairs around the central atom give the trigonal 
bipyramid as the basic shape, Figure 4.4. For this shape, the 
two apical (sometimes termed axial) positions (marked B^ 
are not equivalent to the three equatorial (B) positions. When 
the ligands are different, for example in PF4Cl;, the more 
electronegative one occupies the axial position. 

For trigonal bipyramids with one lone pair, this occupies 
the equatorial position giving the AB EB), configuration 
because this minimises the repulsions. In this configuration, 
the lone pair makes two angles of 90° to the A — B' bond pairs 
and two angles of 120? to the A — B bonds. If the lone pair was 
in the axial position, there would be three 90° angles, to the 
A — B bonds, and one 180? angle to A – В’. As the electron 
density falls off exponentially, the repulsion effect is much 
greater at small angles than at large angles. 'The dominating 
factor is the additional 90° angle and the equatorial position 
of the lone pair is the only one found. 

For two, or for three, lone pairs in the trigonal bipyramidal 
configuration, there are again à number of alternative 
structures possible. However, the only ones found are those 
where the lone pairs are equatorial. Thus, for two lone pairs, 
the structure is the T-shaped АВЕ,В; one of Figure 4.4c, 
while three lone pairs give linear AEB). 

In АВ,ЕВ, and ABE;B; the repulsions from the lone 
pairs close up the bond angles, as shown for TeCl, and CIF; 
in Figures 4.4b and c. The repulsions of the three, symmetri- 
cally placed, lone pairs in AE3B; balance out, so these species 


are strictly linear. 
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B' B' 
CIF Ic, 


FIGURE 4.4 Shapes of species with five electron pairs around the central 
atom : (a) five bonds, (b) four bonds and one lone pair, (c) three bonds and 
two lone pairs, (d) two bonds and three lone pairs 

The axial and equatorial positions are not equivalent in the trigonal 
bipyramid. All examples known so far with lone pairs have these 
lone pairs in equatorial positions. 


4.2.6 Six pairs 

When six electron pairs are present around the central 
atom, the basic shape is the regular octahedron shown in 
Figure 4.5a. In this case, unlike the trigonal bipyramid, all 
the positions are equivalent and all the BAB angles are 90°. 
(In the conventional diagram of the octahedron the equa- 


FIGURE 4.5 Shapes of species with six electron pairs around the central 
atom: (a) six bonds, (b) five bonds and one lone pair, (c) four bonds and 
two lone pairs 
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torial positions are commonly linked up to clarify the figure, 
and this tends to suggest that the apical and equatorial 
positions are non-equivalent, so care must be taken until 
such diagrams become familiar.) 

If one unshared pair is present, the structure becomes the 
square pyramid of Figure 4.5b. When there are two lone 
pairs, the configuration which minimizes the lone pair—lone 
pair interaction is the square planar configuration in which 
the lone pairs are trans to each other at an angle of 180°, as 
in Figure 4.5c. There are no examples of more than two 
lone pairs in the octahedral case. 


4.2.7 Summary and examples 

With these ideas in mind, it is possible to put the process of 
determining the shape of any singly-bonded species on a 
formal basis in terms of simple rules. These are: 


1. Determine the number of electron pairs on the central 
atom by adding up the number of valency electrons on the 
central atom plus one electron for each bond (this is the 
electron contributed by the second element to the bond) 
plus one electron for each negative charge, or minus one for 
each positive charge. 


2. The shape then follows from the cases listed in Tables 4.2 
and 4.3. Two other rules may be added to allow for special 
classes of compound: 


3. When a co-ordinate bond is present, two electrons are 
added to the total around the central atom since the donor 
atom or group is providing both the electrons of the bond. 


4. Transition elements follow the rules above but their 
valency shell d electrons are not always included when 
determining the number of electrons around the central 
atom. The shapes of species with partly-filled d shells is 
discussed in Chapter 13; here we need only note that the 
electron pair analysis applies rigorously to those cases, d°, d’ 
and d'°, where the d orbitals are symmetrically occupied and 
also, in practice, to all configurations except d*, d? and 4° 
(which are distorted) and dë, which is commonly square 
planar. 
This approach is illustrated in the examples below. 


(a) The two coordinated species, SCl;, ICly and Ag(C.N); . 


(i) SCl,: sulphur has the electron 


configuration 
[Ne] (33)? (35)*. The electron count is 


valency electrons from S — 6 electrons 
add 1 bond electron per СЇ = 2 electrons 
total — 8 electrons — 4 pairs 


SCl, has therefore four electron pairs and a V-shaped 
AB;E; structure: 


E 
а Cl 


I — 7 electrons 
2Cl = 2 electrons 
add for negative charge — 1 electron 


(ii) IClz : similarly 


ICI; has thus five electron pairs and the structure is the linear 
АВ;Е; one: (CI- I- СІ). 

(ili) Ag(CN);: silver has the electronic configuration 
[Kr](44)!9(55)! of which only the s electron is used. The 
number of electrons around the silver is thus: 


Ag s electron = 1 
add bond electron from each CN = 2 
add negative charge electron — 1 


total — 4 electrons 
Thus there are two electron pairs on the Ag and the structure 
is linear AB;: (МС – Ag- CN). 


(b) The rare gas fluorides, XeF,, XeF4, and ХеЕ,. The xenon 
atom is regarded as using all eight 5° electrons. The electron 
count then proceeds as follows. 


XeF;: Xe — 8 electrons 
bond electrons from 2F = 2 electrons 


Il 


ХеЕ, has thus five electron pairs around the xenon atom and 
the structure is the linear AB; E, type. 


XeF,: Xe — 8 electrons 


4F = 4 electrons 


ХеЕ is therefore the square planar AB,E, structure derived 
from an octahedral arrangement of six electron pairs. 


XeF;: Xe = 8 electrons 


6F = 6 electrons 


In XcF, there are thus seven electron pairs around the xenon. 
The only seven-pair structure known is that of IF; which is 
a pentagonal bipyramid: the most likely structure for ХеЕ, 
would thus be a distorted octahedron formed by replacing 
one bond pair in IF; by an unshared pair. A second possibility 
would be a pentagonal pyramid, if the unshared pair occu- 
pied an apical position. 


(c) PCls and its dissociation ions, PCI and РС. Phosphorus 
pentachloride exists as monomeric PCl, units in the gas 
phase but forms PCI; PCl; in the solid by transfer of a 
chloride ion. 


РС: valency electrons Р = 5 electrons 
bond electrons from 5Cl = 5 electrons 


PCI, thus forms a trigonal bipyramid in the gas phase. 


PC: P = 5 electrons 
4Cl = 4 electrons 

Charge — — 1 electron (for the plus charge) 

Thus there are four electron pairs around the phosphorus in 

PCI; and the shape is tetrahedral. 

PCI; : P — 5 electrons 
6Cl = 6 electrons 
Charge — 1 electron 


-— "dE = лш. 


There are thus six electron pairs in PCI; and the shape is a 
regular octahedron. 

The ionization in the solid state probably derives from the 
impossibility of packing the five-coordinate structure regu- 
larly. 


(4) As an example of coordinate bonds, consider the adduct ВЕ. МН. 


Boron has three valency electrons, therefore BF; has three 
electron pairs around the boron and is a planar molecule 
with FBF angles of 120°. Ammonia is a trigonal pyramid 
with a lone pair on the nitrogen as already seen. As the boron 
has four valency shell orbitals, one remains vacant in BF; and 
this can accept the electron pair of the ammonia to form the 


adduct. 


F,B — МН,: The electron count at the boron atom in the 
adduct is 


valency electrons B = 3 electrons 
one bond electron from 3F = 3 electrons 
two bond electrons from N = 2 electrons (as the electron 
pair is donated) 


The boron has therefore four electron pairs around it and the 
configuration (of the three F atoms and the N) is tetrahedral: 
the FBF angle is decreased towards the tetrahedral value of 
1094°, 

The electron count at the nitrogen atom remains at four 
electron pairs as the two donated electrons remain in the 
nitrogen valence shell. The nitrogen is thus surrounded 
tetrahedrally by the three H atoms and the B atom. 


(e) Transition metal compounds. 
TiCl,. Titanium has four valency electrons, 42. The 
electron count is 


valency electrons Ti = 4 electrons 
bond electrons from 4Cl = 4 electrons 
Thus TiCl, is tetrahedral. 


For the majority of transition metal compounds, this 
approach must be modified as the d electrons contribute less 
directly to the shape. To construct a general approach, ML, 
or ML, complexes of transition elements, M, and any ligand, 
L (such as halide, cyanide, water, ammonia) are regarded as 
formed from an ion M"* and four, or six, ligands donating a 
pair of electrons each. Any d electrons on M"* are not used 
and the shapes аге ML4 = tetrahedral and МІФ = octa- 
hedral. (Notice that TiCl, can be treated in this way as 33 
and 4017: this gives the correct shape and electron count, 
although it is misleading in implying ionic bonding.) 

Compounds with other coordination numbers are treated 
similarly, leading to shape predictions following Table 4.1. 
This approach will be correct in about three-quarters of all 
transition metal compounds. However, the underlying 4" 
configuration does affect the shape, especially when n= 
4,7,8, or 9, and it is better to tackle transition metal 


compounds by the different approach of Chapter 13. 


43 The shapes of species containing pi bonds ; Ч 
The extension of the discussion of the preceding section to 
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molecules and ions containing x bonds is basically simple. 
As the x electrons in a double bond follow the same direction 
in space as the с electrons of that bond, the electrons used in 
pi bonding have no major effect on the shape of the molecule. 


4.3.1 Electron counting procedure for pi electrons 

The molecular shape is determined mainly by the sigma 
bonds and lone pairs and the presence of pi bonding causes 
only minor changes due to the additional electron density. 
Thus, to determine the shape of a molecule or ion which 
contains one or more л bonds, the electrons which the 
central atom uses to form the pi bonds must be subtracted 
from the total of electrons. Then the shape of the species is 
determined by the number of lone pairs and sigma bond 
pairs around the central atom. This is best understood in 
terms of an example. In phosphorus oxychloride, POCI,, the 
central atom is phosphorus which forms a double bond to 
the oxygen, Cl,;P=O. The two electrons of this л bond 
come, one from the phosphorus and one from the oxygen. 
Thus, when counting the number of electrons around the 
phosphorus atom, this electron used in the z bond must be 
subtracted as it has no steric effect. The calculation proceeds 


valency electrons at P = 5 electrons 
sigma bond electrons from О + 3Cl = 4 electrons 
less electron used by Р in л bond = — 1 electron 


Therefore there are four electron pairs around the phos- 
phorus atom which are shape determining. POCI; is there- 
fore tetrahedral. (The effect on the bond angles of the л bond 
is discussed later.) 


Next consider the carbonate ion, CO ^ . The most reasonable 
formalation for this ion in the normal valency form is 

o- 

© 

O=C 

O- (note that in charged species involving terminal 
oxygen atoms it is usually more realistic to place the negative 
charge on the ligand atom and not on the central atom). 
Then the electron count at the carbon atom is 


valency electrons at C = 4 electrons 
sigma bond electrons from 3O = 3 electrons 
less electron used in 1 z bond = — 1 electron 


thus there are three electron pairs to determine the shape and 

the carbonate ion is planar. 

As a final example, take the sulphite ion, 505°. This would 
Y р 

be formulated as O=S and therefore: 


valency electrons at S = 6 electrons 
sigma bond electrons from 30 = 3 electrons 
less electron used in 1 л bond = — 1 electron 
hence, four electron pairs and the sulphite ion has an un- 
shared pair on the S atom and is a trigonal pyramid. 
A list of cases involving лт bonds is given in Table 4.4. 
The main difficulty in dealing with z-bonded species lies 
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TABLE 4.4 Structures of species with z-bonds 


Number of 
valency electrons 
on the central atom Number of a-bonds Number of n-bonds Shape Examples 
Case 1: no lone pairs 
(Shape follows from column 2) 
4 2 2 linear CO;, HCN 
3 1 triangular COi- 
9 3 2 triangular NO; 
4 1 tetrahedral POX,, PO}; VOS 
6 3 3 triangular 50; 
4 2 tetrahedral Gri SO2> 
T 4 3 tetrahedral 105, МпО; 
6 1 octahedral IO(OH); 
Case 2: one lone pair 
(Shape is that due to the lone pair plus the number of bonds in column 2) 
5 2 1 V-shaped NOCI, NO; 
6 3 1 trigonal pyramidal SOCI, SO$* 
2 2 V-shaped SO; 
7 3 2 trigonal pyramidal IO;, ХеО; 
4 1 distorted IO;F; 
(see Figure 4.6) 
Case 3: two lone pairs 
(Shape is that due to the two lone pairs plus the bonds) 
7 2 1 V-shaped СО; 
in deciding how many electrons the central atom is using for 
п bonds. It will usually be found satisfactory to write down а 
formula with single and double bonds which satisfies normal 
ideas of valency, as in the examples above, and then count 
up the number of double bonds from the central atom. В F 
In a few cases, notably ozone, Оз, and the nitrate ion, 2 
NO; , it will be found that it is necessary to write some of ће ó 


bonds as coordinate bonds to keep normal valencies or to 
avoid violating the octet rule. These two are best written as 


ps 


O - O2 O and x . All the bonds are, despite this 


O 
formalism, equivalent. The electron count then proceeds: 
О, NO; 
O = 6 electrons (the N — 5 electrons 
central O) 

ІО = | electron (the 20 = 2 electrons (the 
covalently two covalently 
bound O) bound Os) 

1 z bond = —1 electron 1 л bond = — | electron 


total — 3 pairs total — 3 pairs 

Thus Оз is a V-shaped molecule and NO; is planar. Notice 
that, as the coordinate bonds originate from the central 
atom, the oxygen bound by the coordinate bond contributes 
no electrons to the count of those around the central atom. 


Although a formula with localized double bonds is used to 


FIGURE 4.6 The structure of IO5F 7 


assist these calculations, it must not be thought that this type 
of formula gives a true description of the electron distribution 
in the species. If the ligand atoms are all equivalent, double 
bonds and charges are delocalized over the whole molecule 
or ion. For example, the three configurations: 


о О OF 
Z РА "4 
O= x ў imm ,and ете 
OF ‘OF о 


аге all equally likely for the carbonate ion, and it is found 
experimentally that all the C— О distances are identical and 
that there is a charge of —%e on each oxygen. This de- 
localization is discussed in the next section. 

Where л bonding is delocalized, as in this case, its only 
effect on the stereochemistry is to shorten all the bonds 
compared with the single bond lengths. If, however, the л 
bond is localized, as in СІ,Р= О or Cl,S=O for example, 


then it exerts a steric effect. As the double bond region con- 
tains two electron pairs and the bond is also shorter than a 
single bond, the electron density is high and so the repulsion 
between two double bonds, or between a double bond and a 
single bond is greater than that between two single bonds. 
The л bond thus has a steric effect similar to that of a lone 
pair and the bond angles between single-bonded ligands will 
be closed up because of the greater repulsion. For example, 
in POCI, the CI - P — СІ angle is reduced from the tetra- 
hedral value to 103$°. 


4.3.2 Summary 

The application of the VSEPR theory, as discussed in the last 
two sections, may be summarized: 

(i) Empirical ideas of the repulsion of the electron-dense 
regions represented by chemical bonds leads to the principle 
that bonds around a central atom will be arranged in the 
most symmetrical manner possible for the coordination 
number, These are the configurations given in Table 4.1. 

(ii) Lone or unshared pairs of electrons on the central atom 
must be taken into account when deciding the shapes. These 
lone pairs fill coordination positions in the basic configura- 
tions to give the shapes detailed in Table 4.2 and in the 
commentary thereon. 

(iii) The direction of distortion from the basic shapes in un- 
symmetrically substituted species may be predicted by con- 
sidering the electron density and polarization within the 
bonds. When lone pairs are present, they have a dominating 
effect and the order of repulsions is lone pair—lone pair > 
lone pair—bond pair > bond pair—bond pair. 

(iv) The same analysis applies to species with л bonds. The 
electrons contributed by the central atom to the л bonds are 
subtracted and the configuration depends on the number of 
bonds plus lone pairs left on the central atom as in the cases 
in Table 44. Delocalized bonds have little steric effect but 
localized ones are regions of high electron density and cause 
distortion. 

Although it is at first necessary to work out each structure 
systematically using the rules above, it will be found that the 
process is readily short-circuited with practice. For example, 
a major question is always whether there are lone pairs 


3px 


H 


FIGURE 4.7 The combination of the phosphorus 3px 
x-axis to give the molecular orbitals of a P- Н bond in PH 
The H atom in the x direction combines with a suitable 
and antibonding two-centred molecular orbitals. 


orbital with the 1s orbital of the hydrogen on the 


phosphorus orbital to give bonding 
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present, and these are nearly always found in compounds 
where the central element is showing an oxidation state less 
than its Group maximum one. Similarly, structures of iso- 
electronic species are usually the same, e.g., СОЗ and NO3, 
or SO; and Os, and this often helps to link up with known 
compounds. 

‘Finally, one warning: the methods above apply on the 
assumption that the molecular formula is known and does 
not allow for polymerization. Thus, beryllium dichloride 
exists as BeCl, only in the gas phase, in the solid it is a 
chlorine-bridged polymer 


Cl 1 


C 1 
p NW. a: 
90 € 
d d ^oc ^ 


Similarly, aluminium tribromide exists as the dimer Al, Brg, 
and SiO, is a three-dimensional polymer instead of a discrete 
molecule like СО,. However, as long as the molecular 
formula is known, the methods given above lead to the 
structures of most simple molecules and ions. 


4.4 General approaches to bonding in polyatomic species 

Once we know the shape of a polyatomic species, whether 
from experiment or by VSEPR theory, or other prediction, 
we wish to discuss its bonding. The molecular orbital 
approach may be extended to cover molecules of more than 
two atoms in two different ways. One way would be to take 
the n nuclei of an n-atomic molecule, together with their inner 
non-bonding electron shells, place them in their positions in 
the molecule, and then combine all the valency shell atomic 
orbitals on all the atoms into poly-centred molecular orbitals 
embracing all the nuclei. The total number of such delocalized 
molecular orbitals equals the total number of atomic orbitals 
used in their construction and each may hold up to two 
electrons. The valency electrons would then be fed into these 
n-centred molecular orbitals, in order of increasing energy, to 
form the molecule in a process which is exactly analogous to 
the building-up of atomic and diatomic molecular structures 
which has just been discussed. Thus we would place the atoms 
of water in their V-shape, and seek to form 3-centre 


15 ys. 


bonding orbital 


oe 
P 


antibonding orbital 
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molecular orbitals for Н,О from the hydrogen 15 and the 
oxygen 25, 2p,, 2p, and 2p, atomic orbitals. 

An alternative approach is to think of each pair of bonded 
atoms separately as forming a two-centred bond just as in the 
diatomic molecules. The whole molecule is built up from 
such two-centred localized molecular orbitals. That is, we 
describe H,O in terms of two О-Н bonds. This latter 
approach corresponds to the long-familiar ideas of electron 
pair bonds and it is the one which is mainly used to describe 
sigma bonding in polyatomic molecules. The picture of 
delocalized many-centred bonds is less familiar but it is very 
useful in the discussion of z-bonded species and must also be 
applied in the discussion of certain o-bonded molecules, 
especially the ‘electron-deficient’ molecules typified by the 
boron hydrides. 

In a complete treatment, both the method of localized 
bonds and the method of delocalized ones give exactly the 
same description of the electron density distribution in the 
molecule, and they are often used interchangeably in ad- 
vanced work. We shall start by discussing sigma-bonded 
species in terms of localized, two-centre, orbitals. Later we 
indicate the multi-centred approach and discuss how experi- 
mental evidence from photoelectron spectroscopy allows us to 
choose which is the more satisfactory. Finally we describe л- 
bonded species. 


4.5 Bonding in polyatomics: the two-centre bond approach 
In tackling the shapes of sigma-bonded species, as described 
in Tables 4.1 to 4.3, we first note that there are already in the 
atomic orbitals some steric properties, for example, the three 
p orbitals are at 90° to each other. It is thus possible to 
describe bond angles of 90* in terms of overlap with p orbitals 
of the central atom and suitable orbitals on the ligands. Thus 
phosphine, PH}, where the H — P — Н angle is just above 90°, 
could be described as having each P—H bond formed by 
overlap of a phosphorus 3f orbital with the 1s orbital of the 
hydrogen to give a situation very similar to that in a diatomic 
molecule. The phosphorus atom has the valency shell con- 
figuration (3s)? (35,)! (35,)! (35.)'. In the x direction, for 
example, the phosphorus 3p, orbital (which will be written 
у.) is of the correct symmetry to form a sigma overlap with 
the ls orbital on that hydrogen atom lying in the x direction 
(written y). The resulting two-centred molecular orbitals are 
of the form given in equation 3.2: 


Os, Px = V. Oy. 
з, Px e, bs V. 


where the value of c which gives the most favourable energy 
of combination would have to be determined in the course 
of the calculation (compare section 3.3). There are two 
electrons available, the hydrogen one and the one from the 
phosphorus р, orbital, and these fill с, p, leaving the anti- 
bonding orbital empty, and giving a single P— Н bond. 


This step is represented in Figure 4.7 and may be written 


а 
+ 
| 


as a formation equation: 


P(35,)! - H(1s)! = Р-Н(о, ,,)?(o% p)? 


s. Pe 


FIGURE 4.8 The bonding orbitals in the phosphine molecule 

The overlap of the three phosphorus f orbitals with hydrogen 5 
orbitals gives three P— H bonds at 90° to each other, reflecting the 
angle between the f orbitals. 


Thus the whole process of forming this P—H bond is just 
the same as forming the bond in a heteronuclear diatomic 
molecule. 

The P — Н bonds in the y and z directions are formed in the 
same way giving the phosphine molecule (Figure 4.8) : 


P(35)? (3p,)! (3р)! (3p,)! + 3H (15)! 


= PH3(35)7(65, „) (o, p,) (буы) (OF pe) (O% py) (o£ p)? 


The molecule may be built up in this way by considering 
each pair of bonded atoms in turn as if they were in a 
diatomic molecule and using the methods of section 3.5. The 
lone pair of electrons is accommodated in the s orbital (and 
they will tend to be concentrated in that spatial segment of 
the s orbital remote from the bond directions) and the 
H — Р-Н bond angle follows as a consequence of the 90° 
angle between the p orbitals. 

A similar discussion applies to РН, AsH}, and to the 
hydrides of S, Se, and Te. In H5S (Figure 4.9) the bonds аге 
formed using two of the sulphur 3p orbitals, giving an 
H - S- Н angle of 90°, and the third p orbital and the 3s 
orbital hold the two lone pairs. This analysis does not explain 
the small departures from the 90° angle in these molecules and 
cannot account for the much larger bond angles in water and 
ammonia. 


4.6 Two-centred orbitals: hybridization 

The use of pure atomic s and р orbitals fails to account for the 
shape of most of the molecules mentioned in the previous 
sections. Linear, triangular, or tetrahedral shapes, for 
example, cannot be explained using simple atomic orbitals 
and the concept of mixed or hybrid orbitals has to be 
introduced. 


4.6.1 Equivalent hybrids 


Consider first beryllium dichloride: the electronic 


FIGURE 4.9 The bonds in 
hydrogen sulphide 


two bonds from s-- p overlap 


configuration of the beryllium atom is Be — [He] (23)? (2). 
The two electrons in the valency shell are paired in the s 
orbital, and the p orbitals are empty. In order to obtain 
divalencv, the s orbital and a f orbital must be used and, to 
have two bonds at 180°, this s+% configuration must be 
rearranged to form two equivalent orbitals. This is done by 
combining the two into two sp hybrids as shown in Figure 
4.10. If the s orbital is superimposed on the p one as shown, 
the positive lobe of the р wave function is reinforced and the 
negative lobe is diminished. This description reflects dia- 
grammatically the mathematical process: 


1 
sp Jar? 
which gives the orbital shown in Figure 4.10a. The second 
hybrid, which is directed in the reverse sense, is (1/./2) (s — p) 
and is given in Figure 4.10b. The factors 1/2 arise as the 
total electron density in the two sp hybrids (found by squaring 
the two wave functions above and adding) must equal 
s? +p, the electron density in the two constituent atomic 
orbitals. The total process is: s+p = 2sp hybrids, two atomic 
orbitals giving two hybrid orbitals on the central atom. (Note 


7 
nodal surface 


AC 


FIGURE 4.10 The formation of 
sp hybrid orbitals: (a) the orbital (b) 
1//2)(s+p), (b) the orbital 
(1/4/2) (s — p) 
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that this process of mixing orbitals on the same atom, to give 
hybrid atomic orbitals, must be distinguished from the pro- 
cess of combining an s and a p orbital on different atoms to 
form с molecular orbitals which was shown in Figure 3.11.) 
The two valency electrons are then placed one into each sp 
hybrid and each of these may overlap with a ligand orbital to 
form molecular orbitals. 

The two sp hybrid orbitals are equivalent to each other and 
directed at 180°. They are used to form the bonds in a linear 
molecule. For example, the description of BeCl, given 
below, resembles the description of PH, apart from the use 
of hybrid orbitals. 

BeCl. The chlorine atom has seven valency electrons and 
four valence shell orbitals. Six of the electrons are paired up 
in three of these orbitals, leaving the fourth singly-occupied. 
Let the Cl—Be—Cl axis be taken as the z-direction. The 
singly-occupied chlorine orbital must be of sigma symmetry 
with respect to the Ве – Cl bond, and could be the chlorine 
s or p, atomic orbitals or a hybrid such as sp pointing in the 
z direction. Molecular orbitals are formed by this chlorine т 
orbital and the sp hybrid on the beryllium to give bonding 
and antibonding molecular orbitals, and the same happens 
for the second chlorine atom and the other sp beryllium 
hybrid. The complete process is first: 

Be(s)?(p)° = Be(spa)' (sbg)! (designating the two 

chlorine atoms A and B) 

that is, the beryllium valency electrons are placed one into 
each hybrid orbital. 
Then Be(sp,)! + СЇ, (в)! = Be — Cla (Gne с) (eif. - ci" 
where Gg, ci is of the form Ysp + Yp and for the antibonding 
orbital сй. с is Vsp — Yp 
Similarly for the bond to the second chlorine 

Be(spg)! + Clg(o)! = Be— Clg (c)? (c*)9 


These are shown in Figure 4.11. 


CONSE ASS. 


Cl atom Be atom Cl atom 
3p orbital 2sp hybrid orbitals 3p orbital 
„Сү; 3€: © 
СІ Ве Cl 


e O, 
BeCl, molecular orbitals 


FIGURE 4.11 Bonding in beryllium chloride: (a) the contributing atomic 
orbitals, (b) the bonding molecular orbitals 


Each beryllium-chlorine bond is a normal single bond, 
just as in the diatomic molecules or in phosphine, except that 
it is formed using a hybrid atomic orbital on the beryllium 
instead of a simple one. The Cl- Be — Cl angle of 180° 
follows from the angle between two sp hybrids. 

As well as providing orbitals oriented at the correct angle, 
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TABLE 45 Values of Pauling's S parameter for various 
atomic orbitals 


Orbital 5 b sp sp? sp? 
Relative strength — 1-0 1-73 1-93 1-99 2-00 


sp hybrids overlap more effectively than simple s or p orbitals, 
and therefore give stronger bonds. Pauling has proposed the S 
parameter, listed in Table 4.5, as a measure of this relative 
overlap for various orbitals. 

A similar mixing process can be carried out with two p 
orbitals and the s orbital, to give three equivalent sp” hybrid 
orbitals directed at 120°. These are shown in Figure 4.12. If 
one of the three orbitals is directed along the x-axis, this has 
contributions from the s and р, orbitals. The other two 
hybrids are composed of the s, p,, and p, orbitals. The 
expressions for the three hybrids are, respectively: 

м Gs Ob 

JG Gp. @», 

JG Jb. / (Db, 
The coefficients are again chosen so that the total electron 
density in the three hybrid orbitals adds up to s? + p2 + p?, the 
electron density in the three constituent orbitals. 

The sp? hybrids are then used to form the bonds іп a plane 

triangular molecule, such as BCl}. The process may be 
described as: 


(i) Formation of the sp? hybrids and placing one valency 
electron in each 


В(2:2) (25)! = B(s)" (sp?) (sp?)*. 
(ii) Each sp? hybrid is combined with a chlorine orbital of 
sigma symmetry to give one bonding and one antibonding 
two centre molecular orbital. These are of the form sph 4- coy 
(bonding) and 502 — сос (antibonding). The electrons go 


nodal surface of 
orbital along 
x-axis 


y 
sp” hybrids 


FIGURE 4.12 The formation of sp? hybrid orbitals 
One of the three nodal surfaces is shown. The small lobes are the 
negative part of these three orbitals. 


into the bonding orbitals: 
B3(sp?)2+3Cl(o)' = BC133(ap-c1)°3(o% _с)° 

The whole process is that three atomic orbitals on the boron, 
combined into three atomic hybrid orbitals, combine with 
three atomic orbitals on the three chlorines to give six 
molecular orbitals, three bonding and three antibonding. 
The six valency electrons fill the bonding orbitals, giving the 
boron trichloride molecule as shown in Figure 4.13. 


Cl 


FIGURE 4.14 The four sp? hybrid orbitals 
The four small negative lobes (compare Figure 4.12) have bee: 
omitted for clarity. The зр? hybrids are tetrahedrally directed. 


In tetrahedral configurations, all three p orbitals and the 
s orbital combine to form four sp? hybrids, which are shown 
in Figure 4.14. When five- or six-coordinated structures have 
to be formed, it becomes necessary to use d orbitals as well as 
s and p orbitals. Five-coordination arises from зр? hybri- 
dization and the appropriate d orbital is the 4,: orbital. (This 
can be seen qualitatively; the three equatorial positions in the 
trigonal bipyramid correspond to three sp? hybrids and the 
two orbitals in the + z-direction arise by mixing the atomic 
orbitals lying on the z-axis, that is р, and d,2.) In a similar 
manner, octahedral hybridization involves six sp? d? orbitals 
and, here, the appropriate d orbitals are dj: and d,2_,2. d 
orbitals may also contribute to other shapes. For example, sd 
using dy, dys and d,,) is also tetrahedral. The above 
treatment of higher coordination numbers is useful as an 
initial approach. In more advanced treatments, the extent 
o which d orbitals are involved in five- and six-coordi- 
nated compounds is subject to discussion (compare 
section 18.8). 

For linear, triangular, tetrahedral, and octahedral shapes, 
all the hybrid orbitals in a set are equivalent, have equal 
angles between them, and extend equally in space. For 
example, each зр? hybrid is equivalent to the other three and 
has one-quarter s character and three-quarters f character. 

When hybrids are formed, energy is required to promote 
the electrons into the configuration required for the bonds, as 
in the 529? to sp! sp! configuration discussed above for ВеС1,. 
If the energy ofsuch a step can be calculated, and the energies 
of the remaining steps are known, it is possible to calculate 
the energy of formation of a particular molecule and perhaps 
predict the preferred product(s) of a reaction. Such an 
analysis is often not possible for lack of data, but the case of the 
reaction of carbon and hydrogen to form the CH, molecule 
has been worked out and it may be compared with the 
possible alternative reaction to form CH; (Figure 4.15). It 
will be noted that the difference in heats of formation favours 
CH, by a factor of 4/3 compared with CH; but the difference 
is only about one per cent of the total energies involved, which 
again highlights the difficulties of predicting chemical 
behaviour by direct calculation. 

The carbon atom reacts in such a way that all its valency 
electrons and all its valency orbitals are involved in molecule 
formation, and this is generally the favoured mode of 
reaction, at least for lighter atoms. Where there are empty 
valence orbitals as in BeCl, or BCl;, further reaction to use 
these orbitals is likely and such molecules act as electron pair 
acceptors: similarly, where there are one or more lone pairs, as 
in ammonia or water, these tend to form donor bonds to 
suitable acceptors. Many examples of such behaviour will be 
found in the later chapters. 


4.6.2 Non-equivalent hybrids 

In the above cases, a given number of simple atomic orbitals 
were combined to give the same number of hybrid orbitals 
which were all equivalent to each other. These modes of 
hybridization correspond to the basic shapes of Table 4.1. It 
is quite possible, however, to form non-equivalent hybrids. 
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E, ж 782 kJ тої"! (promotion of electrons to four singly- 
occupied зр? hybrids) 

AH = heat of dissociation of gaseous Н, = 436 kJ mol ^' 

L = heat of vaporization of Ci — Сү, = 711 kJ mol~* 

E; = energy of C—H bond = 607 kJ mol”! 


FIGURE 4.15 Energy changes involved in the formation of CH, and CH4 


For example, an unsymmetrical beryllium compound, BeXY, 
would almost certainly have a more favourable bonding 
structure ifnon-equivalent ‘s + p’ hybrids were used with, say, 
the Be — X bond formed by a hybrid with rather more s 
character and the Be- Y bond from one with more p 
character. 

In the same way, trigonal or tetrahedral hybrids may be 
non-equivalent. For example, in chloromethane, CH3Cl, the 
C. — СІ bond will be formed by an ‘+2 hybrid which has а 
different amount of s character from the other three +03 
hybrids which form the C— H bonds. The optimum amount 
of s character in such hybrids will vary from molecule to 
molecule, although the shape and basic hybrid structure is 
still tetrahedral. 

Such non-equivalent hybrids become even more necessary 
when molecules containing lone pairs are under discussion. 
To get the bond angles of 107° in ammonia, the f character 
of the N — H bonds has to be significantly increased over the 
3/4 p of the equivalent зр? hybrid, and the orbital holding the 
lone pair has proportionately more s character. Similar 
remarks apply to the case of water with a bond angle of 105*. 

There is indeed a complete range of possible hybrids from 
the four equivalent sp? hybrids at 1093^ in methane, through 
the non-equivalent ‘s+p*” hybrids in CH3Cl, NH; and 
Н,О, down to the hybrids in РН; and H5S which correspond 
to bond angles of just over 90° and are mainly f orbitals with 
a little s character for the bonds and s plus a little p for the 
lone pair. Moving the other way, towards larger angles, 
there is the same continuous variation from equivalent sp? 
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FIGURE 4.16 Bond angle and p character 


hybrids at 1093^, through non-equivalent arrangements, to 
the case of equivalent sp? hybrids at 120° plus an unused 
atomic р orbital. 

There is thus a complete continuity of bond angle versus 
percentage р character im sp" hybrids, as indicated in Figure 
4.16. 

In general terms, any of the structures, symmetrical or 
not, predicted by the methods of sections 4.3 and 4.4, may 
have their electronic structures explained in terms of mole- 
cular orbitals formed by appropriate equivalent or non- 
equivalent hybrids on the central atom together with appro- 
priate ligand orbitals. Hybrids can be constructed to fit any 
set of bond angles. It is also possible, in a more detailed 

treatment, to derive theoretical heats of formation by calcu- 
lations involving hybridization schemes, although the results 
are too inaccurate in general to give a direct guide to the 
course of a reaction. 

It should be clear from the above discussion that the idea 
of hybridization is very valuable in providing a description 
of the electron density in a molecule but that it does not 
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provide any explanation of the electron arrangements or of the 
shapes of molecules, in the present stage of development. It is 
common to see statements such as ‘methane is tetrahedral 
because it is зр hybridized’ but this description is incorrect. 

An interesting recent discussion by Smith (see references), 
has used Pauling's S parameter (a measure of hybrid orbital 
overlap and therefore bond strength) to predict structures 
and explains some observations which are exceptions to the 
VSEPR theory. 

As with other wave-mechanical calculations, hybridiza- 
tion presents a potential method of predicting molecular 
shapes. It is possible, in principle, to find the optimum 
hybridization scheme for a molecule such as water which will 
give the most favourable energy of formation and hence the 
bond lengths and angles. However, just as in the cases dis- 
cussed earlier, the necessity of introducing approximate 
methods to solve the wave equations adds so much un- 
certainty to the values which result that the predictions are 
rather crude in the present state of the art. 


4.7 Delocalized, or multi-centred, sigma orbitals 
Instead of constructing a set of 2-centred bonds we could 
describe a polyatomic species by constructing orbitals centred 
over all the atoms of the molecule. A full discussion is beyond 
our scope, but the general approach may be illustrated. 
Consider first a very simple example, the BeH, monomer. 
The orbital combinations are shown in Figure 4.17. The 
beryllium 25 orbital combines, in phase, with the 5 orbitals on 
hydrogens A and B to form the 3-centre orbital, y. The 
electron probability density in this orbital, V2, will be 
concentrated in the regions of highest field between the 
nuclei, and will experience more attraction than in the 
isolated atoms. Thus y, is bonding. Similarly y, formed by 
the combination s (on A) --5, —s (on B), is bonding. The 
corresponding out-of-phase combinations yf and wf are 


2 FIGURE 4.17 Formation of molecular orbitals in 


BeH, BeH, (schematic) 


Be BeH, H H 
atom molecule 


FIGURE 4.18 Schematic energy level diagram for BeH, 

Note that the z axis is ће Н — Be — Н axis (linear molecule). The py 
and p, orbitals on Be are not involved in molecular orbital formation 
and are simply repeated in the ВеН, column of the diagram. 


clearly anti-bonding. Since both the р, and f, orbitals on 
beryllium have nodes in the plane of the two hydrogens, no 
combinations between these and the hydrogen s orbitals are 
possible. Thus we can draw up a qualitative energy level 
diagram, Figure 4.18. Notice, first that six atomic orbitals (4 
on Be, 1 on each H) give six BeH, orbitals (Y4, Vf, Va, V 
together with р, and p,). Secondly, the four electrons are 
placed in the two bonding levels giving two bonds holding the 
three atoms together. This is equivalent to two Be — Н single 
bonds, but the bonding electrons are spread over all three 
atoms. Finally, the energy separation of Y, and y, reflects 
approximately the separation of the beryllium 2s and 2p 
atomic levels. 

For a second example, we can compare the water molecule, 
H,O, with BeH,. Because the nuclear charge on O is 8, 
compared with 4 for Be, and because the s orbital penetrates 
to the nucleus, the oxygen 2 s orbital is markedly contracted 
and it will overlap poorly with the H s orbitals. Thus, in H5O, 
у, has little hydrogen contribution and is largely the oxygen 
2s orbital. The oxygen 2p orbitals are much more compatible 
in energy with the hydrogen 15 orbitals and make the main 
contributions to the bonding. Because the H,O molecule is V- 
shaped, the overlap with 2p, is reduced and the V? analogue 
will be less stable. On the other hand, the two hydrogen s 
orbitals may now overlap, in phase, with the second р orbital 
in the molecular plane, as shown in Figure 4.19. This orbital 
is clearly bonding and we shall label it фз. We can approxi- 
mate y, as non-bonding, leaving у, and уз as the main 
bonding orbitals. The out-of-phase combinations, Vf and yf, 
are antibonding. The out-of-plane f, orbital on O is non- 
bonding. Thus the energy level diagram is that of Figure 4.20. 
The eight valency electrons fill the two bonding orbitals, %2 
and уз and the two non-bonding orbitals, y, and py. Thus 
there are two bonds and two non-bonding pairs. 
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FIGURE 4.19 Bonding orbital from in-phase overlap of 2p, orbital on O 
with H 1s orbitals 
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FIGURE 4.20 Energy level diagram for Н.О (schematic) 

Compare with Figure 4.18 for BeH;. The non-linear shape allows 
overlap with both the р orbitals in the plane of the molecule. As the 
oxygen f orbital is very tightly bound, VA, is now very slightly more 
stable and is therefore essentially non-bonding. 


t 


Let us compare this description with the photoclectron 
spectrum of H,O, shown in Figure 4.21. First, we note that 
the vibrational structure is more complicated than in 
Figure 3.23, for example, since there are three modes of 
vibration for a triatomic molecule (cf Chapter 7). Band (1) 


E 


sulle ds; = rM EE 
35 20 18 16 


energy (electron volts) 


FIGURE 4.21 The photoelectron spectrum of Н.О 
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has the sharp profile characteristic of the ionization of a non- 
bonded electron and the vibrational structure is analysed as 
the overlap of progressions of about 3200 ст”! and 1400 
cm ^! separations (compare frequencies in H5O of 3650 cm ^! 
and 1595 cm~'). Band (2), at 13-7 eV, shows a major drop in 
vibrational frequency, to 975 cm ^! , as expected for the loss of 
a bonding electron. Band (3) at 17-2 eV also corresponds to 
ionization of a bonding electron. There is then a large energy 
gap to band (4) at 36 eV. 

All this is compatible with the H5O energy level diagram of 
Figure 4.20. Band (4), corresponding to loss of the most 
tightly bound electron, is near the energy level of the 25 
electron in oxygen and is assigned to ionization from y. 
[Note ionization of the oxygen 15 electron needs 580 еУ. | The 
gap from 36 to 17 eV corresponds to the s— p energy gap. The 
two bonding levels come next, ionization from 3 requiring 
17-2 eV and from y; needing 13-7 eV. Finally the 12-6 eV 
ionization corresponds to the loss of a non-bonding electron 
from the oxygen 2p, orbital (compare 12-1 eV for the loss of a 
n* electron from O3). 

A rather similar picture emerges for ammonia, NH3. The 
lowest ionization energy, at 10-2 eV, appears as a sharp band 
which shows a vibrational sequence under high resolution 
similar to the bending frequency of the parent molecule. The 
second band is of about twice the intensity, at 14-8 eV with a 
poorly-resolved vibrational spacing of about 1800 cm~!, 
compared with the molecular stretching frequencies of 3340 
cm ^! and 3440 cm ^!. The final band is weaker and very 
broad, centred about 27-5 eV. These can be assigned respec- 
tively to non-bonding (10-2 eV) and to doubly-degenerate 
bonding (14-8 eV) molecular orbitals involving the nitrogen р 
orbitals and to a bonding orbital (27-5 eV) involving the 
nitrogen s orbital. 

Finally, consider the photoelectron spectrum of CH,, 
shown in Figure 4.22. One band at 12.7 eV is very broad and 
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FIGURE 4.22 The photoelectron spectrum of CH, (low resolution) 


would match ionization from a triply-degenerate bonding 
orbital using the three carbon p orbitals. The weaker band 
about 23 eV, would correspond to ionization of an electron 
from a bonding orbital from the carbon 2: orbital. 

In these last two cases, we note that the observed spectrum 
is not that predicted from the two-centred bond model using 
hybridization, where we would expect the following: 


for CH4: four identical sp? hybrids on C forming four 
identical CH bonding orbitals. Thus we would 
expect only one ionization in the photoelectron 
spectrum. 

for NH,: non-equivalent sp? hybrids, one (with extra s 


character) holding the lone pair and the three 


others forming three identical NH bonds. Thus we 
would expect two ionizations in the photoelectron 
spectrum. 


We can easily understand the observed spectra if we think 
of four-centred (for NH3) or five-centred (for CH4) molecular 
orbitals formed by the central atom s and f orbitals and 
reflecting the s— f energy differences in N or О. The identity 
of the two bonding combinations involving the nitrogen p 
orbitals, or of the three bonding combinations involving the 
carbon p orbitals, follows from symmetry in a more detailed 
calculation. 


Summary of sections 4.5 to 4.7 

Sigma bonding in polyatomics may be described in terms of 
hybrid orbitals on the central atom and two-centred bonds, or 
in terms of multi-centred bonds. The two-centred description 
is easier to visualize, accords with classical ideas, and has some 
advantages in calculations. The multi-centred description 
appears to give the best explanation of the observed photo- 
electron spectra. 

It should be emphasized that these are alternative models, 
each capable of considerable extension and refinement, and 
either may be used according to the problem being examined. 
Other models of bonding also exist and some are discussed in 
the references. 


4.8 Pi bonding in polyatomic molecules 

Polyatomic molecules which contain isolated localized 7 
bonds, such as the P=O bond in СІ,РО or К,РО or the 
S = О bond in sulphoxides R,SO, may be treated similarly 
to the z-bonded diatomic molecules of section 3.5. These л 
bonds which are localized between two atoms are formed by 
sideways overlap of atomic orbitals of suitable symmetry. In 
the case of phosphorus oxychloride or the phosphine oxides, 
we can form the с bonds from sf? hybrids on the phosphorus 
atom (using all the Зр orbitals on the phosphorus), so that the 
7 bond requires the use of a suitable phosphorus 34 orbital to 
overlap with a p orbital on the oxygen. This bond is shown in 
Figure 4.23. The sulphoxide is similar with a lone pair on the 
sulphur and a d, — f, bond (Figure 4.24). 


Phosphorus d orbital 


л bond 
К,Р= О 


Oxygen p orbital 


FIGURE 4.23 Localized x bonds in a phosphine oxide 
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FIGURE 4.24 Localized п bonds in a sulphoxide 


Similarly, the triple bond in hydrogen cyanide, H — C=N, 
is localized between the carbon and nitrogen atoms and 
formed by the overlap of the py and f, orbitals of the carbon 
and nitrogen atoms. 

Such localized л bonds are obviously similar to those in 
diatomic molecules, but they are relatively uncommon in 
inorganic chemistry. Most л bonds are delocalized over a 
number of atoms and are best discussed in terms of many- 
centred atomic orbitals. 

For example, in the carbonate ion, СОг, all the experi- 
mental evidence shows that all three oxygen atoms are 
equivalent, and so a structure with a localized л bond, 


o- 


such as O=C is incorrect and a description of the 


o- 
ion must be found which keeps the equivalence of the 
oxygens. This is done by first deriving the shape of the 
molecule by the methods of section 3.7. We then describe the 
sigma bonding. This may be done in terms of hybrid orbitals 
and 2-centre bonds or in terms of delocalized sigma orbitals. 
It is casier to visualize (though not, perhaps, more logical!) if 
we use the 2-centred bond description for the sigma orbitals. 
Once we have accounted for the electrons and orbitals used in 
(a) sigma bonding and (b) to account for lone pairs, we then 
have available the remaining orbitals and electrons to form 
the л system. The carbonate ion is planar with no unshared 
pair on the carbon. Let the molecular plane be the xy plane. 
Then the carbon uses its 2s, 2p, and 2p, orbitals to form 
the sigma bonds (using sf? hybrids), and the oxygen atoms 
must also use their 2s, 2p, and 2p, orbitals either in the 
sigma bonds or in accommodating non-bonding electrons 
(there is no chance of sideways overlap between oxygen 
orbitals in the plane of the molecule as the distances are too 
large). This accounts for all the 5, px and py orbitals and for 
eighteen electrons, six in the three sigma bonds and four 
unshared electrons on each oxygen atom. The twelve s and p 
orbitals form the three bonding sigma orbitals and two 
orbitals on each oxygen to hold the nonbonding electrons, 
and all these are filled. The remaining three orbitals are the 
antibonding sigma orbitals and these remain empty and are 
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FIGURE 4.25 Schematic energy level diagram for the carbonate ion 

For clarity in drawing, sets of three equal levels, such as о, are 
staggered and hybridization of the oxygen orbitals has been 
neglected. Each oxygen atom has two pairs of non-bonded 
electrons—shown as the pair in the s orbitals and the pair of non- 
bonding p electrons. The delocalized л orbitals are л, V5, V3 and 
4. The bonding and antibonding sigma C - О orbitals are shown as 
g and c*. 


of very high energy (see Figure 4.25). The ion has a total of 
twenty-four electrons (including two for the charge) so that 
six have still to be accommodated and the p, orbitals on the 
four atoms have yet to be used. These four p, orbitals are 
combined to form four, four-centred, л orbitals each holding 
two electrons. The pi orbital of lowest energy is of the form: 


Wi = (Pctbit bat b3) 


where the constants have been omitted and the orbitals 
referred to are the carbon f.(fc) and the three oxygen f; 
orbitals respectively. This orbital is shown in Figure 4.26a. 
It has no nodes between C and O, concentrates electron 
density in the regions between the atomic nuclei, and is 
bonding. The orbital of highest energy, by contrast, has à 
node between the carbon atom and each oxygen and is 
antibonding. This orbital is of the form: 
Va = (фс Ра b27 b3) 

As there are four atomic p, orbitals, there must be four mole- 
cular orbitals formed by them. The remaining two orbitals 
Wo and Ws are, in this case, of equal energy and lie between 
y, and y4. They are nonbonding (see Figure 4.25). 

The six remaining electrons enter V, Wo, and y, 
leaving the antibonding y, empty. The four electrons in 
y; and y, have no bonding effect, thus the carbonate ion 
is left with one effective л bond over the whole molecule with 
a resulting C—O bond order of 14 (one for the с bond and 
1 for the л bond), which corresponds with that implied by 
the simple formula. 

A more detailed discussion of orbitals, especially of the 
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FIGURE 4.26 Delocalized п orbitals in the carbonate ion: (a) the most 
strongly bonding orbital, (b) the most strongly antibonding orbital 


orbitals of intermediate energy such as Y, and уз, is beyond 
the scope of this text, but the general properties of such л 
systems are readily recognized. Four generalizations about 
polycentred z orbitals are possible. 
1. The number of many-centred molecular orbitals equals 
the number of component atomic orbitals (in the case of the 
carbonate ion this is four). Each molecular orbital may hold 
up to two electrons. 
2. The molecular л orbital of lowest energy is that obtained 
by combining all the atomic orbitals with the same sign so 
that there are no nodes between pairs of atoms in the result- 
ing л orbital. In the carbonate ion, this orbital is yi. 
3. The molecular л orbital of highest energy is generally one 
where there is a node between each pair of atoms, that is, 
where the sign of the wave function is reversed between each 
pair of atoms as in W4 of the carbonate ion. Such an orbital is 
strongly antibonding and no л bonding can occur in a case 
where electrons have to be placed in this type of orbital. 
4. The remaining molecular л orbitals are intermediate in 
energy and their energies fall symmetrically about the mean 
energy of the strongly bonding and the strongly antibonding 
orbitals. Thus, in the carbonate case, V; and ws аге 
degenerate and nonbonding. In other cases there will be 
equal numbers of weakly bonding and weakly antibonding 
orbitals. Note that where there is an odd number of 
contributing orbitals there must be at least one nonbonding 
level. 
The form of the intermediate molecular orbitals is not 
always clear from simple considerations, but these generali- 
zations make it possible to work out whether there will be any 


л bonding in a molecule without knowing any more about the 
formation of the intermediate orbitals. The one necessary 
condition is that it should be possible to leave the highest 
antibonding orbital empty and there will then be a net л 
bonding effect. If other, more weakly antibonding л orbitals 
also remain empty, the bonding effect is enhanced. 

The classical example of a delocalized л system is, of 
course, the case of benzene. The л orbitals here are enumer- 
ated below and illustrated in Figure 4.27 and the reader can 
see how they fit the generalizations above. 

1. There are six component atomic orbitals and six л orbitals 
result. 
2. The orbital of lowest energy has the form: 


Wi = Ki pa pa bat bs be) 
This has no nodes between atoms and is strongly bonding. 
3. The orbital of highest energy has the form: 


Ve = k(Pi— 2 P3 — bat bs— be) 

Each pair of atoms is separated by a node and the orbital is 
strongly antibonding. 
4. The other four molecular z orbitals fall into two sets of 
degenerate pairs. One pair has one node cutting the ring and 
is weakly bonding while the other pair of orbitals has two 
nodes cutting the ring and is weakly antibonding. The six 
л electrons fill the three bonding levels, leaving the three 
antibonding orbitals empty. 

A few more inorganic examples will be discussed to 
ilustrate how far these relatively simple principles will 
suffice to carry a discussion of z systems. 
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FIGURE 4.27. The n orbitals in benzene 
V, is bonding, ý, and у, are degenerate and weakly bonding, V4 
and Ws are degenerate and weakly antibonding and y, is strongly 


antibonding. The component р orbitals are shown as of uniform, 
small size for clarity. 
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FIGURE 4.28 The x orbitals in carbon dioxide 


The nitrite ion, NOz 

In this ion, the two oxygen atoms are equivalent and the 
methods of section 4.3 show that the ion is bent with a lone 
pair on the nitrogen atom. Again, let the molecule lie in the 
ху plane, then only the p, orbitals on each atom will be in- 
volved in x bonding. Of the eighteen electrons in the valency 
shells of the component atoms, four will form the sigma 
bonds, two give the nitrogen lone pair and there are four 
nonbonding electrons on each oxygen atom leaving four 
electrons to go into z bonds. There are three atomic f. 
orbitals and thus there are three molecular, three-centre, 7 
orbitals, The lowest energy orbital extends evenly over the 
molecule and is bonding, while the highest energy 7 orbital 
has a node between the nitrogen atom and each oxygen and 
is antibonding. The third л orbital is nonbonding and has its 
electron density largely on the oxygens. The four electrons 
enter the bonding and nonbonding л orbitals, giving a net 
effect of one л bond over the molecule or an N— О bond 
order of 14. 


Carbon dioxide, CO; 
This is a linear molecule with no lone pairs on the carbon, by 
the method of section 4.3. If the molecular axis is taken as the 
z-axis, the s and the p, orbitals on the three atoms will form 
the sigma bonds or hold nonbonding electrons on the oxygen 
atoms. The molecule has a total of sixteen valency electrons, 
and four of these form the sigma bonds while there is one 
nonbonding pair on each oxygen atom leaving eight electrons 
for л bonding. The py and px orbitals on each atom are 
available to form л bonds. Consider first the py orbitals. 
There are three of these and therefore three delocalized 
molecular z orbitals will be formed. The lowest energy 
orbital will have no interatomic nodes and be of the form 
(omitting constants) : 

W, = (фо+#с+#о) 
while the highest energy orbital will have nodes between the 
carbon and each oxygen and have the form: 


Vs = (bo—bct Po) 


The third molecular orbital, Y3, will be nonbonding. In the 
case of the p, orbitals, exactly the same combinations will 
occur, as these orbitals are identical with the p, ones apart 
from their direction in space. The resulting molecular 
orbitals are also identical; that is, the six atomic f, and f, 
orbitals combine to form six molecular orbitals, two of which 
are bonding and of the form оГ, two nonbonding like V5, 
and two antibonding like 3. The eight valency electrons fill 
the bonding and nonbonding pairs giving a net effect of two 
л bonds over the molecule and a total C—O bond order of 
two. The orbitals in carbon dioxide are shown in Figure 4.28 
and the energy level diagram for the molecule is shown 
schematically in Figure 4.29. 


Ozone, Оз 

It is interesting to compare the cases of ozone and carbon 
dioxide. There are two more valency electrons in ozone and, 
if these are added to the energy level diagram of carbon 
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FIGURE 4.29 Diagram of the energy levels in carbon dioxide 


68 POLYATOMIC COVALENT MOLECULES 


dioxide in Figure 4.29, they would have to be placed in the 
antibonding л orbitals, reducing the net л bonding over the 
molecule from two to one and, if both electrons were placed 
in one of the z* orbitals, say the one in the y direction, the 
whole л system in the y direction would have zero bonding 
effect. All this implies that the equivalence of the у and x 
directions in CO; will disappear in O}, i.e., the molecule is 
no longer linear. This conclusion may also, of course, be 
derived by the methods of section 4.3. Ozone is isostructural 
and isoelectronic with the nitrite ion and has a bent structure, 
with a nonbonding pair on the central oxygen atom and two 
nonbonding pairs on each of the two terminal oxygens. 
There are three, three-centre, z orbitals of which the bonding 
and nonbonding ones are occupied giving an O — O bond 
order of 13. The schematic energy level diagram of ozone is 
shown in Figure 4.30 for comparison with carbon dioxide. 


The nitrate ion, NO; 

This ion is planar and there are no unshared electrons on the 
nitrogen atom. The total number of electrons is twenty-four. 
The ion is isoelectronic and isostructural with carbonate and 
has the same z electron configuration, with two electrons in 
a strongly-bonding л orbital delocalized over the whole 
molecule and four electrons in the degenerate pair of 
nonbonding orbitals. There is a net effect of one л bond in the 
ion and a N — O bond order of 13. 


Sulphur trioxide, SO; 
This is a plane triangular molecule with twenty-four valency 
electrons like the nitrate ion. It might therefore be described 
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FIGURE 4.30 Diagram of the energy levels in ozone 
a) non-bonding pairs on outer oxygens, (b) non-bonding pairs on 
centre oxygen. 


in the same way if the sulphur atom used only its 3s and 3p 
orbitals. There would then be six electrons in z orbitals but 
with a net bonding effect of only one z bond. If, however, the 
sulphur atom makes use of its 3d orbitals in addition, it is 
possible to construct л orbitals from six atomic orbitals 
(S 3p., 3dxz, 3d,,, plus three О 2p,) instead of four. There 
would then be three bonding л orbitals and three anti- 
bonding ones, and the six л electrons can all be placed in 
bonding orbitals, giving three delocalized x bonding orbitals 
and a total S — О bond order of about two (the approxima- 
tion comes in as all three л orbitals are not equally stable). 
In a similar way, SO; is isoelectronic and isostructural 
with Оз but the possibility exists of the sulphur using d 
orbitals to increase the number of bonding 7 orbitals. 
Whenever d orbitals of relatively low energy are available, 
there is the possibility that they will contribute to the bond- 
ing. This applies especially to molecules containing very 
electronegative elements bonded to elements in the third and 
higher periods and thus to all such oxygen compounds. The 
extent of d orbital participation will depend on the rclative 
energies and the number of electrons to be accommodated 
and may be decided only by calculation (see section 18.8). 


Summary 

Shapes of polyatomic molecules may be treated as follows: 
1. Where only sigma bonds and unshared pairs of electrons 
are involved, the shape of simple molecules is determined by 
the number of electron pairs around the central atom. The 
bonding may be treated in terms of localized two-centred 


molecular orbitals formed between each pair of bonded 
atoms, or may, with more accuracy but less convenience, be 
treated in terms of polycentred, delocalized orbitals. These 


treatments may often be extended quite considerably to more 
complex species (for example, those with more than one 
‘central atom’) but the predictions become less secure as the 
complexity rises. 

2. The basic shapes of simple species with pi bonds again 
depend only on the number of sigma and lone pairs on the 
central atom and this can be calculated by the methods of 
section 4.3, Localized pi bonds between pairs of atoms may 
be treated in terms of two-centred molecular orbitals just as 
in the case of diatomic molecules. 

3. Where a number of equivalent atoms occur in a species 
with pi bonding, the pi electrons must be treated as de- 
localized over the whole molecule. Polycentred molecular 
pi orbitals are constructed from atomic orbitals of suitable 
symmetry, and these have the property that the molecular 
orbital of lowest energy and that of highest energy are 
readily distinguishable, and, as long as the latter remains 
unoccupied, a net pi bonding effect results, The treatment of 
delocalized pi bonding by relatively simple ideas is less 
complete that that of sigma bonding, and problems arise 
particularly in the cases where d orbital participation is 
possible. These more complicated cases can only be fully 
treated by detailed calculation which is beyond the scope of 
this text. However, the relatively simple ideas outlined in 
the earlier parts of this chapter allow a reasonably accurate 


description of the shapes of the large majority of simple 
polyatomic molecules and ions. 


PROBLEMS 


Many examples of molecular shapes can be found in Chapters 
9 onwards, You should list a few examples and then work 
them out without immediate reference to the text. It is also 
important to comprehend molecular shapes in three 
dimensions. You should take every opportunity of looking at, 
or making, models of structures. 


41 Determine the most probable shape of the fluorides of 
the Main Group Elements as listed in Table 17.2b, p. 296 


4.2 Determine similarly the shapes of all the interhalogens 
and all the polyhalide ions given in Table 17.19, p. 342 


аз Determine the most likely structures of all the xenon 
oxides, oxyfluorides and anions given in Table 17.22, p. 346 


4.4 Discuss the following bond angles: 117° in Оз, ~ 120° in 
SO, 101° in SiF;, 180° in CO;, 180° in №5. 


4.5 Arrange the following species in order of increasing OSO 
angle: $O,, 503, 5057, 5027, H,SO3, H2SO,, SO;CL, 
SO;F,. 


4.6 Discuss the ONO bond angles, 180° in NO}, 134 in 
NO,, 115° in NOZ. 


Bonding in polyatomics should be worked out both on the 2- 
centre and on the poly-centre orbital basis. Again, the starting 
point is to consider the in-phase overlap of orbitals, thought of 
as Waves. 

The bonding material in this chapter should be correlated 
with the molecules described in the second half of the book. 
For example, you should go on to consider the bonding 
description of the compounds in questions 4,1 to 4.6 above. 
The following questions will suggest some approaches. 


43 In a series of molecules PXH;, the HPH angle was 90°, 
95°, 100°, 1094°, 115°, 120° and 135°, What hybridization of 
phosphorus s and р orbitals is implied in cach case? Use Table 
4.5 to decide the relative strengths of these PH bonds. 


4.8 Imagine a square-planar molecule MH4. Assume M has 
valence shell s, p and d orbitals and take the molecular plane 
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as xy. Write down all the combinations of M orbitals with 
hydrogen s orbitals which give delocalized sigma bonds. 
(Compare section 4.7.) 


49 By analogy with Figure 4.26, draw out the molecular 7 
orbitals formed by the out-of-plane p orbitals in a square 
planar AB, species. 


4.10 In 9, if A can also use d orbitals, which of these л levels 
would be further stabilized? (Take the plane as xy, and put 
the B atoms on the x and y axes). 


4.11 Assuming the species remain planar, decide the 
electron configurations of CO3*, CO$*, COS, CO;, CO; 
and CO3- by comparison with СОЗ (Figure 4.25). Which 
of these would be: 
(a) magnetic, (b) more strongly bonded? 

Which species would be stabilized by becoming non-planar, 
making y, more stable than y3? 

412 The photoelectron spectrum of formaldehyde H;CO 
shows four bands above 21 eV: 


energy eV. vibrational sequence and separations (cm~ D 


Јун: short 2560 1590 
2: el long 2400 1210 
9 long — 1270 
4 163 broad envelope 


The stretching frequencies for НСО are 2780 and 1740 
-1 
Gm 


(a) Decide the probable shape of H,CO. 

(b) Discuss the sigma bonds, non-bonding electrons and pi 
bonds. 

(c) Discuss the photo-electron spectrum and draw up an 
energy level diagram. 


413 (a) The He(I) photoelectron spectrum of CO; shows 
the following bands: 13-8 eV (non-bonding): ca 17-6 eV 
(bonding), 18-1 eV (approx. non-bonding) : 19:4 eV (approx. 
non-bonding). 

(b) Other evidence indicates that the 13:8 and 17:6 eV 
ionizations are from 7 levels. 


(c) Itiscalculated that there are two further ionizations at 
about 39 and 41 eV, both bonding. 


Is this evidence compatible with Figure 4.29? 
Do these results suggest modifications to the CO; discussion 
along the lines of section 4.7? 


9 The Solid State 


Simple lonic Crystals 

5.1 The formation of ionic compounds 

In the last two chapters, the Lewis electron pair theory was 
extended on the basis of wave mechanics to give a full 
description of the covalent bond. In this section, ionic 
bonding will be examined and the various factors which 
determine the formation and stability of ionic compounds 
will be discussed. 

The basic process in the formation of an ionic compound 
is the transfer of one or more electrons from one type of atom 
to another: the resulting ions are then held together by 
electrostatic attraction. 

Isolated ionic species, such as the two-atom entity M*X^, 
do not exist under ordinary conditions. In ionic compounds, 
we are dealing with an array of ions, which extends in three 
dimensions to the edges of the crystallite. If the ionic solid 
dissolves, the ions are indeed separated, but they are 
stabilized by interaction. with the solvent molecules (see 
Chapter 6) and the free ion has only a transient existence, 

The arrangement of the ions in the solid is the one which 
gives the highest electrostatic energy. To see what factors 
determine this arrangement, consider the process of bringing 
up successive anions around a given cation. If there are 
already n anions surrounding the cation, the addition of a 
further anion produces an extra attraction between its charge 
and the cation charge, and also produces a number of 
repulsions between its charge and the charges on the n anions 
already present. There are thus two opposing tendencies. One 
is to increase the attractive forces by making the coordination 
number of the cation as large as possible and this is balanced 
by the increase in the repulsive forces as more and more 
anions are added. When the two tendencies balance, the final 
structure results. An exactly similar argument holds, of 

course, for the number of cations to be found around an 
anion. The repulsions are at a minimum if the distribution of 
ions is as symmetrical as possible. Thus ions which are three- 
coordinated have their neighbours at 120° in a triangular 
arrangement, four-coordinated ions have a tetrahedral, six- 
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coordinated ions an octahedral, and eight-coordinated ions a 
cubic arrangement. In addition, some coordination numbers, 
such as five, which do not pack regularly in a solid are not 
observed in ionic crystals. 

The coordination numbers in a solid of given !ormula, 
such as AB, depend on the number of the larger ions which 
may be packed around the smaller one. The stoichio- 
metry—in this example, 1 : 1 — then determines the coordina- 
tion number of the larger ion. As the formation of a cation 
involves the removal of electrons, cations are always smaller 
than the parent atoms (for example, the atomic radius of 
K is 203 pm, while the radius of K * is 133 pm). Conversely, 
the addition of electrons to atoms to form anions involves 
an increase in radius (for example, F — 71 pm but Ё = 
133 pm in radius). As a result, anions are generally larger 
than cations and it is the number of anions which can pack 
around a cation which usually determines the coordination 
numbers and the structures. For example, sodium chloride 
crystallizes in a structure where the sodium ion is sur- 
rounded by six chloride ions (Figure 5.1a), and the chloride 
ion has, of course, six sodium ions around it. The larger 
cesium cation allows a coordination number of cight in the 
structure of cesium chloride (Figure 5.1b). 

The number of anions which can pack around a given 
cation may be determined from the ratio of the radii of the 
cation and anion. This radius ratio, r,[r., may thus be 
used to give an indication of the likely coordination number 
for a salt of given formula type. (Notice that the argument is 
exactly the same if the anion is smaller than the cation, 
except that it is the ratio of anion radius to cation radius, 
т [т that is the important one.) If it is assumed (i) that 
ions are charged, incompressible spheres of definite radius 
(the validity of this assumption is discussed in section 5.5), 
(ii) that the central ion adopts the highest coordination 
number which allows it to remain in contact with each 
neighbour (this is a good approximation for the balance of 
attractive and repulsive forces referred to above), then the 
radius ratio limits corresponding to different coordination 
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(c) zinc blende 
FIGURE 5.1. Structures of AB solids, (a) sodium chloride or rock salt, 


(b) caesium chloride, (c) zinc blende (ZnS), (4) wurtzite 


(ZnS). 
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(d) wurtzite structure (ZnS) 


Note on crystal structure diagrams 
It follows from the discussion in section 5.1 that ions, or atoms, in 
crystals are expected to be as close together as possible and that the 
available space will be filled as completely as possible. However, if 
such a ‘spacefilling’ situation is represented directly in a diagram it 
is very difficult to see the arrangement of the atoms. As a result, 
most diagrams give an exploded view of the crystal. This convention 
has been adopted here. In accurate diagrams, the centres of the 
atoms are positioned exactly but their diameters would be reduced. 
In most of the diagrams in this chapter, further slight distortions or 
alterations in perspective have been introduced to make the 
structural arrangement easier to interpret. In a number of cases, 
further conventions are used to assist understanding. Atoms or ions 
in the top layer may be distinguished from more distant layers by 
the thickness of the circles used to represent them or, as for example 
in Figure 5.3, by using darts to represent the bonds joining them 
with the broad end of the dart on the atom nearest the front of the 
unit cell. Thus in the rutile diagram, Figure 5.3a, the Ti atom at 
the body centre has three O atoms in front of it and three behind it. 
In more elaborate structures, there is a conflict between showing 
clearly the coordination of each atom and avoiding an extremely 
elaborate diagram showing many repeat units. Compare the dia- 
gram of Саї, (Figure 5.10a), which shows the coordination but 
does not readily give the metal layers, and the photograph of a 
model of the same structure (Plate I) which gives a better impression 
of the metal occupying every second layer between I sheets by 
showing a larger portion of the structure. Any diagram is necessarily 
a compromise and a formalized representation of a three-dimen- 
sional, space-filling structure and the reader should search for as 
many representations as possible of difficult structures in the 
references given. The study of models in three dimensions greatly 
clarifies the more complex structures and every opportunity of 
examining such models should be taken (see references). 
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numbers may be calculated from purely geometrical 
considerations. 

For example, in six-coordination, a cross-section through 
asite in the lattice appears as in Figure 5.2. 

When the anions just touch BAB’ = 90°. 
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FIGURE 5.2 Cross-section through an octahedral site 


Then, 
АВ = AB’ = (r,+r_) and BB’ = 2r_ 
AB rg4r_ 
= — = 459 m: 1 
BB’ 2. cos I2 


= J2r_—r_ 
rrr. = J2-1 = 0-41 


Similar calculations may be carried out for all the coordina- 
tion numbers. The results indicate the range of values for 
the radius ratio within which different coordination numbers 
should be stable. These are shown below. 


т. [т : 0:155 to 0-23 to 0-41 to 0-73 to higher values 
CN.: 3 4 6 8 


The validity of this simple method of predicting the coordina- 
tion number may be assessed by examining the structures of 
some AB and AB; compounds. 

There are three structures of AB formula where the ions are 
all in sites of high symmetry and these are shown in Figure 
5.1. By far the commonest is the sodium chloride (rock salt) 
structure where both ions are octahedrally coordinated. For 
larger ions, cubic coordination is found in the caesium chloride 
structure. Smaller ions show tetrahedral coordination in the 
ZnS structures. These each have both Zn and S atoms in 
tetrahedral coordination but the overall symmetry of the 
lattice is cubic in the zinc blende structure, 5.l(c), and 
hexagonal in the wurtzite structure, 5.1 (d). 

For AB, species, the standard structures (Figure 5.3) are: 
(a) titanium dioxide (rutile) with coordinations of 6 
(octahedral) and 3 (trigonal). 

(b) calcium fluoride (fluorite) with coordinations of 8 (cubic) 
and 4 (tetrahedral). 

(c) B-cristobalite (one form of SiO,) with coordinations 4 
(tetrahedral) and 2 (linear). This is the type compound for 
the most regular 4:2 structure, though SiO; is a giant 
covalent molecule, not an ionic species. 

The structures and radius ratios of some ionic halides and 
oxides are listed in Table 5.1 calculated using the ionic radii 
of Table 2.12. Among the AB, structures, where the eight- 
coordinated fluorite structure is expected to be replaced by 


(a) rutile structure 


Q = fluorine 
Q = calcium 
(b) fluorite structure 


O = oxygen 
© = silicon 


FIGURE 5.3 The structures of АВ, solids, (a) rutile, TiO, (b) fluorite, 
CaF, (c) B-cristobalite (SiO, ) 


(c) B-cristobalite 


the six-coordinated rutile structure at a radius ratio of 0:73, 
the agreement with prediction is remarkably good. The lower 
limit for the stability of six-coordination comes at 0-41, and 
germanium dioxide, with a ratio of 0-38, occurs in two forms, 


raBLE 5.1 Radius ratios and structures of some AB and AB, solids 


AB 
Compound r,/r- Structure 
KF 1-00 sodium chloride 
KCi 0-73 sodium chloride 
KBr 0-68 sodium chloride 
KI 0-62 sodium chloride 
RbF 0-92* sodium chloride 
RbCl 0-82 sodium chloride (and caesium chloride 
RbBr 0-76 sodium chloride 
RbI 0-69 sodium chloride 
CsF 0-81* sodium chloride 
CsCl 0-93 caesium chloride (and sodium chloride) 
CsBr 0-87 caesium chloride 
CsI 0-76 caesium chloride 


*These values are r_/r, as the cations are larger than the anion. 


one isomorphous with SiO, and the second with the rutile 
structure. 

In the AB structures, the agreement is less good and the 
sodium chloride structure persists through a wider range 
of radius ratios than predicted, both at the upper end as 
shown in the Table and at the lower end of the range as 
shown by the lithium halides of radius ratios down to 0-28 
for Lil, all of which have the rock salt structure. 

The very simple model of ions as hard spheres may thus be 
used as a reasonable first approximation to suggest the 
structure expected for an ionic crystal. A clear indication ofits 
limitations is given in the discussion of ionic radii in 
section 2.15, which should be re-examined. 

A number of other structures where the coordination sites 
are of regular symmetry are shown in Figure 5.5. Less 
symmetrical configurations adopted by compounds in which 
the bonding is not purely ionic are discussed later. 


5.2 The Born-Haber cycle 

What factors determine whether given elements combine 
to form an ionic solid? These may be found by considering 
the energy changes involved in the formation of an ionic 
solid from the elements and we shall use sodium chloride as 
an example. This has a measured heat of formation (Hy) of 
—410-9 kJ mol^! ; i.e. for the reaction 


№) Р Соо = №а* Сіс» Hy = —4109 kJ mol”! 


This reaction may be broken down into simpler steps whose 
energies are known, as in the diagram of Figure 5.4, by a 
method due to Born and Haber. 

Known as the Born-Haber Cycle, this gives the net energy 
change calculated from the five simpler steps shown in the 
table below the diagram, and hence a calculated heat of 
formation. 

In the case of sodium chloride, the values of all the quan- 
tities in the cycle are known so that a calculated heat of 


THE SOLID STATE 73 


AB, 
Compound — r,|r. Structure 
CaF, 0-71 fluorite 
SrF; 0-83 fluorite 
BaF; 0-97 fluorite 
MgF; 0-49 rutile 
TiO; 0-48 rutile 
SnO, 0:51 rutile 
GeO, 0-38 rutile and also a 4:2 form as in SiO; 
CeO, 0-72 fluorite 


formation (equal to —387-8kJ mol~') may be found and 
compared with the experimental value. The close agreement 
confirms that the model of ions as incompressible spheres is 
a reasonable one in this case. Similar agreement between 
cycle values and experimental ones is found in many cases 
and this gives grounds for confidence in using the cycle in 
other ways. The most useful of these is the evaluation of one 
of the cycle quantities when the others are known. In 
particular, the electron affinity Æ which is difficult to 
measure is usually determined from the Born-Haber cycles 
of a series of appropriate salts. It can be seen from Figure 5.4 


that: 
Н; = S+I+D+E+U 


hence E = H,-U—S—I-D 
The Born-Haber cycle may also be used to determine 
whether or not the bonding in a compound is purely ionic. 


Nas + 10h H, NaCl, 
> 

U 

$ Cl,  ———— Cla + Nai 
1 
Naw 
energy changes kJ mol! 

Namen = Nagas) heat of sublimation S +1090 
aga) = Naga tt. ionization potential I +4959 
Oh. = Cho ixheatofdisociadon D +1209 
e + Cligas) = Clas) electron affinity E —349-2 
Nagas + Clia = Na'Clgug lattice energy О —764-4 


FIGURE 5.4. Born-Haber cycle for the formation of sodium chloride 
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О = rhenium 
@ = oxygen 


(c) perovskite = oxygen 


= titanium 


calcium 


@@o 


FIGURE 5,5 Further examples of symmetrical structures, (a) rhenium 
trioxide, (b) corundum (Al,O3), (c) perovskite (Ca TiOs), (d) spinel 
(Al,MgO,) 

These structures all have the ions in positions of maximum sym- 
metry with neighbours disposed regularly around them, with the 
exception of corundum and spinel where the oxygen positions are 
in a close-packed arrangement but the nearest neighbours are not 
of highest symmetry. 


If the calculated lattice energy and that derived experi- 
mentally do not agree, this is a strong indication that the 
assumption of ionic forces, which is made in order to do the 
calculation, is incorrect. This aspect is discussed further in 
section 5.5. 

Our main reason for discussing the formation of an ionic 
solid in terms of the Born-Haber cycle is to allow a more 
detailed assessment of the contribution of each component 
of the energy cycle to the heat of formation of the ionic 
solid. The factors which determine whether a compound is 
ionic or covalent may thus be isolated and discussed. These 
factors will be examined in turn starting with the lattice 
energy U which is the most important exothermic term in 
the cycle. Then the endothermic terms—the ionization 
potential, the electron affinity, and the heats of atomiza- 
tion — will be examined. 


(b) corundum (elevation) 


Ө! = oxygen ions (close packed) 
@ = aluminium ions in 4 of the octahedral sites 


(d) spinel structure 


O = oxide ion 
O = metal ion in octahedral site 
@ = metal ion in tetrahedral site 


5.3 The lattice energy 

The energy change when the gaseous ions are brought 
together from infinite separation to their equilibrium dis- 
tances in the solid is the lattice energy, U. That is, U is the 
heat of the reaction (for an AB solid) 


oi Ba m AT Bess een U 


This energy arises from electrostatic interactions between 
the ions. When the geometry of the solid array of ions is 
known, the lattice energy may be calculated. The method 
may be illustrated by considering the square two-dimensional 
array of ions shown in Figure 5.6. Any one cation in a square 
array of interatomic distance r has four anions at a distance 7 
as nearest neighbours. The electrostatic potential energy 
between these ions is 4Z7*Z~¢?/4meqr, where Z* and 77 are 
the positive and negative charges on the ions (assuming ап 


AB stoichiometry), e is the charge on the proton, and € is 
the permittivity of a vacuum. The next-nearest neighbours 
to the given cation are four cations at a distance J2r anda 
repulsion exists between the given cation and these ions of 
4(Z* "P Anco 2r. Then come four more cations at 2r, eight 
anions at ,/5r and so forth. The total electrostatic energy of 
a cation in this square array is thus: 


Е = 4? (Z* (Z- )/4neor - 4? (Z* )?/4€,/2r 
+4e? (Z* )?/8neor - 8? (Z* (Z- ))4neo / 5r - ... 
= – 22е2/4п60(4—24/2—92+8/4/5...) 


where Z* = —Z has been put equal to 2 for an AB crystal. 

Phe convergent infinite series in the bracket may be 
evaluated from the geometrical properties of the array 
and its sum may be found. This sum is called the Madelung 
constant, A, after its first evaluator. A different geometrical 
array, for example a rectangular one, would have a different 
value of the Madelung constant and the whole analysis may 
be extended to three dimensions. For example, for a rock 
salt lattice the Madelung constant 


(6—12/./2+8//3—6/2+24/,/5 . . .) 
1:748... 


Тһе Madelung constant is the factor relating the electro- 
static forces and the spatial arrangement of the ions in a 
crystal. It depends only on the geometry of the crystal and is 
independent of the nature or charge of the ions. 

The electrostatic energy of a cation in an AB lattice may 
therefore be written: 
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FIGURE 5.6 Two-dimensional analogue of a crystal lattice 
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The electrostatic energy of the anion in an AB crystal is the 
same as that for the cation. If a mole is considered, the 
electrostatic energy is E times Avogadro's constant, М. (In 
detail, the energy is N x (Ecstion + Eanion) + 2: the division by 
two is to avoid counting each attraction twice over.) Thus, 
the electrostatic energy of a mole of an AB ionic compound is 


_ -222А№ 


NE 
471€or 


So far, only the electrostatic forces between the ions have 
been considered but Born introduced a second, repulsive, 
energy term into the equation to take account of the repul- 
sion which arises at very short interionic distances when the 
ions start to interpenetrate (otherwise the expression for NE 
tends to infinity as r tends to zero). The repulsive force rises 
steeply as the interionic distance decreases and is represented 
by a term E,4, = В!" where B is a constant similar to the 
Madelung constant and л is also a constant of the order of 
nine for sodium chloride. The total energy of the crystal, 
which is the lattice energy U, is then: 

-ZAN NB 


U = NE+ МЕК =. аер + E 


The constant B can be eliminated, since the lattice energy 
is a minimum at the equilibrium value of r — ro, so that 
by setting dU/dr = 0 for r = rg, B can be expressed in terms of 
the other constants. Then: 


U-—— —U-) 


All the quantities on the right-hand side of this expression 
are known or may be found; rọ comes from direct ex- 
perimental evidence and n from calculation or experiment. 
The lattice energy U can thus be found by a combination 
of calculation and experimental determination of para- 
meters. 

It can be seen that the properties of an ionic solid which 
determine the lattice energy are the geometry, as reflected 
in the Madelung constant, the interionic distance, and the 
charges on the ions. The most important effect is that of the 
charge which appears as a squared term. The lattice energy 
of an A2* B?- solid is four times that of an A*B™ solid of 
the same geometry. 

Of the geometrical factors, the Madelung constant has 
only a minor effect on the lattice energy as the values of the 
constant for different structures of the same stoichiometry 
are similar. For example, in AB structures the Madelung 


constants are as follows: 


8-coordinated, CsCl structure, A = 1:763 
6-coordinated, NaCl structure, 4 = 1:748 
4-coordinated, wurtzite structure, A = 1:641 


When the stoichiometry changes, the Madelung constant 
changes to a greater extent, for example, A = 5:04 for the 
fluorite structure; but changes in the stoichiometry imply 
changes in the charges and itis difficult to make comparisons 
between different formula types. 
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Variations in the second geometrical factor, the inter- 
ionic distance, have a more important effect on the size of 
the lattice energy. The lattice energy depends inversely on 
то so that, within a given structure type, the lattice energy 
will fall as the ionic sizes increase. It will be clear from section 
5.1 that the ratio of anion to cation sizes should not vary too 
widely as т, varies or some other structure will become the 
more stable one. The effect of variations in charge and 
interionic distance is best seen by comparing the lattice 


lattice energy ( — U) kJ mol ^ 


200 250 300 350 400 


To, pm 


FIGURE 5.7 Lattice energies (plotted as — U) 

Lattice energies are plotted as a function of r for a number of cases 
of the sodium chloride structure and for CsCl, ZnO, and ZnS. The 
marked effect of the ionic charge is clear: it will also be noted 
that the variation in structure to 8:8 or 4:4 coordination has only 
a minor effect. 


energies ofa series of compounds of the same structure formed 
by related elements, Figure 5.7. The marked effect of changes 
in charge is very obvious, as well as the linear fall in lattice 
energy as the ions (and therefore the interionic separation) 
increase in size. The values for AB compounds of different 
structures (ZnO and ZnS having the wurtzite structure) are 
included in the figure to show the effect of the Madelung 
constant. 

To summarize, the lattice energy, and therefore the 
probability that the formation of an ionic solid will be ener- 
getically favourable, is increased by (i) increasing the 
charges on the ions, (ii) decreasing the interionic separation, 
ie. by having small ions, and (iii) by changes in the 
Madelung constant, though this effect is relatively small. 


5.4 The endothermic terms in the formation of an ionic solid 

In general, the largest of the energy contributions which 
have to be added to the system before an ionic solid is formed 
is the ionization potential of the cation, 7. If the formation 


of an ionic solid is to be favoured, the ionization energy 
should be as small as possible. From Table 2.8, it will be seen 
that the ionization potentials of the elements have the 
following characteristics: 

(i) The ionization potentials increase from left to right across 
a Period. 

(ii) In any Group, the ionization potential decreases with 
increasing size down the Group. 

(iii) For a given element, the first ionization potential is less 
than the second, which in turn is less than the third, etc. 

It thus requires least energy to form cations of large atoms 
on the left of the Periodic Table, that is of the larger elements 
of the alkali and alkaline earth elements. The higher the 
charge on the ion, the greater is the energy requircd in its 
formation. 

The energy of formation of the anion is the electron affinity. 
The electron affinities (compare section 2.14) may represent 
an endothermic or an exothermic contribution to the heat 
of formation of an ionic solid, but even the most exothermic 
electron affinity is less than the smallest ionization potential 
so that the formation of gaseous cation plus anion from the 
gaseous atoms is endothermic for any pair of elements. Only 
a few electron affinities are exothermic and these are al! for 
the formation of singly-charged anions. The formation of 
doubly-charged anions is always a strongly endothermic 
process and this true a fortiori for anions of higher charge. 

The heats of atomization of the elements in their standard 
states depend very much on the form in which the element 
exists. Little in the way of generalization can be said except 
that where elements in a Group occur in the same form —as 
for example, the halogens— there is a tendency for the heat 
of atomization to decrease with increasing atomic weight, 
but often with the lightest element anomalous. As the values 
for sodium chloride show, the heats of atomization commonly 
represent only a minor contribution to the energy balance. 

The effect of the endothermic terms on the heat of forma- 
tion of an ionic compound may be summarized by saying that 
least energy is required, and therefore formation of an ionic 
solid is most favourable, when the ions are (i) of low charge, 
(ii) large, so that the interionic distance in the solid is large, 
and (iii) formed from elements at the extremes of the Periodic 
Table. 

If these factors are compared with those which lead to a 
high lattice energy, it is seen that the two main requirements 
for low endothermic energies—large ions of low charge —are 
exactly opposed to those which favour high lattice energies. 
The small ions of high charge which give the highest exo- 
thermic contribution are precisely those which require the 
highest endothermic energies of formation from the elements 
in their standard states. The formation of an ionic solid there- 
fore depends on the detailed balance of all the energy con- 
tributions in each individual case. Once again, the direction 
of the chemical change depends on small differences between 
large values and is difficult to predict a priori. In general, 
ionic solids are formed by the s metals and the transition 
elements in the II or III oxidation states (though often as 
complexes) with anions from the halogen or chalcogen 


Groups. Simple ions with charges greater than two are less 
common, but the lanthanide elements form M?* ions, and 
the existence of Th** is well established. 

If the values of the ionization potentials are examined in 
detail, it will be seen that successive ionization potentials 
for an clement rise in a fairly regular manner as long as only 
electrons in the valence shell are removed. Since lattice 
energies vary as the square of the charge on the ions, it might 
seem that, on balance, ion formation would be most favoured 
in cases where the charges are high. Unfortunately, a further 
complication appears which upsets this conclusion, in that 
highly-cliarged ions are those most likely to cause polariza- 
tion and a departure from purely ionic bonding. 


5.5 Bonding which is not purely ionic 

In the discussion above, the assumption was made that ions 
were hard spheres and that the only forces (except at very 
short distances) were electrostatic ones between the charges. 
That this is a reasonable approximation in many cases is 
shown by the agreement between the calculated and 
measured heats of formation of the solids. However, ina 
solid such as lithium iodide where the cation is very small 
and the anion is large (Figure 5.8) the high charge density 
on the cation distorts the rather diffuse electron cloud of the 
anion as indicated in the figure. The centre of negative 
charge in the anion no longer coincides with the centre of 
positive charge and an induced dipole is present in the anion. 
In such a case, the anion is termed polarizable and the cation, 


І ion 


Li* ion 


FIGURE 5.8 Diagrammatic representation of polarization in Lil 


polarizing. This polarization represents a departure from 
purely ionic bonding in the compound. Thus the elementary 
idea of ions as hard spheres has to be modified by allowing 
for distortions of the spherical electron clouds where ions 
have high charge densities. 

In a similar way, the purely covalent bond discussed in the 
last chapter is uncommon. The pair of electrons which form 
a covalent bond are equally shared between the constituent 
atoms only if these are identical or, by coincidence, of the 
same electronegativity. If the two atoms differ in electro- 
negativity, the bonding electrons are more strongly attracted 
by the more electronegative and a dipole is created in the 
bond (Figure 5.9). The pure covalent bond with the electron 
equally shared between the two atoms and the pure tonic 
bond with the electron completely transferred from one atom 
to the other are the two extreme cases. There is a complete 


range of bond types lying between the two, the ionic bond 
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FIGURE 5.9 Polarization in a covalent bond 


distorting in the manner of Figure 5.8, and the covalent 
bond distorting in the manner of Figure 5.9, till the polarized 
covalent bond and the polarized ionic bond become in- 
distinguishable. 

There is one reservation about this picture: the pure cova- 
lent bond does exist (between two atoms of the same element) 
but the pure ionic bond is an abstraction as there is bound to 
be some polarization between any pair of ions. However, 
since the environment of an anion in a crystal is symmetrical, 
the slight polarizations in a strongly ionic compound have 
only a minor effect on the bond energy and can be regarded 
as a normal attribute of ionic solids. 

The polarizing power of the smallest ion (which is 
generally the cation) depends on the density of charge on it. 
The polarizing power is thus greatest for small, highly- 
charged ions like Mg?* or AI** : so much so that the smaller 
congeners of these ions, Be^* and B?*, do not exist and 
beryllium and boron are covalently bound in their com- 

unds. Polarizability is greatest for large ions like I^, and 
especially for those with diffuse electron clouds like H^ or 
N^. 

A marked degree of polarization shows up in the lattice 
energy values. When a dipole is induced in one ion, there is 
an ion-dipole attraction to be added to the ion-ion attraction 
which is used in the calculation of lattice energies on the 
purely ionic model. The actual lattice energy of a polarized 
solid should thus be higher than that calculated on a purely 
ionic model. The values in Table 5.2 illustrate this. 

The differences for the alkali halides are less than one 
per cent and the direction of deviation is random. The alkali 
hydrides have experimental values which differ from the 
values calculated on an ionic model by up to eight per cent 
and the experimental values are all low. The difference is 
greatest for the lithium. compound, showing the large 
polarizing effect of the small lithium ion. The sign of the 
deviation probably results from the unusual compressibility 
of the hydride ion (compare section 9.1). 

The values of the silver and thallium(I) halides are given 
for comparison with those of the alkali metals of most similar 
radius, e.g. potassium and rubidium. The figures illustrate 
the effect of the filled d shell in such ions. The values for the 
silver and thallous halides (which have the sodium or cesium 
chloride structures) show marked discrepancies between the 
calculated and experimental lattice energies and these dif- 
ferences increase from the fluoride to the iodide. In these 
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TABLE 5.2 Calculated and experimental lattice energies, 


-U 
Lattice energy (kJ mol” !) 

Compound Experimental Calculated Difference 
LiF 1009-2 1019-2 —24 
NaF 903:9 900:8 +81 
LiH 905:4 979:1 —737 
Хан 810-9 845-2 — 34:3 
KH 714-2 7414 —272 
AgF 954 920 +34 
AgCl 904 833 +71 
AgBr 895 816 +79 
Agl 883 778 +105 
KF 801-2 805-4 —42 
KCl 697-9 702:5 —46 
KBr 672:4 674-9 —-25 
KI 631:8 637-6 =58 
TICI 732 686 +46 
ТІВг 720 665 +55 
Til 695 636 #99 
RbCl 677:8 677:8 0 
RbBr 649-4 653-1 —3-7 
кы 613-0 619-2 —62 


cases the experimental values are all higher than the cal- 
culated ones, showing the presence of the additional energy 
term due to polarization, which is largest for the iodides. It 
is interesting to note that gold(I) iodide, AuI, which has a 
markedly higher lattice energy (—1050 kJ mol~') than 
silver iodide, has had its structure determined. This consists 
of chains... Au- I-Au-I- ... and is clearly not ionic 
at all. The silver salt thus provides an intermediate case 
between the ionic alkali metal iodides and the covalent 
aurous iodide. This example illustrates that the structure ofa 
solid may provide an additional criterion for a departure 
from ionic bonding. 

Itis characteristic of an ionic solid that the forces are equal 
in all directions so that a symmetrical arrangement of ions 
results. At the other extreme, in a molecular solid formed by 
a covalent compound, there are two quite different kinds of 
force: very strong interactions in the bonds between the 
atoms of the molecule, and very weak interactions between 
molecules. When the solid is intermediate between these 
extreme types, there is often stronger bonding in some direc- 
tions than in others and this shows up in a lowered sym- 
metry of the structure. Thus chains may be formed as in 
gold(I) iodide above, and another common deviation from 
ionic bonding is the formation of layer lattices as in Cdl, 
Figure 5.10a and Plate I). In general, departure from purely 
ionic bonding is shown by the adoption of lattices where ions 


PLATE I The Cdl, structure 


Photograph of a model of the Cdl, structure showing the layers of 
metal atoms (silver) sandwiched between layers of iodines (black). 
Compare with Figure 5.10a, which shows a smaller portion of the 


structure in a perspective that illustrates the hexagonal cell 


PLATE II The nickel arsenide structure 

A model of the nickel arsenide structure showing the trigonal 
prism of Ni atoms around the black As atom. The octahedral 
coordination of the Ni is best seen for the atom at the centre of the 


model 
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@ = bismuth atom 


O= iodine atom 


О= As atom 


O = Ni atom 


(c) 


FIGURE 5.10. Less regular structures: (a) cadmium iodide (see also 
Plate I which shows three I— Cd —1 layers), (b) bismuth triiodide, 
(c) nickel arsenide (see also Plate П which shows a larger portion of 
the structure), (d) Mn;O; 3 Q = oxygen atom 
In these structures some or all the ions have their neighbours in 
coordination positions which are not of the highest possible sym- 
metry and this reflects the directional, non-ionic character of part 
or all of the bonding forces. 


O = manganese atom 


(d) 


80 THE SOLID STATE 


do not have their neighbours in the most symmetrical possible 
environments. One example is nickel arsenide which is an 
AB structure with 6:6 coordination but, although the six 
neighbours of the nickel atom are disposed octahedrally, the 
six neighbours of the arsenic atom lie at the corners of a 
trigonal prism. Some of the commonly adopted structures 
of this less regular type are shown in Figure 5.10. 

It must be noted that, although structures where the 
atoms are in environments of low symmetry indicate the 
presence of non-ionic contributions to the bonding, the con- 
verse is not true. Many compounds with symmetrical 
structures are not ionic. For example, many compounds of 
the transition metals with small atoms, the so-called ‘inter- 
stitial' compounds, such as TiC or CrN, have the sodium 
chloride structure but there is no question of these com- 
pounds containing C*~ or № ions and their bonding has 
appreciable metallic character. Similarly, the silver halides 
have the sodium chloride structure although there is appre- 
ciable covalent character in the bonding as just discussed. 


5.6 Metallic bonding 
While elements to the right of the Periodic Table favour 
electron pair sharing and are covalently bound in their 
elemental form, those to the left, which readily lose their 
valency electrons, are metallic. A metal has been pictures- 
quely described as ‘ап array of cations in a sea of electrons’. 
The cations usually assume one of three simple arrangements 
described below and the valency electrons become completely 
delocalized over the whole structure. The electrons are 
mobile, accounting for the typical metallic properties of high 
electrical and thermal conductivity, and there are no under- 
lying directed bonds. From one point of view, metallic 
bonding is the limit of the process of delocalizing ø electrons. 
Consider, for example, a Li,g unit. From the 10 s orbitals, we 
can form ten 10-centre orbitals by an extension of the steps 
outlined in section 4.7. Only five of the ten orbitals will be 
needed to hold the 10 valency electrons. Furthermore, the 
spread of energies between the most and least stable of the ten 
orbitals is limited, so that the energy gap between the highest 
filled orbital and the lowest empty one will be relatively small. 
If we now go to a 11, ооо unit, and form orbitals delocalized 
over the whole 1000 atoms, the separation between successive 
orbitals becomes tiny. In the terminology used in metal 
theory, we are creating a band of orbitals, here an s band. There 
are sufficient electrons to half-fill this band, and the energy 
gap between the last (500th) filled orbital and the lowest 
empty one—number 501 — will be so small that electrons are 
likely to spread out over the last few filled orbitals and the 
lowest few empty ones, due to their thermal energy. In the 
case of a crystal, delocalized orbitals with an infinite number 
of centres are constructed and then electrons are placed in 
these orbitals so that they are evenly shared by the infinite 
number of cations, the result is a wave-mechanical descrip- 
tion of a metal where the electrons are standing waves over 
the whole crystal. 

A band need not involve only s electrons. Thus, in calcium, 
for example, the p orbitals overlap to form a f band, whose 


covalent 
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FIGURE 5.11 Diagrammatic illustration of bond types 
Few bonds are purely ionic, covalent, or metallic and most have 
some characteristics of all three types and would lie within a 


triangular plot of the type shown. This presentation also emphasizes 
that there is no sharp boundary between bonds of different types. 


range of energies overlaps with that of the s band. Thus, 
though there are 2 electrons per Ca atom, they do not simply 
fill the s band (which would give an insulator), but partly fill 
the overlapping p band. 

Because the electrons at the top of any partly-filled band 
are free to move through the whole crystal, this accounts for 
the high electrical and thermal conductivity of metals. 
Similarly, since excitations of electrons into the upper part of 
the band can occur with a wide range of energies, electrons 
interact with all wavelengths of light, giving rise to metallic 
lustre. When transition elements are involved, d bands also 
occur. 

Without going into further detail it can be summarized that 
there are three basic types of bonding: ionic, involving 
complete transfer of an electron from one atom to another; 
covalent, with the sharing of a pair of electrons between two 
atoms; and metallic, where the electrons are completely 
delocalized over the crystal. If these three extreme types are 
thought of as being placed at the corners of a triangle, then 
some compounds will be represented by points near the 
vertices of this ‘bond triangle’, with bonding predominantly 
of one type. Some compounds will be represented by points 
along an edge of the triangle, with bonding intermediate 
between two types. Finally, the majority of compounds would 
be represented by points within the area of the triangle, 
showing that the bonding had some of the characteristics of all 
three types. This idea is illustrated schematically in 
Figure. 5.11. 

There are three common metallic structures which are 
illustrated in Figure 5.12, and nearly all metals adopt one or 
other of these. Two are based on close-packing of spheres, 
i.e. the metal ions (assumed to be spherical) are arranged to 
fill the space as closely as possible. For close packing, a layer 
of spheres can be arranged in only one way, as shown in 
Figure 5.12a, in which each sphere is in contact with six 
neighbours. A second layer can be arranged on top of the 
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FIGURE 5.12 Common metal structuri 
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(b) 


PLATE III (a) Model illustrating hexagonal close packing. The ABABA 
arrangement is clearly seen. 
(b) Another view of the model in (a) showing the close-packed layers. 


first, again in only one way if close packing is to be preserved, 
and this is shown in Figure 5.12b. There are two possible 
ways of adding the third layer, both preserving close packing. 
These are either directly above the first layer (Figure 5.12 

or in a third position illustrated in Figure 5.12d. The first case 
then gives a repetition of the second layer for the fourth one, 
the first and third layers for the fifth one, and so on in an 


(a) 


(b) 


PLATE IV (a) Model illustrating cubic close packing, in the face-centred 
cube orientation 


(b) The model of (a) with close-packed layer shown at 45° to fee edges. 


ABABAB . . . arrangement. This gives rise to hexagonal close 
packing (hep) which is shown in Figure 5.12e and in Plate Ша 
where the ABABA arrangement is more obvious. Plate IIIb 
shows another view of the Һс p model illustrating the close- 
packed layer. 

In the second case, the arrangement of the first three 
layers may be labelled ABC and the repeated pattern is then 


ABCABCABC..., to give cubic close packing (cep). This is 
shown in Figure 5.12f and in Plate IV. In this structure, the 
close-packed layer is not parallel to the base of the cube, as it 
was in hep, but lies along the body diagonal of the cubic 
array as indicated by the shaded plane in Figure 5.12f. Put 
another way, the close-packed layers of Figure 5.12d have to 
be turned through 45* to give the unit cube. Plate IVa shows 
a model of the сер array while Plate IVb shows the model 
with spheres removed to illustrate the close-packed plane 
parallel to the body diagonal. An alternative name for ccp 
is /ace-centred cube (fec) describing the orientation of Figure 
j. 1 2f. 

The third common metal structure is the body-centred cube 
bec), shown in Figure 5.12g, which is not close-packed and 
in which the coordination number is eight. These high 
coordination numbers are typical of metal structures. 

^ number of common crystal structures are closely related 
to one or other of the close-packed structures above. In cubic 
close packing, there are two different kinds of interstitial 
sites, see Figure 5.12b. One of these is a tetrahedral site 
between four of the spheres, and the other is an octahedral 
site between six of the spheres. There are as many octahedral 
sites as there are spheres, and twice as many tetrahedral sites 
as spheres. Now suppose that a small atom was inserted into 
cach octahedral site in a close-packed structure, leaving the 
large atoms in contact, the structure which results is of 
formula AB. The two kinds of atoms are six-coordinated and 
this is the same as the sodium chloride structure. Thus the 
sodium chloride structure may be described as derived from 
cubic close packing with all the octahedral sites occupied. Of 
course, in some compounds with the sodium chloride struc- 
ture, the ions are of such relative sizes that the smaller ones 
force the larger ones out of contact with each other so that 
they are no longer close packed, but their relative positions 
remain the same and the structure is often described in 
terms of the close-packed form. 

Many of the other common structures may be described 
in similar terms, with the larger ions—usually the anions—in 
cubic or hexagonal close packing, and the smaller ions occu- 
pying some fraction of the octahedral or tetrahedral sites in 
the close-packed structure. Table 5.3, at the end of the 
chapter, summarizes the common structures in terms both 
of the coordination numbers and of their relation to the 
close-packed structures. 

Apart from metals and alloys, metallic bonding is found 
in a number of other types of compound. One class consists of 
the so-called ‘interstitial’ hydrides, carbides, nitrides and 
borides of the transition metals. These compounds are 
formed with a variety of compositions—W,C, TiN, ZrH; 
etc.—which do not commonly fit any normal ideas of 
valency. The compounds have metallic properties, such as 
conductivity and magnetic ordering but have different 
structures from the parent metals. The bonding is still the 
subject of some controversy but most theories agree in 
leaving some valency electrons in conduction bands to give 
metallic properties. Thus these compounds may be pictured 
as, for example, ionic structures but with additional electrons 
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providing metallic properties (see section 9.5 on the metallic 
hydrides). Many low oxidation state halides of the transition 
metals may belong to this class. These compounds, which 
exist only in the solid state, like Thl} or NbCl; may be 
regarded as containing M'* cations (v = normal Group 
oxidation state of the metal) and v electrons which form 
anions and provide conduction electrons. Thus, Thl, would 
contain Th** ions, two I~ ions and two conduction electrons 
per formula unit. 

There is a complete range of bond types involving metal 
atoms, from those involving only two metal centres, through 
polycentred clusters, giant clusters, microcrystallites, to metal 
crystals. There is much technological interest in the 
intermediate sizes—and an interesting question about what 
size is needed for characteristic metallic properties to appear 
(the current answer seems to be as low as a few hundred 
atoms). Bonds between two metal atoms are found in RcM; 
for M = Pb, Sn, Ge, and К a variety of organic groups; 
(СО), Мп — Mn(CO),;; a number of transition metals 
bonded to Hg, Ge, Sn, as in Pt(SnCl,)CIL, (L = z-bonding 
ligand) and so on. 

Examples of clusters start with triangles, as in Re, Clty 
(Figure 15.23— see also section 16.5), include the MeX$* 
ions of molybdenum and tungsten (section 15.4), the MeXii 
ions of niobium and tantalum (section 15.3), both of which 
contain octahedra of metal atoms, the Вій? cluster (section 
17.6.4), and the clusters of sections 16.2 and 18.4. 

The field of metal— metal bonding in clusters or in small 
molecules has attracted a lot of attention in the hope that 
these studies may throw light on the action of metallic 
catalysts. 


5.7 Complex ions 

Although the discussion so far has been concerned with 
simple ions, most of the points made apply to complex ions 
as well. Many of the structures of compounds containing 
complex ions are simply related to those discussed for simple 
ions. For example, the relationship between the calcium 
carbide structure of Figure 5.13, and the sodium chloride 
structure is obvious. Similarly, sodium nitrate, calcium 
carbonate, and potassium bromate all have structures in 
which the anion occupies the chloride ion position of the 
sodium chloride structure. Sodium iodate has a cesium 
chloride structure while potassium nitrate and lead car- 
bonate have nickel arsenide structures. In most cases of 
complex ion salts, as in all the above examples, the actual 
symmetry of the lattice is lower than that of the sodium 
chloride lattice as the complex ions are not spherical. The 
calcium carbide lattice, for example, is elongated in the 
direction parallel to the axes of the carbide ions to give a 
tetragonal rather than a cubic lattice. However, there are a 
number of cases where complex ionic lattices are of high 
symmetry. This occurs if the complex ion is able to rotate in 
its lattice position at room temperature. The resulting, 
averaged-out, configuration is spherical as in the alkali metal 
borohydrides, MBH,. These compounds have actual sodium 
or cesium chloride configurations at room temperatures as 
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FIGURE 5.13 The calcium carbide structure 


the BH, ions are freely rotating. An interesting intermediate 
case is provided by the alkali metal hydroxides. These have 
lattices of low symmetry at room temperature, in which the 
ОНГ groups are not rotating. When the temperature is 
raised, enough energy is present to allow the hydroxide ions 
to rotate and the alkali hydroxides undergo a transition to a 
high temperature form with the sodium chloride structure. 
Complex cations behave in exactly the same way; most 
ammonium salts, for example, have sodium chloride or 
cesium chloride structures as the NH; ion is freely rotating. 
Hydrated and other complex cations also typically form 
latticés of high symmetry with large anions. Thus 
[Co(NH;)g][TICIg] has the sodium chloride structure 
while [Ni(H5O)&][SnCl,] crystallizes in the cesium chloride 
structure. 

Compounds of more complicated formula type also mirror 
the structures of the simple ionic types. One example is pro- 
vided by the many compounds which crystallize with the 
K,PtCl, structure. This is related to the structure of calcium 
fluoride but with the cations in the fluoride positions and the 
large anion in the calcium site (called the anti-fluorite 
structure). 

Compounds containing complex ions may also be found 
with the less symmetrical structures associated with signifi- 
cant non-ionic contribution to the bonding. Lead carbonate 
and one form of calcium carbonate have the ions in the same 
positions as in nickel arsenide while a number of complex 
fluorides, such as K,GeF, have layer structures related to 
that of cadmium iodide. 


When complex ions are present, a permanent dipole often 
exists, and the interaction with this dipole has to be added to 
the interactions between ions, and between induced dipoles 
and ions, which have already been discussed. One example 
is provided by the hydroxide ion where there is a permanent 
dipole O?- — H?* in addition to the negative charge. In the 
high-temperature form where the hydroxyl group is freely 
rotating, the ion-dipole forces are equally directed, but when 
the hydroxyl groups become fixed in orientation, the exist- 
ence of the dipole means that the forces between anion and 
cation differ in the direction of the dipole from those in 
directions perpendicular to the dipole. Salts containing 
small complex ions may thus be equivalent to those with 
simple ions when the complex ions can rotate freely, or the 
presence of permanent dipoles may introduce a directional 
element into the bonding in the crystal. Just as simple ions 
may occur in compounds which are ionic or which have non- 
ionic contributions to the forces in the crystal, so do small 
complex ions occur in symmetrical crystals which are ionic 
to a high degree of approximation and also in less sym- 
metrical compounds with layer or other ‘non-ionic’ struc- 
tures. 

In addition to compounds with small, discrete, complex 
ions, there are very extensive series of compounds of large 
condensed ions, especially those containing condensed oxy- 
anions such as polyphosphates or silicates. Such compounds 
form a vast topic of their own and the structural problems 
involved have often been very difficult to study. A number 
of cases will be met later in this book but a brief survey of the 
silicates is given here to illustrate some of the genera! struc- 
tural characteristics of such compounds. 


5.8 Silicates 

The —Si—-O-Si- linkage forms very readily by elimina- 
tion of water between two Si(OH) groups and a very wide 
variety of silicates is found. As far as is known, the coordi- 
nation number of silicon with respect to oxygen is always 
four, and all the silicates are built up from SiO, tetrahedra. 


Simple silicate anions, SiO? 

This type of silicate is represented by Mg;SiO, where the 
magnesium ions are surrounded octahedrally by oxygen 
atoms. The structure is a general one found in a wide class 
of minerals. The magnesium ions may be replaced by any 
other divalent cations of about 80 pm in diameter, such as 
Fe?* or Mn?*, The mineral olivine is a naturally occurring 
example of such a magnesium silicate where about one in 
ten of the magnesium ions is replaced by a ferrous ion. 

A less simple silicate which still contains discrete silicate 
ions, is the scandium compound, Sc;Si;O.. The scandium 
ions lie within an octahedra of oxygen atoms and the anions 
are Si,O$~ ions formed by joining two SiO, tetrahedra 
through an oxygen atom. These two anions are shown in 
Figures 5.14a and b. Although the simple silicate 10N, 
5104, occurs in a fairly common class of minerals, examples 
of the disilicate anion, Si;O$^, are rare and the scandium 


silicate appears to be the only one with a well-established 
structure. a 


Rings and chains, SiO3- 

If each SiO, tetrahedron shares an oxygen with each of two 
neighbouring tetrahedra, ring anions (Figure 5.14c) or chain 
anions (Figure 5.14d) result. Two different ring sizes are 
known. The smaller contains three SiO, tetrahedra linked 
together as 513057 in, for example, BaTiSi;Os, while the 
larger has six linked tetrahedra in the ion 5150187. The 
latter is found in beryl (emerald), Be3Al;SigO,;s. In the 
structure of these minerals, the rings are arranged in sheets 
with their planes parallel and the metal ions lie between 
the sheets, binding the parallel rings together by electro- 
static forces, The barium, titanium, and aluminium atoms 
are coordinated to six oxygen atoms while the smaller 
beryllium atom is four-coordinate to oxygen. 

The chain structure is found in many minerals and these 
are known collectively as pyroxenes. Examples are MgSiO; 
and CaMg(SiO;);. In these compounds, the silicate chains 
lie parallel to each other and the cations lie between the 
chains and bind them together. The magnesium ions are six- 
coordinate to oxygen while the larger calcium ions are eight- 
coordinated, 

‘Two chains may be linked together to form double chains 
which correspond to the formula, Si,0$, (Figure 5.14). 
These double chain structures are also common and are 
represented by the class of minerals called amphiboles, 
which includes most asbestos minerals. One example is 
tremolite, CayMgs(Si4O,1)2(OH)2, where the magnesium 
ions are coordinated to six oxygens, three from the silicate 
and three from the hydroxyl groups. Tremolite is the mineral 
to which the name asbestos was first given, although the 
term is now applied more widely. As with all minerals, the 
above composition is an idealized one and other ions of 
similar size may be present. In particular, some of the mag- 
nesium may be replaced by iron, and when the iron content 
rises to about 2 per cent the mineral is termed actinolite. 

Tremolite is also characteristic of the amphiboles in con- 
taining OH groups in the structure. 


Sheet structures, 51,01; А 
If the SiO, tetrahedra have three corners in common with 
adjacent tetrahedra, the sheet structure of Figure 5.14f 
results. A wide variety of sheet silicate minerals is known 
and these usually contain hydroxyl groups, €.8. talc, 
Mg3(OH),Si,O; о. It is also common to find that some of the 
silicon atoms in the sheets have been replaced by aluminium 
atoms which are of the same size. This happens, for example, 
in the micas such as phlogopite, KMg;3(OH)2Si3A1Oj0. In 
addition to the micas, the main minerals in the group of 
sheet structures are the clay minerals such as the kaolins, 
used in ceramics, vermiculite, used as a soil conditioner, and 
bentonite which is used as a binder and adsorbent. 


Three-dimensional structures н Е 
If SiO, tetrahedra share all four oxygen atoms with adjacent 
tetrahedra, the infinite three-dimensional structure of silica, 
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FIGURE 5.14 Structural units in silicates: (a) simple $1047 tetrahedron, 
(b) linked tetrahedra in 51,087, (c) 5103 rings, (d) 51027 chains, 
(e) double chains (for clarity the oxygen lying above each triply linked silicon has 
been omitted), (С) sheet structures 

The SiO, coordination unit in all these structures is always tetra- 
hedral, hence the chains, rings and sheets are puckered structures. 
In diagrams of these complex structures, it is convenient, as here, 
to draw the projection on the base plane of the tetrahedral units. 


86 THE SOLID STATE 


SiO), results (see Figure 5.3c). It is possible to replace some 
of the silicon atoms by aluminium atoms, which are very 
similar in size, and then cations must be introduced to 
balance the charges in these three-dimensional alumino- 
silicates. These minerals are represented by the important 
class of felspars which are the most abundant of all the rock- 
forming minerals. Examples include orthoclase, K AlSi4Og, 
and anorthite, CAAl;Si;Og. 

A further important set of aluminosilicates are the zeolites. 
These have structures with very open lattices with channels 
running through them, which can take up small molecules 
such as water or carbon dioxide. The naturally-occurring 
zeolites found early use as drying agents and as ion exchangers 
since the cations which balance out the charge on the 
aluminosilicate lattice are readily exchanged by treatment 
with strong salt or acid solutions. Thus Mg?* and Ca?* ions 
could be replaced for water-softening or boiler water treat- 
ment. (For further applications of synthetic zeolites, see 
section 17.5.2.) 

This brief outline of silicate structures gives only a slight 
indication of the rich variety of structures which are known. 
'The number of structures which exist arise mainly from the 
different ways in which the SiO, tetrahedra can link up, 
and from the possibility of replacing some of the silicon atoms 
by others of similar size, especially aluminium. A similar 
proliferation of structures based on linked MO, tetrahedra 
are found in other polyanions, especially the polyphosphates 

and polyvanadates although these are less rich in variety. 
There are also many examples of polyanions built up from 
units other than tetrahedra. Thus, polyborates comprise 
planar BO, units as well as tetrahedral BO, ones, while 
polyanions of larger elements, like the very extensive series 
of polymolybdates and polytungstates, are built up from 
МО, octahedra. 


5.9 The crystal structures of covalent compounds 

In the largely ionic or metallic compounds discussed above 
there is a reasonable uniformity of bond strength throughout 
the crystal. Either all the bonds are identical, as in salts of 
simple ions and in elemental metals, or, even when there are 
strongly bonded units within the solid, as in the salts of com- 
plex ions, these units are bonded together by strong ionic 
forces. Such relative uniformity of bond strength is reflected 
in the hardness and fairly high melting points which are 
common among the compounds discussed above. When 
compounds in which the bonding is largely covalent are 
examined, these properties are no longer found except in 
relatively few examples, like diamond or silica, which are 
very hard and high melting. The vast majority of covalent 
compounds form soft, low-melting solids of low crystal 
symmetry, and the actual structure of the solid form of these 
compounds is usually of relatively minor importance for an 
understanding of their chemistry. 

The hard, high-melting covalent compounds are those 
where covalent, electron pair bonding extends throughout 
the crystal so that the whole crystal is a ‘giant molecule’. An 
obvious example is diamond in which each carbon atom is 


bonded tetrahedrally to four others and this structure con- 
tinues throughout. In order to melt or fracture such a crystal, 
strong covalent bonds must be broken and this requires 
considerable energy. Similar examples are silica, with four- 
coordinate silicon and two-coordinate oxygen throughout, 
silicon and silicon carbide and the tetrahedral form of boron 
nitride—all with the diamond structure—and oxides of 
other elements of moderate electronegativity, such as alu- 
minium. 

The structures of the elements in the carbon Group give a 
good illustration of this type of giant molecule and the effect 
of deviations from it. Carbon, silicon, germanium, and tin 
(in the grey form) all occur with the diamond structure but 
the valency electrons become increasingly mobile with in- 
creasing atomic weight so that silicon, germanium, and grey 
tin have conductivities increasing in that order. These con- 
ductivities are much higher than those of insulators, such as 
diamond, but many times less than the conductivities of true 
metals. Such compounds are called semiconductors. The 
valency electrons are largely fixed in the bonds but have a 
small mobility, in other words, these elements are at the start 
of the trend from covalent to metallic properties. 

White tin and lead have different structures from the 
diamond one (Figure 5.15) and tend much more towards 
metallic forms. White tin has the atoms in a distorted octa- 
hedral configuration with four nearest neighbours and two 
more a little further away, while lead has an approximately 
close-packed structure but with an abnormally large inter- 
atomic distance. These two elements represent further steps 
away from the covalent, low-coordinate structures towards 
the high-coordinate structures with close-packing which are 
typical of metals. Both have conductivities in the metallic 
range, and thus mobile electrons. However, even lead differs 
a little from the typical metal in its high interatomic spacing. 
These elements would all lie along the covalent-metal edge 
of the ionic-covalent-metallic triangle of bond types with 
diamond at the covalent apex, silicon, germanium and grey 
tin near the covalent end of the edge, and white tin and lead 
nearer the metallic end of the edge. 

The other structure shown by an element in this Group is 
the graphite form of carbon. This is a much softer solid than 
diamond with a pronounced horizontal cleavage so that it 
readily flakes. These properties reflect the bonding as the 
carbons are three-coordinated in a planar sheet, and the 
fourth electron and the fourth orbital form delocalized 7 
bonds extending over the sheet. The sheets of carbon atoms 
are very strongly bound but the forces bonding the sheets 
together are relatively weak (shown, for example, by the 
C—C distances of 142 pm within the sheets and 335 pm 
between them), so the sheets readily slide over one another, 
giving graphite its lubricating properties. Thus the strength 
and external properties of the solid as a whole reflect the 
bonding, especially the weakest links in the solid. 

When ordinary covalent compounds are considered, it is 
the weak intermolecular forces which are reflected in the 
crystal properties. In a simple molecule such as methane, the 
atoms are strongly linked together by directed bonds in the 


FIGURE 5.15. Structures of Group IV elements: (a) diamond, (b) white 
tin, (c) graphite 


molecule, but the only forces between molecules are the very 
weak ‘Van der Waals’ interactions due to induced dipoles. 
Thus the compound melts readily and the solid is soft and 
readily fractured as only these weak interactions have to be 
overcome. Naturally, in such a case, properties of the solid 
give no information about the bonds in the compounds. 
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5.10 Defect structures and non-stoichiometric solids 

Real crystals rarely show the ideal structures discussed in the 
earlier sections of this chapter. Some of the departures from 
ideality are trivial. For example, most solids are made up ofa 
large number of small domains of ideal structure (called 
crystallites) which fit discontinuously at the edges and may 
have missing ions at these boundaries. Another case is found 
in many minerals where ions of similar size substitute one for 
another, for example Fe?* for Mg?*, so that there may be a 
continuum of compositions between the pure Fe and pure Mg 
species. 

Within a crystallite, or single crystal, departures from the 
ideal arrangement may occur with maintenance of the overall 
stoichiometry. In the Frenkel defect, an atom or ion is displaced 
from its regular position into a non-lattice site. This will 
usually be the cation, the smaller species. In the Schottky defect 
atoms or ions are missing. These, and other, rarer defects are 
often marked by colour and may markedly affect the conduc- 
tivity of crystals. Solid state reactions, which involve atoms 
migrating through the lattice, will be markedly affected in 
rate, Clearly it requires much less energy for atoms or ions to 
move via vacant sites than by exchanging in a complete 
lattice. Since a defect corresponds to a loss of energy com- 
pared with the ideal arrangement, the number of defects will 
be temperature dependent. While defects can be ‘frozen in’, 
at equilibrium the proportion of defects will be low at 
temperatures well below the melting point, but can be high 
within a few tens of degrees of the m.pt., and the formula may 
depart markedly from stoichiometric if, say, cations are more 
readily removed than anions. 

This leads us to compounds which are markedly non- 
stoichiometric. In the eighteenth century, Dalton and 
Berthollet argued whether materials had fixed or variable 
composition. Dalton’s view of fixed composition carried the 
day, but we now know of many systems where variable 
composition is normal and the name berthollide is often used as 
a descriptive term for these. 

A good example is provided by the transition metal 
hydrides (section 9.4). For example, titanium hydride can be 
regarded as forming from cubic close-packed Ti atoms with H 
atoms entering the tetrahedral sites. The hydrogen is taken up 
at elevated temperature and pressure. A whole range of 
uniform materials may be formed ranging from (say) TiH,., 
to ТІН, в in overall composition (the limits depend on the 
temperature). A species of formula TiH has no special 
stability, but simply represents the stage where half the 
tetrahedral sites are occupied at random. At ТІН, „в, no metal 
phase remains, but 10% of the sites are empty. It requires 
prolonged treatment, or high Н, pressures, to force the 
composition up to ТЇН; Since the defect structure has a 
higher entropy, if a lower enthalpy, the stable equilibrium 
composition may not be the stoichiometric one. 

Similar non-stoichiometric phases are widely found among 
oxides, e.g. uranium and the actinides, ZnO, iron oxides (see 
section 14.6); among sulphides and among the lower-valent 
halides. 

The structural, electrical, and optical properties of non- 
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TABLE 5.3 Summary of common structures and their relation to close-packing 


Structure Figure Coordination Description in terms of close-packing 
- FORMULA TYPE AB 
zinc blende 5.1c 4:4 S atoms ccp with Zn in half the tetrahedral sites 
ZnS both tetrahedral (every alternate site occupied) 
wurtzite 5.1d 4:4 S atoms hep with Zn in half the tetrahedral sites 
ZnS both tetrahedral 
sodium chloride 5.la 6:6 Cl atoms сср with Na in all the octahedral sites 
NaCl both octahedral 
nickel arsenide 5.10c 6:6 As atoms hcp with Ni in all the octahedra! sites (note 
NiAs Ni octahedral that the two types of position cannot be equivalent 
As trigonal prism in hep) 
cesium chloride 5.1b 8:8 Not close-packed. The АВ» and А,В arrangements 
CsCl both cubic are like bcc 
FORMULA TYPE AB; 
B-cristobalite 5.3c 4:2 The Si atoms occupy both the Zn and 5 positions 
SiO; tetrahedral and linear in zinc blende (this is equivalent to two inter- 
penetrating ccp lattices) and the O atoms are mid- 
way between pairs of Si 
rutile 5.3a 6:3 Not close-packed. The Ti atoms lie in a considerably 
TiO; octahedral and triangular distorted bcc 
fluorite, CaF, and 5.3b 8:4 Ca atoms сср with Е in all the tetrahedral sites 
anti-fluorite, Li O cubic and tetrahedral O atoms ccp with Li in all the tetrahedral sites 
cadmium iodide 5.10a 6:3 layer lattice I atoms are hcp and Cd atoms are in octahedral 
Cdl, octahedral and the sites between every second layer 
3:coordination is irregular 
The CdCl, structure is similar but the Cl atoms are 
ccp 
FORMULA TYPE AB, | 
rhenium trioxide 5.4a 6:2 O atoms are in } of the cep sites and Re atoms are 
ReO, octahedral and linear in 1 of the octahedral sites 
bismuth triiodide 5.10b 6:2 layer lattice I atoms are hcp and Bi atoms occupy $ of the 
Bil, octahedral and the octahedral sites between every second layer 
2:coordination is non-linear 
The CrCl, structure is similar but the Cl atoms are 
ccp 
FORMULA TYPE M,O, кё. . p" 
corundum 54b 6:4 O atoms are hep with Al atoms in 4 of the octahedral 
Al;O; octahedral, and at four of sites (cf. NiAs with 4 Ni missing). IImenite (FeTiO3) 
ше six corners of a trigonal is the same structure with alternate layers of Fe and 
prim Ti atoms in the AI sites 
manganese(III) oxide 5.10d 6:4 


Mn;O, 


six of eight cube corners, 
and tetrahedral 


Mn atoms cep with O atoms in } of the tetrahedral 
sites (cf. fluorite) 
Contd 


TABLE 5.3 (Contd.) 
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Structure Figure, Coordination Description in terms of close-packing 
| OTHER TYPES 
perovskite 5.4c Ca— 120 (сср) Ca and О atoms together are сср, with Ca in } of the 
CaTiO,; Ti—60 (octahedral) positions in a regular manner. The Ti atoms are in 
O—2Ti (linear) апа 4Ca $ of the octahedral sites 
(square) giving distorted 
octahedron . 
«РШЕ А 5.44 Mi; tetrahedral О atoms аге сср and ¢ of the tetrahedral sites and 
M? M'O, M"!—octahedral 1 the octahedral sites are occupied by metal atoms. 


In a normal spinel, the M" ions are tetrahedral and 
М!!! octahedral. In inverse spinels, М" ions are 
octahedral and half М!" are octahedral and half are 
tetrahedral 


Notes: (i) Cubic close-packed = ccp: hexagonal close-packed = hep: body-centred cube = bec. 
(ii) In both сср and hep, there are two tetrahedral sites and one octahedral site for each atom in the close-packed lattice. 


stoichiometric solids lead to a number of applications, but by 
far the most important is the controlled non-stoichiometry 
of semi-conductors. While silicon, or germanium, are 
intrinsically semi-conductors (see above, 5.9), their properties 
may be vastly modified and tailored by adding impurities. If, 
say, indium is added in small amounts to silicon or 
germanium, it will occupy a site in the lattice but, as it 
contains one electron less than the Group IV atom, there will 
be an electron vacancy (or positive hole). If a potential is 
applied an electron will move into the vacancy, leaving a hole 
and so on—i.e. the effect is of a positive charge migrating 
across the crystal. Similarly, addition of a Group V atom such 
as arsenic or antimony gives an excess electron and this 
negative charge will move under a potential. These p-type 
and n-type semi-conductors are then united in various 
combinations to give all the components of modern 
electronics. 


PROBLEMS 


In this chapter, we are concerned with quite complex three- 
dimensional arrays of atoms. Read the note on crystal structure 
diagrams on p.71, and also look at as many models and 
structural texts as you can, 

You will need to use atomic parameters, especially from 
sections 2.13 to 2.16, and these should be revised. 


5.1 (a) From the values in Table 2.12, and following the 
discussion on p.29, calculate a set of ionic radii 
consistent with the ‘experimental’ values. 


(b) Calculate radius ratios from the data derived in (a) for 


the solids listed in Table 5.1. Comment on the predictions 
which result. Treat Shannon radii similarly. 


5.2 Calculate correct to 2 significant figures the Madelung 
constant of a rectangular array of spacings r and 3r. 


5.3 From Table 2.12 and section 5.3, calculate the 
approximate lattice energies of CaO, CaS and NaF based on 
the value in Figure 5.5 for NaCl. 


54 Calculate lattice energies, as in question 5.3, for Na,O, 
Na,S, CaF, CaCl. (Assume the same Madelung constant as 


fluorite. ) 


5.5 The heats of dissociation of F, and О, are respectively 
78:9 and 249-2 kJ mol^'. The heat of formation of Ca atoms 
from the metal is 176 kJ mol !, and of S atoms from Sg is 238 
Куто!" !. 

Work out the heats of formation of the solids in questions 5.3 
and 5.4 (see Tables 2.8, 2.9). Discuss the order of stability of 
these solids. [See also question 9.5. ] 


5.6 Decide what approximate lattice energy is appropriate 
for the hypothetical ionic solids CaF and CaCl. Hence 
calculate their heats of formation. 

Why do CaF and CaCl not exist as stable species? 


5.7 The experimental heat of formation of CuCl is 136 kJ 
mol", the calculated lattice energy is 880 kJ mol ', and the 
heat of formation of copper atoms is 337 k] mol~!. Discuss 
whether CuCl is likely to be ionic. 


6 Solution Chemistry 


Aqueous Solutions 


Most work in inorganic chemistry is carried out in solution 
and the observed results depend to a large extent on the 
properties of the solvent. These will be examined in this 
chapter. Water is still by far the commonest solvent, but an 
ever-increasing number of reactions are carried out in other 
solvent media. These range from solvents like liquid am- 
monia, which have much in common with water, through 
more exotic media like anhydrous hydrogen fluoride or 
liquid bromine trifluoride, to molten salts and even molten 
metals. The major features of aqueous chemistry are dis- 
cussed first and then follows the extension of these principles 
to nonaqueous solvents, with detailed discussion of the pro- 
perties of a small number of representative solvent systems. 
The discussion of solution behaviour is divided into three 
sections; 
(i) solubility and solvolysis, which depend directly on the 
interaction between solvent molecules and the solute, 
(ii) acid-base behaviour, 
(iii) oxidation-reduction behaviour. 
None of these types of behaviour is independent of the others 
but it is convenient to make these broad divisions. They will 
be discussed in turn, first of all as they apply to solutions in 
water. 


6.1 Solubility 

The energy changes which govern solubility may be dis- 
cussed by first considering the process of dissolving an ionic 
solid in water. The principal enthalpy changes may be 
related by a simple cycle diagram such as Figure 6.1. The 
process of solution is treated as occurring in two steps: the 
ions in the solid are separated to infinity as gascous ions, 
which requires the input of the lattice energy, U; the 
separated gaseous ions are hydrated by the water molecules 
with the evolution of the heats of hydration, Н.а, of the 
cation and anion. The heat of solution, H „ is the difference 
between the lattice energy and the heats of hydration. This 
treatment should be compared with that used to analyse the 
formation of ionic solids (section 5.2). 


NaCl,, Primer Mula Мал, + Cla 
p H,,Na* 
H,,C\- 


Nag) + Clg 


U = lattice energy of NaCl 

H, = heat of solution of NaCl 
H,.Na* = heat of hydration of Na* 
НСІ = heat of hydration of СІ” 


FIGURE 6.1 Enthalpy changes in the solution of sodium chloride 

The process of solution may be split up into simple steps, whose 
heat changes are known or measurable, in the same way as the 
formation of an ionic solid was treated in the Born-Haber cycle. 


H—o, 
ON 
Pes "T 
22 / H 
HN О S. 
(ож 
н H 


hydration of cation by H | 1 
water H "Uu ^D 
H 


hydration of anion by 
water 


FIGURE 6.2 Diagrammatic representation of the solvation of ions 


The factors affecting the lattice energy were discussed in 
section 5.3. It will be recalled that the lattice energy i$ 
greatest for small ions of high charge and is increased if 
polarization effects are present to add the attractions be- 
tween the ionic charges and induced dipoles to those be- 
tween the ions themselves. 

The heats of hydration of the gaseous ions arise from the 
electrostatic attractions between the ionic charges (and 


dipoles if any) and the dipole of the water molecules. These 
interactions are shown schematically in Figure 6.2. In the 
water molecule, each O — H bond is polarized in the sense 
Оё — H?* by the uneven sharing of the bonding electrons 
between the very electronegative oxygen and the less electro- 
negative hydrogen. In addition, the effective negative charge 
on the oxygen atom is increased by the two unshared pairs of 
electrons. In the case of an anion, the relatively positive 
hydrogen atoms interact with the negative charge to give the 
anionic heat of hydration. The cations interact with the 
relatively negative oxygen atoms of the water molecules and 
the major effect is probably that due to the lone pairs. The 
energy of hydration of the cation is usually the most im- 
portant exothermic term as the cation-lone pair interaction 
is strong and is enhanced by the general small size and con- 
sequent high charge density of cations. The strength of the 
anion and cation interactions with the water molecules 
increases with the charge on the ions and is inversely pro- 
portional to their sizes. The effect of ion size on the hydration 
energies is seen in Figure 6.3 where the heats of hydration of the 
alkali halides are plotted against the anion radius. 


— 1200 ta 


LiF 


ion hydration energy in kJ mol ^ ' 


100 125 150 175 200 225 
anion crystal radius in pm 


FIGURE 6.3. Heats of hydration of the alkali halides i 
The heats of hydration are plotted against the anion radius to 
illustrate the effect of ion size on the hydration energy. 


It can be seen that the task of predicting the solubilities of 
ionic solids is very similar to that of predicting the formation 
of an ionic lattice which was discussed in the last chapter. 
The heat of solution, and therefore the probable solubility, 
is the result of the balance between the lattice energy of the 
solid and the heats of hydration of the gaseous ions. Both 
these factors are increased if the ions are small and of high 
charge, so that the difference between them may be expected 
to vary in a random manner and a general correlation of 
solubility with ion properties is impossible, each individual 
case having to be calculated separately. Solubility is yet 
another example of a phenomenon which depends on the 
small difference between large energies. There are, however, 
two factors which appear to have an over-riding effect on 
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the balance of energies involved in solution. One is the effect 
of the ionic charge. When this is increased, the ionic sizes and 
the crystal structure remaining constant, the lattice energy 
increases more than the heats of solvation of the ions. Thus, 
A*B™ solids, for example, are much more soluble than 
А2+В2- solids of the same structure. Highly-charged salts 
are generally of low solubility. A second effect which usually 
tends to decrease the solubility is the presence of polarization 
in the solid. A polarizing cation increases the lattice energy 
by the additional ion-dipole force which its presence intro- 
duces, and such a cation would also polarize the solvent 
molecules and increase the hydration energy in a similar 
manner. In this case, the effect of these forces appears to be 
largest in the solid and the presence of polarizing cations 
usually leads to low solubility, at least in cases like the silver 
and thallous salts which were discussed in Chapter 5. 

The discussion above has been centred on heat changes 
whereas the true driving force is the free energy of solution 
which includes the entropy of solution as well as the heat. In 
general, entropy changes would be expected to favour the 
formation of solutions as the solute is much less ordered than 
the solid. (It will be recollected that a high degree of order 
corresponds to low entropy.) However, in a coordinating 
solvent such as water, the disorder of the solvent is reduced 
when ordered hydration sheaths are formed around the ions. 
If the ions are of high charge density, this increase in the 
ordering of the solvent may outweigh the decreased order 
of the solute. Thus, entropy changes should favour solution 
processes in general, but may oppose them for ions of high 
charge density which would be strongly solvated. 

Another property of water, in addition to its power of 
hydrating ions, is important in determining its solvent power 
for ionic compounds. This is its very high dielectric constant, 
D — 81-1. The attraction between opposite charges e; and e; 
at a distance r in a medium of dielectric constant D is 
@¢/4m€)Dr. Thus the interposition of a medium of high di- 
electric constant reduces the forces between ions in solution, 
hindering their precipitation, and assists the passage into 
solution of ions in the solid. Water is among the best of all 
solvents for ions and this is a result of the strong solvating 
forces for ions combined with the high dielectric constant. 

By contrast, water is a poor solvent for covalent com- 
pounds, especially if these have no dipole or only a relatively 
weak one. To return to the heat cycle of Figure 6.1, a 
covalent compound may go into solution as single molecules 
or as dimers or polymers, and the energy required to separate 
the appropriate species is analogous to the lattice energy U 
of an ionic compound. In the case of the covalent ‘giant 
molecule’ like diamond or silica, the heat required to 
separate out any particle from the solid is too large to be 
compensated by the solvation energy— because strong Co- 
valent bonds would have to be broken—and such compounds 
are completely insoluble in water. In the case of a molecular 
solid which will dissolve as molecules, the heat required is 
the very small amount of energy needed to overcome the 
weak van der Waals’ forces and this is readily available. Such 
solids are not usually soluble in water although the heat of 
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hydration, which would arise from the interaction of the 
water dipoles with the dipoles induced by them in the 
covalent molecules, should be greater than the heat required 
to break up the solid. This low solubility arises because there 
is a third energy term to be added to the cycle. This is the 
heat required to overcome the attractions between the water 
molecules themselves and allow the solute molecules to enter 
between them. This energy of the ‘water structure’, which 
arises from the attractions between the partial charges of the 
water dipoles, is negligible compared with the energies in- 
volved in the solution of an ionic solid and was neglected 
in the earlier discussion, but it becomes important when the 
much weaker interactions with covalent molecules are con- 
sidered. Thus, before a covalent solid dissolves, enough 
energy must be available to separate the solute molecules 
and to separate the water molecules, and this can only be 
provided by the heat of hydration of the solute molecules. 
For non-polar covalent molecules, the energy of the water 
structure is the dominant term and such compounds are of 
low solubility. When polar molecules are involved, both the 
forces within the solid and the forces between the solute 
molecules and the water are increased, and the water struc- 
ture energy no longer dominates the energy balance. Solu- 
bilities in such cases depend on the detailed balance of 
enthalpies but they tend to be higher than those of non- 
polar compounds. For example, the solubility of the non- 
polar molecule methane in water at room temperature is 
about 0-004 mole per litre, while the polar methyl iodide 
dissolves to the extent of 0-110 mole per litre. 
This discussion may be summarized as follows: 


(a) In the case of ionic solids strong forces are involved, those 
between ions in the solid and those between ions and dipoles 
in solution. Solubility depends on the detailed balance in 
each case, but salts with balanced numbers of ions with 
charges greater than one are of low solubility and compounds 
where there are appreciable polarization effects are also of 
low solubility. 


(b) In the case of ‘giant molecules’ the strength of the forces 
binding the solid predominates and such compounds are 
insoluble in water. 


(c) Covalent nonpolar solids are weakly bound and would 
be somewhat more strongly bonded to water molecules than 
to themselves, but there is insufficient energy to break down 
the ‘water structure’ and such compounds are insoluble in 
water. 


(d) Polar covalent compounds present an intermediate range 
of interactions between those of (a) and (c). Solubilities vary 
but tend to be higher than those in class (c). 

With some solutes, interaction with the water molecule 
goes further than simple coordination and new chemical 
species are formed. Such a reaction is termed hydrolysis. The 
distinction between hydration and hydrolysis is not com- 
pletely clear-cut but hydrolysis implies a more extensive and 
less reversible interaction of the solute with the water mole- 
cule. 


Some examples are given below: 


SiCl,+4H,O = Si(OH),+4HCI* 
O?- +H,O = 20H™ 
HCI+H,O = H,0* +Cl- 

ВЕ, +2H,O = H,O*(HOBF;) 


6.2 Acids and bases 

The qualitative properties of acids—sharp taste, solvent 
power, effect on the colours of dyes, etc.—and the corres- 
ponding properties of bases were first listed by Boyle and the 
succeeding centuries have seen a number of theories for acid- 
base properties developed and discarded. At present, three 
concepts are used to deal with acid-base phenomena in 
various solvents. These three theories overlap considerably 
although each has special uses and weaknesses. That of most 
value when dealing with aqueous solutions is the protonic 
concept of Brénsted and Lowry who characterized and 
related acids and bases by the equation: 


А (acid) = B (base) --H* (proton)...... (6.1) 


An acid is a proton donor and a base is a proton acceptor. 
Since the proton in this theory is the hydrogen nucleus which 
has such a high charge density that it is never obtained free 
in the condensed state (see Chapter 9), it follows that this is 
a ‘half-equation’ and the acidic properties of a molecule are 
observed only when it is in contact with the basic form of a 
second species. That is, the observed equation is always: 


ee oe) Же... (6.2) 


Such an equilibrium is displaced in the direction of the 
weaker acid and base, since the stronger acid is a stronger 
proton donor than the weaker acid and thus more of its 
molecules are in the basic form. The base corresponding to 
a given acid is called the conjugate base; clearly a strong acid 
has a weak conjugate base, and vice versa. The acid strength 
can be expressed in terms of the equilibrium constant of the 
above reaction: 


- (AJB) |. (6.3) 
[^1][B3] 


This gives a method of expressing relative acid strengths. If 
one acid-base pair is taken as the standard, then the strengths 
of all other pairs may be expressed in terms of the equilibrium 
constants involving the standard acid. It is most convenient 
to choose as the standard acid-base pair, the one involving 
the solvent. Thus in water, the acid strength is defined with 
respect to the pair HO* — H,O and the equilibrium used 
to define acid strengths is: 

A+H,0 =B+H,0* with K' = [B)HSO ] . +» (6.42) 

[A][H20] 


*These products undergo further reaction. 
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TABLE 6.1 Strengths of acids in water 

Acid Conjugate base K pK 

PH T ca. 10° ca. — 8 K very high 

2А 5 Ё са. 10 ca. —7 HBr and Hi greater 

i m о; E ca. 10* са. —4 uncertain K but high 

n 2, cw on 10 ca.—3 uncertain K but high 
3 2 5 -174 

ge ze , j х Me 1 = compare with H,SO, 
3FO, РӨ» i 

HF F- 7.2x107* 3-14 compare with НСІ 

H;PO; НРО 59x 107* 7:23 п 

NH;O NH, 3:3 x 10 9:24 typical weak base 

"ire AD 3-6 x 10 T 12-44 compare with H4PO, and H;PO; 
2 n 1-07 x 107 15-97 strong base 

OH (em below 10736 above 36 


Providing dilute solutions are being used, the concentration 
of water [H,O] is essentially constant, so that the strength 
of an acid can be defined by: 


К = [B][H3O *]/[A]- .- ------ (6.4b) 


The strengths of bases are quite naturally expressed by 
means of the K values and there is no need for a separate 
scale of base strengths. Since strong acids have weak con- 
jugate bases and vice versa, the order of base strengths is the 
inverse of the order of acid strengths. Some typical K values 
for acids and bases in water are shown in Table 6.1. Also 
included are pK values which are the negative logarithms, 
analogous to the well-known pH values. 

The relative strengths of the acids and bases which lie 
between the two acid pairs of water 


H40* = H,0+H* 
and H,O=OH~+H* 


are well defined, but it is impossible to measure the acid 
strengths of acids stronger than H,0* (or of bases stronger 
than OH") as they are completely converted to the water 
acid (or base), that is, the equilibrium in (6.4a) lies com- 
pletely to the right. No acid stronger than the hydrated 
proton can exist in water. One way of determining the 
relative strengths of acids such as nitric acid or perchloric 
acid, which are completely dissociated in water, is to com- 
pare their catalytic powers in an acid-catalysed reaction. 
The catalysis of the inversion of sucrose gives an order of 
strengths as follows: HCIO, > HBr > НСІ > HNO,. An 
alternative method is to measure the dissociation in a solvent 
which is more acidic than water. 

An alternative definition of acids and bases was proposed 
by Gady and Elsey and is often termed the solvent system 
definition. They suggested that the acid and base in a par- 
ticular solvent should be defined in terms of the ions formed 
in the self-dissociation of the solvent. For example, water 


dissociates slightly in the sense: 


оО H,O*+OH-......... 
acid base 


and an acid in water is any substance which enhances the 
concentration of the solvent cation, H;O*, while a base is 
any substance which enhances the concentration of the 
solvent anion, ОН”. 

This definition is closely related to that of Lowry and 
Bronsted, the dissociation of equation (6.6) corresponding 
to the two Brónsted acid pairs of water as given in equation 
(6.5). A similar correlation between the solvent system and 
Lowry-Brónsted definitions holds for any protonic solvent, 
but the solvent system definition has the advantage that it is 
readily extended to solvents which do not contain dissociable 
hydrogen atoms. 

The third definition of acids and bases is that due to Lewis, 
who defines an acid as a lone pair acceptor and a base as a 
lone pair donor. This definition is of little advantage in dis- 
cussing reactions in water so an account of it is deferred to 
section 6.5. 


Strengths of oxyacids 

Many compounds which show acidic properties fall into the 
class of oxy-acids, that is, they contain the Group X eH, 
Two general observations may be made about the strengths 
of these acids. 

First, where there are a number of OH groups attached to 
the central atom, the pK values for the removal of the suc- 
cessive ionizable hydrogens increase by about five each time 
(compare the values for phosphoric acid and the two phos- 
phate ions in Table 6.1). 

Second, the strength of the acid depends on the difference 
(x—y) between the number of oxygen atoms and the number 
of hydrogen atoms in the molecule H,XO,. When x is equal 
to y, pK is about 8:5+ 1. If(x—y) = 1, pK is about 28+ 1. If 
(x— y) is two or more, the pK value is markedly less than zero. 
Examples of the last case are provided by the first three 
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TABLE 6.2 Strengths of oxyacids, H,XO, 


(к-у) = 1 acid HNO, HSO, H;AsO, Н.О, 
pk — 88 1-90 3-5 3-29 
(x—)) = 0 acid HCIO Н,ВО, HyGeO, Н,ТеО, 
pK 7:50 9-22 8-59 8-80 


oxyacidsin Table6.1 whilesome examples ofthe first two cases 
are given in Table 6.2. 

As oxygen is the second most electronegative element, 
when the central atom X has an oxygen atom attached to it 
as well as the OH group, that is in O7 X — О-Н, electron 
density will be withdrawn from X by the oxygen and this 
effect will be transmitted to the O — H bond, making it easier 
for the hydrogen to dissociate as the positive ion. The acid 
strength should therefore rise with the number of X=O 
groups, that is with (x— y) as the Tables show. Two cases are 
known where simple acids do not fit this pattern. One is 
provided by the lower acids of phosphorus, phosphorous acid 
НРО, where (x—y) = 0 but pK = 1:8, and hypophos- 
phorous acid H,PO, with (x— y) equal to —1 and pK = 2. 
In both these molecules, the value of (x — у) does not corres- 
pond to the number of X = О bonds as there are direct Р-Н 
bonds present, one in phosphorous acid and two in hypo- 
phosphorous acid. Allowing for these, both acids have one 
P=O bond, which should correspond to pK values in the 
range 2-81 1, as is found. 

The second exception is provided by carbonic acid, 
H5CO,;, which is expected to have a pK value of about 2-8 
and has an actual value of 6-4. In this case, as well as the acid 
dissociation equilibrium, there is a further non-protonic 
equilibrium in solution: 


Н,СО, = H,O + COn 


When allowance is made for this dissolved carbon dioxide, 
the effective pK value of carbonic acid is about 3:6, which just 
falls within the expected range. 


6.3 Oxidation and reduction 


NOTE: Inthis section particularly, use is made without proof of various 
thermodynamic relationships. T he reader will find these explained in any 
standard textbook of physical chemistry. 


Oxidation, originally defined in terms of combination with 
oxygen and later generalized to include combination with 
other electronegative elements, is nowadays commonly de- 
fined as the removal of electrons from the element or com- 
pound which is oxidized. Reduction, similarly, has been 
defined in terms of removal of oxygen and electronegative 
elements, addition of hydrogen or electropositive elements 
and now in terms of gain of electrons by the element or com- 
pound in question. In cases involving ions, for example in: 


Na+4$Cl, = Na*Cl^, 
or 2Fe?*+Sn = 2Fe?* 4 Sn?*, 


the direction of electron transfer is clear from the equations. 
When only covalent species are involved, it is usually clear 
that some electron rearrangement has taken place but there 
is often no obvious electron transfer, as in: 


4H,+4Cl, = НСІ 


where the difference in electron density at the hydrogen 
atom, say, is the relatively small one due to the polarization 
of the Н — СІ bond compared with the unpolarized H—H 
bond. It is in these cases that the definitions of oxidation and 
reduction in terms of oxidation numbers, using electro- 
negativity values, discussed in Chapter 2 are so useful. 
Some quantitative measure of oxidizing or reducing power 
is necessary and this is known as the redox potential of the 
reactant. The tendency to gain or lose an electron may be 
measured as an electrical potential under standard condi- 
tions and expressed relative to a suitable standard value (as 
only the relative values of potentials may be measured). The 
standard conditions used are a temperature of 25 °C, unit 
activity (which is usually taken as unit concentration) of the 
ions concerned and, for gases, one atmosphere pressure. The 
standard potential is provided by the hydrogen electrode 
(Figure 6.4), which consists of a platinum plate, coated with 


Hot 


inner tube with 
mercury contact 


platinum black 
electrode 


FIGURE 6.4 The hydrogen electrode 


platinum black, partly dipping into a solution containing 
hydrogen ions at unit activity. Hydrogen gas at one atmos- 
phere pressure is passed over the platinum plate and bubbled 
through the solution so that the platinum is in contact both 
with the gas and the hydrogen ions in solution and catalyses 
the attainment of equilibrium between them: 


H* (aq, a = 1) +e~ = 4H, (gas, p = I atm) 
(a is activity) 


The potential of this electrode is defined to be zero at 25 °С 
298 К) and this is written £*(298 К) = 0-000 V. 

The potential of any other oxidation-reduction or redox 
system is measured by immersing a platinum wire or other 
inert conductor ina solution which contains both the oxidized 
and the reduced form of the system at unit activity, and 
measuring the potential of this half-cell against the hydrogen 
electrode. For example, the standard potential of the 


ferric/ferrous system is measured from the cell : 
р Fe?* (a = 1) 
Pt, H;(p = latm) | Н? (а = 1 
2l } ( ) Fe?* (a = ML 


it is usually more convenient to use some other electrode of 
accurately known potential in place of the hydrogen elec- 
trode which is awkward to handle.) If the potential of a 
gaseous element is to be determined, an electrode similar to 
the hydrogen electrode is used, while the half-cell used to 
determine the potential of a metallic element consists simply 
of a rod of the metal (which is defined to have unit activity) 
immersed in a solution of the metal ions at unit activity. For 
example, the oxidation potential of iron going to ferrous ions 
is measured as the standard potential of the cell: 


hydrogen electrode || Ее? * (a = 1)|Fe 


In the half-equation describing the change in the redox 
system, the oxidized form is always written on the left hand 
side, that is the equations are in the form: 


Ох+пе = Ҝей............: (6.7) 


where Ох stands for the oxidized form and Red for the 
reduced form, 

eg. Fette” = Fett 

or Fe?*+2e = Fe 
The short form for describing the electrode is written simi- 
larly: Ox[Red or, in the examples above, Fe?*|Fe?* and 
Fe? + Ее, 

The sign convention which applies for these potentials 
takes a negative sign for the potential Ox|Red to mean that 
the reduced form of the redox system is a better reducing 
agent than is hydrogen under standard conditions. This is 
tantamount to measuring the sign of the metal in the M**|M 
electrode relative to the hydrogen electrode. Thus the stan- 
dard potential for Fe?*|Fe is —0:41 V, showing that iron 
going to ferrous ions is a better reducing agent than hydrogen 
going to hydrogen ions. The potential for Fe?*|Fe?* is 
--0-77 V so that ferrous ions going to ferric ions provide а 
much worse reducing agent than hydrogen. This is, of 
course, equivalent to saying that ferric going to ferrous is a 
useful oxidizing agent. The above sign convention is the one 
recommended by the International Union of Pure and 
Applied Chemistry (IUPAC) but the opposite convention 
(reversing the equation and the sign) is also found.* 

* Equation (6.7) is a reduction from left to right, which is the normal way 
of reading, but it is an oxidation from right to left. It has been suggested that 


these standard electrode potentials may be called reduction potentials. E 
term redox is, however, recommended to emphasize the reversible nature ol 


the reactions. 
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The full range of redox potentials extends over about 
six volts, from —3 V for the alkali metals which are the 
strongest reducing agents to +3 V for fluorine, the strongest 
oxidizing agent. The values at these extremes cannot be 
measured directly as these very reactive elements decompose 
water, but they can be derived by calculation. The range of 
useful redox reagents in an aqueous medium is about half of 
the total range, from about 1:7 V for strong oxidizing agents 
like ceric or permanganate to about —0-4 V for a strong 
reducing agent like chromous, or about — 0:8 V for reduction 
by fairly active metals such as zinc. The values for many 
common oxidation-reduction couples are given in Table 6.3. 

The potential of a redox system where the oxidized and 
reduced forms are not at unit activities is related to the 
standard potential, E?, by the Nernst equation: 


СЕ иг. 103 
E-E'-E In 


where R is the gas constant, T the absolute temperature, F 
the Faraday constant, and л the number of electrons trans- 
ferred in the oxidation process as in equation (6.7). Trans- 
ferring to logarithms to the base ten and introducing the 
values of the constants 


0-059 


E= E* +—— log [Ox] 


° 6.9 
[Red] a95*0... 1. (6.9) 


This equation permits the extent of reaction between two 
redox systems to be calculated, and can be used, for example, 
to decide whether a particular reaction will go to completion 
or not. For the general reaction: 


a Ox, +b Red; = 6 Ox; +a Red; ...... (6.10) 
RT. . [Ox] ЕТ ([0х,]° 

= p= Е, = — 
E, EE In (Red, and E; E+ In rRed, 


At equilibrium, E, = Е, so that: 
Кышы” Tie ee ie мов ин 
los [Oxi]* [Red;] og 0-059 ( 1 2) ix .( Ч ) 


where K is the equilibrium constant for the reaction. Con- 
sider as examples the oxidations of iodide ion, first by ceric 
ion and secondly by ferric ion. In the first case: 
Ce** +17 = Ce?* +41, 
E? for 1,/I7 is 0:54 V and E? for Ce** /Ce?* is 1-61 V hence: 
1 
= —— (1:61—0:54) = 18-48, 
log K = ogg ( 
ie. K = 10: 


Thus iodide is completely oxidized to iodine by ceric ion. 
In the second case, E? for Fe? * |Fe?* is 0-77 V so that for 
the reaction: 
Fet +17 = Ее?*+31,, 
log К = 1/0-059 (0-76 —0-52) = 4-068 


Hence K is approximately 10* so that a small but significant 
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TABLE 6.3 Examples of standard redox potentials in acid solution 


Couple 


Li*/Li 


M*/M (M = К, Rb, Cs) 


Ba? * /Ba 
Sr?*/Sr 
Ca? * /Ca 
Na*/Na 
Mg?*/Mg 
La?*/La 
jH,H- 

Be? * /Be 

AI */AI 

Zn?* /Zn 
Cr^*/Cr 
S/S?- 
H,PO,/H,PO, 
CO,/H,C,0, 
Fe?*/Fe 

Сг? TOO 
H,PO,/H,PO, 
Sn?*/Sn 
H*/4H, 
$,02-/5,01 
Sn**/Sn?* 
Cu?*/Cut 
Cu*/Cu 
213/17 


H,AsO,/H;AsO, 


0,/H,0, 
Fe?*/Fe?* 
Hg3*/Hg 
Hg?*/Hg 
JBr,/Br^ 
ТОЙ 
CIO; /ClO; 
105/1, 
18г,02-/Сг?+ 
$Cl,/Cl- 
HIO/5I 
BrO; /ABr, 
MnO;/Mn?* 
HBrO/Br, 
H,IO,/10; 
Ce** /Ce? * 
HCIO/4CI, 
HCIO;/HCIO 
H,0,/H,O 
48,03-/SO2- 
04/0; 
JFj/F 
4F,/HF 


Reaction equation E? (volts 

Li* +e7 = Li —3:05 

М*+е” = M — 2:93 

Ba?* +2e7 = Ba — 2-90 

S?* +2e7 = Sr — 2-89 

Са?* +2е” = Ca —2-76 
Na*+e = Na -2:71 
Mg + +2е7 = Mg — 2:38 

La?* 3e^ = La — 2-37 
4H,+e° = Н- 2:23 

Be?* +2е7 = Be = 1:70 

AP* +3е7 = AI = 167 

Zn?* -2e^ = Zn — 0:76 

Сг?+ 4+3e7 = Cr -0:74 

S42e- = S?- —051 
H,PO,+2H*+2e = Н,РО,+Н,О — 0:50 
2CO;492H*-2e^ = H,C,0, —049 
Бе2+ +9е7 = Fe . — 041 

Get te = Сг?” —041 
H;,PO,--2H* +2е7 = H,PO,+H,0 —0-28 
$12+ +9е7 = Sn -0:14 
H*+e” = ІН, 0-00 
54О27+2е = 28,027 0-09 

Sn** 42e- = Sn?* 0-15 

Cu?* te = Cu? 0-15 

Cu* +e = Cu 0:52 

H, +e = 17 0:54 

Н,Аѕ0О, -2H* +2е7 = Н,АѕО, +Н,О 0:56 
О,+2Н? +2е7 = Н,О, 0:68 
Fee = Fe?* 0:77 

lHgj' +е = Hg 0:80 

Нұ?? +2e7 = Hg 0:85 

3Вг, +е = Br- 1:09 

IO; +69? -6e^ = I^ +3Н,О 1:09 
CIO; +2H* -2e^ = CIO; - HO 1-19 
IO; +6H* +5e~ = 11, +3Н,О 1-20 
3Cr,05~ +7H* +3е7 = Сг3* +7/2Н,О 1:33 
4Cl,te7 = CI- 1-36 
HIO+H* +e” = 1,+Н,О 1:45 
BrO; +6H* +5e” = $Br,+3H,O 1:52 
MnO, +8H* +5e7 = Mn?* +4Н,О 1:51 
HBrO+H* «e^ = Вг, + Н,О 1:59 
HsIO,+H* +2е7 = 10; +3Н,О 1:60 
Ce** +e7 = Cet 1-61 
HCIO+H* +e” = 4Cl,+H,0 1-64 
HCIO, -2H* +207 = HCIO+H,0 1-64 
H,0,+2H* +2е7 = 2H,O 177 
35,047 +e” = 502- 2-01 
O3+2H* +2е- = О,+Н,О 2:07 
4F,+e> = Е 2:87 

]F;-H* e^ = HF 3:06 


proportion of iodide would remain in equilibrium with the 
iodine. For a one electron change, an equilibrium constant 
of one million requires a difference in the standard potentials 
of the two redox systems of 0:354 V, so this is about the 
minimum difference necessary for a complete reaction. 

The values of the standard potentials may also be used to 
determine the stability of different oxidation states in solu- 
tion. If the potentials for the various oxidation states of iron 
in Table 6.3 are examined, it will be seen that iron going to 
ferrous ions is a much better reducing agent than ferrous ions 
going to ferric ions. Oxidation of metallic iron in aqueous 
solution therefore gives ferrous ions first and stronger oxida- 
tion is required to get to ferric ions. By contrast, the values 
for the different oxidation states of copper show that copper 
going to cuprous ions is a worse reducing agent than copper 
going to cupric ions (that is, an oxidizing agent strong 
enough to oxidize copper to cuprous, E? = 0:52 V, is more 
than strong enough to oxidize cuprous to cupric, Eo = 
0-15 V). The cuprous state is therefore avoided in aqueous 
solution. Put alternatively, cuprous ions in water dispro- 
portionate to cupric ions and metallic copper: 


2 Cu* э Cu?*+Cu 


In this reaction, the Cu* ion and Cu may be taken as Ox, 
and Red, and ther the Cu?* ion and the Cu* ion become 
Ox, and Red): that is, the cuprous ion Cu* may be regarded 
as filling two roles, as both an oxidizing and a reducing agent, 
in the general equation (6.10). Substituting the standard 
potentials in equation (6.11) gives 


[Cu?*] [Cu] 
[Са]? 
so that only one part in a million of the original cuprous 
copper remains in solution as cuprous copper at equilibrium. 
This disproportionation of the copper oxidation states may 
be reversed by adding some reagent which forms a very 
stable complex with the cuprous ion, so stable that there is 
significantly less than one part per million of cuprous ion in 
equilibrium with the cuprous complex. The cuprous ion is 
thus removed from the cuprous-cupric equilibrium by com- 
plexing and the disproportionation reaction reverses. One 
example of such a complexing agent is cyanide ion which 

gives the very stable Cu(CN); complex ion. 

'The above examples give some indication of the ways in 
which the redox potentials may be used. Let us examine the 
potential in more detail and analyze its components. 

The type of cell used for determining these potentials, as 
in section 6.3 


K= = approx. 10° 


Pt, H,|H*||M*|M 
implies the reaction: 

}H,+M* = H' «M 
The electrode potentials of the left and right electrode are 
ЕФ and E$ respectively and the potential difference, the 


e.m.f., of the cell is (EQ — ЕҢ). By convention we set E= 0: 
The electrode potential E? of the cell is related to the 
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standard free energy change AG® of the reaction by the 
equation : 
AG? = —aFE? 


and АС? is related to the heat of reaction ДН? and entropy 
of reaction AS? at temperature T by 
AG? = AH? Т AS? 

Let us first examine AH® in detail. This means the 
enthalpy of the products minus the enthalpy of the reactants 
which we may write 

AH? = H°(M)+H°(H*)—H°(M*)— Н°(}Н,) 
which can be regrouped as 

AH? = {H°(H*)—H°(4H,)} - (H9 (M* ) —H°(M)} 
and abbreviated as 

AH? = АНН) -AH*(M) ........ (6.13) 


The terms AH*(H) and AH?(M) may be analysed by 
means of a cycle, similar to those used to discuss lattice 
energies or solubilities (compare Figures 5.5 and 6.1). For the 
formation ofa cation from the element in aqueous solution we 
may examine the contribution of various terms to АА” (M). 


: H, 
element in gaseous 
standard state atom 
AH?(M) | | I 
cation in gaseous 
solution H cation 
aq 


where H, is the heat of atomization of the element, / (see 
Table 2.8) is the ionization potential (or the sum of the first z 
ionization potentials ifa Z* cation is formed) and Haq is the 
heat of hydration of the gaseous ion. An exactly similar cycle 
may be constructed for the formation of an anion in solution 
except that the ionization potential must be replaced by the 
electron affinity, E (see Table 2.9), when the gaseous atom 
goes to the gaseous anion. 
Thus, for a cation, 


AH*(M) = Н,+1+Н 
and for an anion, 
AH9*(X) = Н, +Е+ Hu 


The values of H4, J (ог E) and Н are known from experi- 
ment and, for hydrogen, equal respectively +218, +1310, 
and — 1070 kJ mol” !, giving AH®(H) = 452 kJ mol” !. 

A similar treatment can be carried through for the entropy 


terms AS". 
However, we can simplify the discussion by recognizing: 


(a) That when similar systems are being compared (say 
Fe?* |Fe and Zn?* Zn) the entropy changes will be very 
similar in each, so that the difference in entropy contri- 
butions to the systems may be neglected to a first 
approximation. Note that this approximation is not valid 
when one component is a gas, as for 027 50}. 
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(b) That each system is being compared to the hydrogen 
electrode so that AS? for hydrogen subtracts out in a 
comparison between two different metals M. 


Thus, for an approximate treatment, and especially for 
comparative purposes, the entropy changes may be neglected 
and the approximate relation 


APE АН аъ (6.13) 
may be used. 


We may now write from equations (6.12) and (6.13): 
—nFE$, = 452 kJ mol^! CAH*(M) 


and Ej, will be negative if AH? (M) is less than 452 kJ mol" !. 

The alkali metals have AH? values of about 188 kJ тої! 
reflecting their low ionization potentials and sublimation 
energies, so that their standard potentials are strongly 
negative. The fall in standard redox potentials from caesium 
or barium to sodium or magnesium shown in Table 6.3 
reflects the regular decrease in ionization potential and 
sublimation energy with increasing size, while the anomalous 
position of lithium is mainly the result of the greater hydra- 
tion energy of the small cation. In the case of the halogens, 
the sum of the atomization energy (half the bond energy of 
X5) and the electron affinity is approximately constant, so 
that the fall of the redox potential from fluorine to iodine 
again reflects the fall in hydration energy as the size of the 
ion increases. 

This treatment need not be confined to the case of elements, 
for example the Fe?* /Fe?* system depends on the energy 
changes: 

Kee ——r. Fe? 
(gas) M 


Fette ——— Fet 
(hydrated) (hydrated) 


where the overall change depends on the hydration energies 
of the Fe(II) and Fe(III) ions and on the third ionization 
potential of iron. 

These cycles provide one method of calculating potentials 
which are unobtainable experimentally, either because the 
species are not stable in water or because the attainment of 
equilibrium is too slow. 

It must be noted that all the above treatment of standard 
redox potentials gives no indication of the rates of reaction. 
Although it may seem from the values of the potentials that 
a certain molecule should be readily oxidized by another, 
the rate of reaction might be so slow that nothing is observed. 
For example, the values given in Table 6.3 show that iodine 
should oxidize thiosulphate to tetrathionate (as in the stan- 
dard volumetric method) and that oxidation of thiosulphate 
to sulphate should also be significant. However, the reaction 
to tetrathionate is quantitative, showing that the oxidation 
to sulphate must be extremely slow. In other words, the 

quantitative nature of oxidation to tetrathionate depends on 
a kinetic factor and is not revealed by the thermodynamic 
approach involved in redox potentials. 


The potentials which appear in Table 6.3 as involving 
simple ions do in fact apply to the hydrated forms of these 
ions, since the potentials are determined in aqueous solution, 
In some of these cases, the water molecules are strongly held 
and the heat of hydration is an important factor in the 
potential. If these coordinated water molecules arc replaced 
by other ligands, the potential changes. For example, the 
potential of 0-77 V for Fe?* /Fe?* applies to the hydrated ions 
(approximately Fe(H5O)$ * /Fe(H5O)$*). For the cyanide 
complexes, Fe(CN)à /Fe(CN)$^ the potential drops to 
0:36 V, and it rises as high as 1:2 V for the dipyridyl 
complexes, Fe(dipy)i*/Fe(dipy)3*. The potential also 
changes with the acidity when, for example, hydrated species 
in dilute acid change to hydroxy complexes in morc alkaline 
media. The acidity is particularly important when oxyions 
are involved in the redox equation. Equations such as (6.8) or 
(6.9) include [H+ ] in equations from Table 6.3 which involve 
changing oxygen content by use of H *. Thus the hydrogen 
ion concentration can enter in powers as high as 8 (for 
MnO; going to Mn?*). Standard conditions involve 
[Н+] = 1, i.e. pH 20, and departures from this must be 
included in calculations of the redox potential. 

If the redox potential in a solvent other than water is in 
question, it will clearly differ from that of the hydrated 
species in water. In the case of a simple ion, the difference 
lies in the heat of solvation compared with the heat of 
hydration, the contribution of the heat of atomization and 
the ionization potential (or electron affinity) remaining the 
same as in water. Although the solvation energy of any set 
of ions will neither be the same nor in the same order as in 
water, gross differences are less likely than small ones. In 
other words, ions which are strongly hydrated are likely to 
be strongly solvated by another ionizing solvent. This means 
that the general order of oxidizing powers should be similar 
in all solvents to that obtaining in water, although there may 
be marked differences in detail from one solvent to the next. 
Since, in general, thermodynamic measurements in non- 
aqueous solvents are much more sparse than those made in 
water, this generalization is usually the best that can be 
obtained. Similar remarks apply to oxidation-reduction 
reactions in systems which differ even more from that of 
aqueous solution, such as fused salts and other high tempera- 
ture melts. In such systems, considerable changes take place 
in the relative stability and redox powers of chemical species, 
and, although the values derived from aqueous measure- 
ments may provide some guide, it is often better to go back 
to the fundamental parameters, such as ionization potentials, 
and base predictions on these. 

For the use of redox potentials to display oxidation state 


stabilities, sec the discussion of Ebsworth diagrams in section 
8.6. 


Non-Aqueous Solvents 


Water is so familiar and accessible a solvent that its properties 
are usually taken for granted and underlie most general 
statements about inorganic compounds. Such general ideas 


as ‘stability’ usually imply ‘stability in an environment con- 
taining air and water', and many inaccessible compounds or 
highly reactive oxidation states in this type of environment 
become stable and manageable if handled in a non-aqueous 
medium. In fact, one of the advantages of studying non- 
aqueous solvents has been the increased attention to, and 
wider insight into, chemistry in water that has resulted. 

The practical reasons for using solvents other than water 
lie partly in the extended range of experimental conditions 
which are available and partly in the exclusion of water as a 
reactant. Many anhydrous compounds, for example, cannot 
be prepared from the hydrates and were unknown until the 
use of other solvents was introduced. Such compounds often 
have unusual and unexpected properties. The non-aqueous 
solvents range widely in intrinsic reactivity, from solvents 
such as sulphur dioxide which commonly act only as inert 
media for the reaction, to solvents such as anhydrous 
hydrogen fluoride which react with nearly all non-fluoride 
solutes. A number of selected examples of such solvent 
systems are discussed individually later but first the dis- 
cussion of the early part of this chapter on solubility and 
solvent interaction and on acid-base behaviour will be ex- 
tended to include non-aqueous solvents. It has already been 
indicated how the treatment of redox behaviour may be 
extended and further illustrations occur in the course of the 
discussion of specific solvents. 


6.4 Solubility and solvent interaction in non-aqueous solvents 
The extension of the discussion of solubility in section 6.1 to 
non-aqueous solvents is fairly easy. A very generalized energy 
diagram is shown in Figure 6.5. E, is the energy required to 
change the solute into the form in which it will exist in 
solution. In the case of an ionic solid, this means providing 
the lattice energy to separate the ions, while for a solute 
which dissolves as molecules it means providing the energy 


‘expanded’ solvent n: arated' solute 


solvent 


energy 
increases 


E, 


solute 


a ЖЕНУ 


solution 


FIGURE 6.5 Energy changes in the solution of a solid in a solvent 

This very generalized version of Figure 6.1 shows the energy changes 
for the solution of any solid in any solute, whether an ionic or a 
covalent system is involved. 
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required to separate the molecules or to form dimers or other 
species. E; is the energy required to separate the solvent 
molecules, breaking up any solvent ‘structure’ to allow the 
admission of the solute particles. E, is the energy given out 
when the separate solute particles associate with the solvent 
molecules. (It may be noted that the energy of hydration as 
commonly measured is not E, but the difference [£3 - E1]-) 
Two general cases exist. One, the generalization of the 
‘strong forces’ case of section 6.1, is the case of ions or strongly 
polar molecules dissolving in a polar solvent. Here, the im- 
portant balance of energies involves strong attractions 
between ions and permanent dipoles. The other extreme is 
the ‘weak forces’ case of weakly bound, nonpolar, covalent 
molecules dissolving in nonpolar solvents. Here, the balance 
of forces involves weak attractions between induced dipoles, 
and the order of magnitude of the effects is less than that in 
the strong forces case by a factor of about ten. The major 
conclusion is that ‘mixed cases’ will all represent situations 
where solubility is low. Thus, ions will not dissolve in non- 
polar solvents because, although E; is low, Ёз is also low and 
the energetics are dominated by ЕЁ. Conversely, nonpolar 
molecules are insoluble in polar solvents as E, and Е; are 
both low and there is insufficient energy to supply £z. This 
analysis is at the base of the very old generalization about 
solubilities that ‘like dissolves like’. 

Although a clear answer can be given in the mixed cases, 
it must be noted that the detailed variation of solubilities 
within the ‘strong forces’ or within the ‘weak forces’ class 
depends on the detailed balance of energies of similar mag- 
nitudes, so that a knowledge of solubilities in one solvent 
gives only a very general guide to the solubilities of similar 
compounds in similar solvents. This is illustrated by the 
solubilities given in Table 6.4. 


TABLE 6.4 Solubilities in liquid ammonia and sulphur 
dioxide 
аша аа аа ашаа а ааа — 


Solubility (millimole/litre at 0 °C) 


Sulphur 
Compound Water Ammonia dioxide 
og eon) setae eol ies perils slams A E 
NaCl 6 100 2 200 insoluble 
NaBr 7710 6 210 1-4 
Nal 10 720 8 800 1 000 
KCl 3 760 18 55 
KBr 4 490 2 260 40 
KI 7 720 11 060 2 490 
AgCl 0-005 20 0-05 
AgBr 0-003 135 0-16 
AgI 107% 4 000 0-68 


For the alkali halides, the values in ammonia and sulphur 
dioxide follow the same order as in water, which is, in turn, 
the inverse order of the lattice energies, and most of the solu- 
bilities fall going from water to ammonia to sulphur dioxide 
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TABLE 6.5 Examples of solvolysis and other interactions 


SnCl4+4H,O = Sn(OH), hydrolysis* 
+8NH,; = Sn(NH;),- 4NH,CI ammonolysis* 
+4HF = SnF,+4HCl solvolysis 


+2SeOCl, = SnCl,.2SeOCl, (or 28eOCI * +SnCl27) solvation(?) 


LiBr+NH, dissolves: (МН) Вг recovered solvation 
+SO, = Li,SO,+SOBr, solvolysis* 
KNO,+4HF = K*+H,NOj; -2HF; solvolysis 


*( = further reaction of the product takes place) 


but the relative sizes of the solubilities change enormously. 
The much greater solubilities of the iodides and the silver 
salts in ammonia and in sulphur dioxide show that polari- 
zation effects producing induced dipoles are more important 
in these two solvents than in water. It is worth noting that 
the solubility of the silver halides in liquid ammonia is in the 
reverse order to their solubility in aqueous ammonia. 

The dielectric constants of non-aqueous solvents have an 
important effect on their power to dissolve ions. The general 
drop in solubilities of the alkali halides from H,O to SO, 
reflects the drop in dielectric constant from 81 for water to 22 
for ammonia and 12 for SO,. Although important, the 
dielectric constant alone is a poor guide to solvent power for 
ions. The value for liquid hydrogen cyanide of 123 is one of 
the highest measured and yet this is a poor solvent for ions as 
the energy of solvation is low. 

The general interaction between solvent molecules and 
ions in solution, which is analogous to hydration in water, is 
termed solvation and follows similar mechanisms. In liquid 
ammonia, for example, cations are ammonated by interaction 
with the lone pair of electrons on the nitrogen atom plus the 
interaction with the negative end of the №7 — H?* dipoles. 
The anions interact with the relatively positive hydrogens. 

In addition to solvation, the solute may react with the 
solvent molecules to break up the solvent molecule, the solute 
species, or both, іп the reaction called solvolysis—analogous 
to hydrolysis in water. The distinction between solvation and 
solvolysis is not completely clear-cut but solvolysis implies a 
more extensive and less reversible interaction with the solvent 
molecule. Some examples are given in Table 6.5. 


6.5 Acid-base behaviour in non-aqueous solvents 

Of the two theories of acids and bases discussed in section 6.2, 
the protonic theory of Lowry and Brénsted is restricted to 
solvents containing ionizable hydrogen atoms. The appli- 
cation of the theory is then exactly the same as for aqueous 
systems, except that the strengths of different acids are most 
conveniently measured relative to the acid-base pairs charac- 
teristic of the solvent. For example, K values in liquid 
ammonia may be measured relative to: 


NH; = NH;+H*. 


Such values would fall in a similar order to those obtained in 


water or in any other solvent, although there might be minor 
inversions. 

The solvent system definition was developed for use in 
non-aqueous solvents and provides a definition of acid and 
base in non-protonic solvents. It is very convenient to use if 
work is being carried out on one particular solvent and it 
provides a guide to the properties to be expected for a new 
system, but it does suffer the disadvantage that the definition 
of acid or base changes from one solvent to another. A more 
important reservation which must be made is that it only 
suggests an acid-base system for a particular solvent and does 
not prove that the solvent ions do in fact behave as acid and 
base. This point must be proved experimentally. These 
remarks are extended and illustrated in the discussion of the 
sulphur dioxide solvent system (section 6.11). 

As in the case of water (section 6.2), the solvent’s acid-base 
properties place a limit on the range of the acid strengths of 
solutes in it. The strongest acid existing in a solvent is the 
solvent acid and all solutes which are more acidic are con- 
verted into the solvent acid—and similarly for bases—so that 
the number of solutes which are strong acids (i.c. those which 
are completely converted to the solvent acid) varies with the 
intrinsic acid strength of the solvent. In an acidic solvent 
such as glacial acetic acid, some solutes which are strong 
acids in water are not completely dissociated to the solvent 
acid, that is, they are weak acids in this medium. This is the 
case for HNO, or HCl in acetic acid. Indeed some molecules 
which are weakly acidic in water are basic in acetic acid. 
This latter effect is even more marked in strongly acidic 
solvents such as absolute sulphuric acid where even HNO3 
acts as a base and accepts a proton from the solvent. The 
relative strengths of those solutes which are strong acids in 
water may thus be differentiated by examining their pro- 
perties in more acidic solvents. On the other hand, a basic 
solvent like liquid ammonia has a very weak solvent acid so 
that all solutes which are acids, strong or weak, in water are 
strong acids in ammonia. Base strengths in basic and acidic 
solvents are affected in an analogous manner. 

An acid solute which is completely dissociated in an acidic 
solvent, such as perchloric acid in glacial acetic acid, is a 
much stronger acid than in water and finds valuable appli- 
cation in analysis for determining very weakly basic func- 
tions. In a similar way, the solution of a strong base in a basic 
solvent may be used for the estimation of very weakly acidic 


groups. Examples of these applications are given in sections 
6.7 and 6.8. 

Both the proton-transfer and solvent system definitions of 
acids and bases are in general use for non-aqueous solvents 
and they are practically equivalent when applied to a pro- 
tonic solvent. The solvent system definition—for example: 


acid base 
2NH, => МН; + NH; 
2 H5SO, = H4SO? + HSO; 
2HCN = H;ON* + CN^ 
is equivalent in each case to a pair of Brónsted acids, 
Acid z* conjugate base -- H* 


NH? NH, 
NH; NH; 
H,SOZ H,SO, 
H,SO, HSO; 
H,CN* HCN 
HCN cN- 


A third, much more extensive, theory of acids and bases 
was proposed by Lewis, who defined an acid as an electron 
pair acceptor and a base as an electron pair donor. This 
definition includes the Brönsted and solvent system defini- 
tions as special cases. For example, the proton is an electron 
pair acceptor and HO or NH; or H,SO, ог HCN, among 
our examples, act as donors. This definition emphasizes the 
similarity between all coordination reactions, for example: 


Lewis acid ^ Lewis base product 
H* H,0 H,0* 
OH" H;O 
It HF 
ВЕ; H;O H,O:BF; ~ 
он (HOBF;) ~ 
F- BF; 
It includes solvation reactions: 
Lewis acid ^ Lewis base 
M?* x H,O [M(H20),]** 
x NH; [M(NH3),]** 
and at least the initial steps of solvolysis reactions, for example: 
SnCl, NH; (SnCl,: NH3) 


but also includes many other types of reaction, including 
oxidation-reduction reactions. The Lewis theory is more 
extensively applied in America than in Europe but use of the 
general term ‘Lewis acid’ for acceptor molecules like BF; is 
very common, even by authors who make no other use of the 
theory. 


6.6 General uses of non-aqueous solvents 

Itis now possible to outline some general reasons for choosing 
to work in a solvent other than water and to suggest points 
which will guide the choice of solvent. These are best seen by 


comparison with the properties of water itself. 
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(a) Solvation and solvolysis. The choice of a solvent is clearly 
also dependent on its solvent powers. Solvents of high polarity 
and coordinating power are good ionizing media, and the 
range runs from these down to solvents such as the hydrocar- 
bons which take up only molecular solids. In preparation 
reactions, a solvent is often chosen because of the insol ubility 
of a certain compound in it. For example, the reaction in 
water between KCN and NiSO, gives Ni(CN), by direct 
precipitation but the product is very finely divided and 
difficult to filter and wash. The same reaction in liquid 
ammonia gives an easily handled precipitate of K S04, not 
Ni(CN);, and the potassium salt is readily removed and the 
nickel cyanide recovered by evaporation. 

A solvent may also be chosen because of the way in which it 

reacts with solutes. Since water coordinates strongly, it is 
often impossible to remove it without decomposing the 
compound, and many anhydrous compounds are available 
only by syntheses which avoid water, or other strongly 
coordinating solvents. One example is anhydrous copper 
nitrate, Cu(NO3)2, which is a volatile solid prepared by 
reaction in N,O4. When solvolytic reactions are possible, the 
solvent may be chosen to avoid these, as in the use of liquid 
sulphur dioxide for reactions with non-metal halides. On the 
other hand, a solvent is often used because it does react with 
the solute. An important example is anhydrous hydrogen 
fluoride which solvolyses almost every compound placed in it 
and provides a standard method for preparing fluorine- 
containing compounds. 
(b) Acidity. The effect of the acid-base properties has already 
been discussed. In water, the strongest acid is H 307 and the 
strongest base is OH, all solutes of higher acidity or basicity 
being completely converted to these. If the effect of more 
acidic or more basic media is to be investigated, clearly a 
suitable non-aqueous solvent must be chosen. The most fully- 
investigated solvents from this point of view are glacial acetic 
acid, anhydrous hydrogen fluoride, and anhydrous sulphuric 
acid for acidic media, while ammonia and the amines have 
been the most-studied basic media. 

One hundred percent sulphuric acid is so strong a proton 
donor that many substances which act as acids in water 
accept a proton (i.e. are bases) in sulphuric acid. The few 
proton donors include H 38,0, (‘pyro’ or di-sulphuric acid), 
fluorosulphuric acid FSO3H and its trifluoromethyl analogue 
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CF,SO3H. The solutions of such species in sulphuric acid are 
extremely powerful protonating agents and allow the prepar- 
ation of species such as the iodine cations І; (see Chapter 17), 
which are highly susceptible to attack by bases. An extreme 
case is the ‘superacids’ (section 6.9), and see also section 18.5. 

At higher temperatures, fused salts provide suitable media. 
Acidic systems include ammonium salts of strong acids, acidic 
anion salts such as HSO; or НЕ; , and acidic oxides such as 
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silica or phosphorus pentoxide. Basic systems include the 
oxides or hydroxides of the alkali metals. 

(c) Redox. In a rather similar way, the oxidation-reduction 
properties of the solvent place limits on the reactions which 
may be carried out in it. Water is attacked rapidly by 
oxidizing agents with standard potentials greater than about 
1:7 У, and by reducing agents with oxidation potentials 
below about — 0-4 V. Outside these limits, use of water as the 
solvent is undesirable. Non-aqueous solvents which are useful 
for carrying out oxidizing reactions include sulphuric acid 
and higher valency oxides such as dinitrogen tetroxide. The 
most important solvent for strong reductions is liquid am- 
monia, which dissolves the alkali and alkaline earth metals to 
give a very strongly reducing system. 


A fairly wide variety of compounds have been used as non- 
aqueous solvents. Examples are listed in Table 6.6 with notes 
on their special uses. The general points made above are 
illustrated by more detailed discussion of glacial acetic acid 
and liquid ammonia, representing protonic acid and base, 
extremely acidic media, and two non-protonic solvents, 
bromine trifluoride and sulphur dioxide. The solvent system 
definitions of acid and base appear to hold in BrF3, but they 
break down in SO). Table 6.7 shows the more important 
physical properties of these solvents. 


6.7 Liquid ammonia 

Liquid ammonia was one of the first non-aqueous ionizing 
solvents to be studied and is now the one which is most ex- 
tensively used and best known. It is readily available in 
reasonable purity and is easily dried by the action of sodium. 
The liquid range is from —77 °C to —33 °C, and this 
presents some handling problems, but these are partly com- 
pensated by the relatively high latent heat of vaporization. 
Liquid ammonia is normally handled in cooled vessels —and 
it is often used as its own coolant—or at room temperature 
under pressure. A wide range of special techniques have been 
developed for handling ammonia so that few problems are 
now met. 

The dielectric constant and the self-ionization are both 
lower than for water, indicating that liquid ammonia will be 
a poorer ionizing solvent than water. Soluble salts include 
most ammonium salts, nitrates, thiocyanates and iodides. 
Fluorides and most oxy-salts are insoluble, and solubility 
among the halides increases Е < Cl” < Br^ < 17. Calcium 
and zinc chlorides, which are extremely soluble in water, are 
quite insoluble in liquid ammonia, but they do take up a 
large amount of ammonia forming solid ammoniates with 
eight and ten molecules of ammonia respectively. Calcium 
chloride is thus a useful absorbent for traces of ammonia. 
Since ammonia is less highly associated than water, it is a 
better solvent for organic compounds, especially for those 
with fairly small carbon radicals. Unsaturated hydro- 
carbons, alcohols, esters, ammonium salts of acids, and most 
nitrogen compounds are soluble. 

The self-ionization of ammonia is written: 


2 NH, == NH; « NH; 


and ammonium compounds behave as acids while amides 
are bases. Ammonium iodide, nitrate, or thiocyanate are 
very soluble and concentrated solutions will slowly dissolve 
metals with the evolution of hydrogen: 


Mg+2NHj = Mg?*+H,+2NH, 


This reaction is rapid with the active alkali and alkaline earth 
metals but slow with less active metals such as magnesium or 
iron. As ammonia is more basic than water, these acids are 
weaker, so the solvent power for metals does not extend to 
the less active metals. The commonest base is potassium 
amide, KNH,;, which is much more soluble than sodium 
amide. Acid-base titrations between potassium amide and 
ammonium salts may be carried out and followed conductio- 
metrically or by using phenolphthalein. The ammonia system 
brings out very weakly acidic functions in molecules. Thus, 
urea, СО(М№Н,),, which is a weak base in water, acts as 
a weak acid in liquid ammonia and may be neutralized 
by amide. 

This enhancement of weakly acidic functions by the basic 
solvent finds application in analysis. Ammonia itseli is rarely 
used because of its low boiling point, but simple organic 
derivatives such as ethylamine, CH4CH;NH, (which is 
related to ammonia as ethanol, CH,CH,OH, is to water), 
or ethylenediamine, Н,МСН,СН,МН,, are used as solvents 
for the determination of weak acids. Titrants used include 
methoxides of the alkali metals and soluble hydroxides which 
are easier to purify and standardize than amides. Applica- 
tions include the determination of phenols and related com- 
pounds in ethylenediamine, and the determination of carbon 
dioxide which may be separated from other gases by solution 
in acetone and determined as a weak acid with sodium 
methoxide, CH4,ONa. Suitable indicators or potentiometric 
methods are used to determine the end points. 

There are many examples of amphoteric behaviour in 
liquid ammonia. For example: 


NH; 1 , 
Zn?* s=  Zn(NH4)4] ТА 1 
4 NHj 
compare with 
OH- OH- j= 
Zn?* ЖОН реж ыз Zn(OH)i 
„Кем H,O* 


Amides and imides of the less-reactive metals dissolve in 
excess potassium amide: 


eg. PbNH+NH; +NHy = Pb(NH,); 


and even sodium amide, which is insoluble in ammonia, 
dissolves in potassium amide to give the ammonosodiate : 


NaNH,+2 NH7 = Na(NH,)3 


Hydrolysis of heavy metal salts to basic salts (oxy- and 
hydroxy-compounds) is paralleled by reactions between am- 
monia and such salts, The analogues of the oxy- and 
hydroxy-compounds in the aqueous system are compounds 
containing the groups, amide ~ NH,, imide = МН, and 
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rABLE 6.6 Typical non-aqueous solvents 


Solvent Postulated self-ionization Acids Bases Comments 
NH; МН; - NH; ammonium amides, e.g. KNH; See section 6.7 for discussion. A 
salts number of similar solvent systems 


have been studied including N;H,, 
NH;OH, and organic amines such 
as C)H4,(NH;); and CH;NH). 


HCONH; protonic and organic nitrogen bases, H-bonding, high dielectric con- 

HCON(CHj); Lewis acids c.g. pyridine stant, make these good solvents 

and for ionic compounds. Dimethyl- 

CH3CONH; formamide is especially of current 

interest. 

HF Н,Е* + НЕ; F^ acceptors, alkali fluorides Good ionizing solvent: many non- 
e.g. BF; fluorine species react, e.g. H,SO4 
HF+BF; = = HSO,F. Used in the preparation 
H;F*BF; of fluorine compounds, e.g. 


AgNO, > Ар? - HjNOj +2F7 
BF;+F~ — BF; then, 
Ар? BF; > AgBF,. 


CH,COOH CH4COOHj +CH;COO7 protonic acids ionizable acetates See section 6.8. Other carboxylic 
acids behave similarly, especially 
HCOOH. 
H,SO, H,SO; +HSO, H,S,0, soluble bisulphates Most common acids are bases in 
FSO,H Н,О, HNO,, H3PO, H,SO, 
(HCIO, very 
weak) 
М.О, NO* + NO; NOCI alkali nitrates Used to prepare anhydrous nitrates, 


nitrato- and nitro-complexes and 
nitrosyl compounds: commonly 
used in admixture with organic 
compounds such as ethyl acetate. 


Useful as an inert reaction medium. 


SO; Conflicting evidence, 
see section 6.11. 

SeOCl; SeOCI* + СІ Cl^ acceptors organic bases like Dissolves many elements with re- 
(or SeOCI; ) e.g. SnCl, pyridine action and dissolves a variety of 


(> C;H,;NSeOCI* СІ-) metal chlorides. Other salts are con- 
verted to the chloride. 
Other oxyhalides, NOCI and POCI, for example, are similar. Some conductiometric and potentiometric titration data exist 
to support the self-ionization mode and acid-base behaviour which is postulated. 


BrF, BrF} +BrF, F^ acceptors ionizable fluorides Discussed in section 6.10. IF; be- 
haves similarly. 
AsCl, AsCl} + AsCly Cl” acceptors СІ” AsBr;, SbCl, and ІСІ are analogous 


TABLE 6.7 Physical properties of non-aqueous solvents 


PARLE Ы ЫШКЫ НЕ ЛЛ, шшш a Ee a 


H,O NH; CH,COOH so, BrF, 
m.p. (°C) 0 —777 166 —75°5 9:0 
b.p. (°С) 100 —334 1181 —10:2 126 
dielectric constant 78:5 (18°C) 23 (bp) 9:7 (18 °C) 17:3 (=16 Sear ? 
specific conductivity (Q m^!) 6x 1075 (25°C) 5 x 107? (b.p.) 05—0:8x 10-8 (25°C) 4x 107° (b.p.) 8x 107° (m.p.) 
23:6 24:3 25:0 42 


heat of vaporization (kJ mol TORU 


heat of vaporization (KJ mol") 07 
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TABLE 6.8 Reduction reactions by metal solutions in liquid ammonia 


Reactant 


о, 
S, Se, Te, As, Sb, Ві, Sn, Pb and their 
oxides or halides 


Reduction products 


metal peroxides, O2^ , and superoxides, Оз 
white binary compounds such as M;S or M4Pb and highly coloured poly- 
anions such as M,S, (x = 2 to 7) (deep red), M;Bi; (violet) or M;Pb, (deep 


green) (cf. section 18.4.4) 


metal oxides, halides, and dissociable metal 


complexes 


complexes which do Ni(CN)j- 

not dissociate e.g. Co(CN)2- Со(С№)4- 
Ni(Cs CH)2- Ni(Cs CH) 

hydrides of Groups IV and V 


Ge4Hg 


nitride =N. For example, MoCl, dissolves in liquid 
ammonia and the compound Mo(NH);NH; may be 
isolated from the solution. If an ammonium salt is added, 
this compound dissolves, while the addition of potassium 
amide precipitates it. 

The most striking property of liquid ammonia is its ability 
to dissolve the active metals to give fairly stable, blue solu- 
tions. As ammonia is more resistant to reduction than is 
water, the reaction: 


M4 NH; = MNH,+3H, 
is much slower than the reaction: 
M+H,0 = MOH HH, 


If the reagents are pure and dry, sodium solutions in liquid 
ammonia may be preserved for several weeks and even the 
much more reactive cesium gives solutions which may be 
kept overnight. These solutions are formed by all the alkali 
metals, by the alkaline earth metals, and by the reducible 
lanthanide elements such as samarium. In addition, very 
dilute solutions may be formed from less reactive elements, 
such as magnesium, beryllium, aluminium, and the other 
lanthanides, by electrolytic means. The alkali metals are also 
soluble in amines and dilute solutions are formed in certain 
ethers. 

Dilute metal solutions are coloured a very deep blue and 
concentrated ones have a metallic, coppery appearance. The 
solutions are conducting and strongly reducing. In these 
solutions, the valency electrons are ionized and become 
solvated: 


А Ia + "d 
Na Na (ammoniated) + C(ammoniated)- 


The unique properties of the solutions are associated with the 
presence of these readily available electrons. 

The major application of metal solutions is in reduction 
reactions. In organic chemistry, the skeletal single bonds, 
C-C, C—O, C- №, are stable in these solutions as are 
isolated double bonds and single benzene rings, but nearly 
all other functional groups and most unsaturated compounds 


Ni, (CN)¢~ ; Ni(CN)$~ 


ions formed by removal of one or two hydrogens PH; or SnH2^ and SnH3 
2GeH; +СбеН3 > (i.e. each Ge – Ge bond is broken) 


are reduced. In inorganic chemistry, the most interesting 
reductions have been the formation of polyanions, the re- 
ductions of hydrides, and the formation of transition metal 
complexes in unusually low oxidation states. Some examples 
are given in Table 6.8. 


6.8 Anhydrous acetic acid 

To some extent, glacial acetic acid is the converse solvent to 
liquid ammonia. It is readily available, easily purified, and 
differs from water in undergoing less self-ionization, and in 
having a markedly lower dielectric constant. It is a moder- 
ately strong acid and is used to investigate weakly basic 
functions, just as ammonia and the amines are used for 
weakly acid functions. The lower dielectric constant makes 
acetic acid a poorer solvent for ions, and most compounds 
which are insoluble in water are insoluble in acctic acid. 
Soluble compounds include most acetates, nitrates, halides, 
cyanides, and thiocyanates. The strong acids all dissolve in 
glacial acetic acid as do basic compounds like water and 
ammonia. A wide range of polar organic compounds is also 
soluble. 

The self-ionization of acetic acid is: 


2 CHCOOH = CH,COOH} 4 CH,COO* 


so that acetates of the reactive metals are bases. The normal 
protonic acids are acids in acetic acid by virtue of reactions 
such as: 


HCIO,+CH,COOH = CH,COOH} «CIO; 


(compare HCIO,--H;O = H,O*+CIO;), while am- 
monia, say, is a base as the acetate ion is produced by the 
reaction: 


NH,;+CH,COOH = СН,СОО + NH; 
Of the mineral acids which are strong acids in water (that is 
are completely dissociated to the H ,O* ion), only perchloric 
acid is strongly dissociated in glacial acetic acid. The relative 
strengths of the common acids in acetic acid are HNO; = 
1 «HCl = 9<H,SO, = 30 < НВг = 160 < HCIO, = 
400. The acetates which are strongest bases are those of the 


alkali metals and ammonium, while bismuth, lead, and 
mercuric acetates are ten to a hundred times weaker. Even 
the strongest bases and acids are poor electrolytes in acetic 
acid, largely as a result of the low dielectric constant of the 
solvent. 

Acid-base titrations between the acetates and the mineral 
acids in acetic acid may be demonstrated by indicators or 
clectrometrically. In addition, perchloric acid in glacial 
acetic acid is a widely used reagent for the estimation of the 
weakly basic functions of amines, amino-acids, metal salts of 
organic acids, and the like. 

Amphoteric behaviour has also been demonstrated in 
acetic acid. For example, the addition of sodium acetate to 
a solution of a zinc salt precipitates zinc acetate, which re- 
dissolves in excess acetate: 


CH,COO- 
CH,COOH; 

CH,COO- 
CH,COOH? 


Copper and lead(II) acetates also show amphoteric be- 
haviour, while lead(IV) tetra-acetate decreases in solubility 
as sodium acetate is added to its solution, which corresponds 
to 'salting out' a poor electrolyte. 

Acetic acid is a convenient reaction medium for the pre- 
paration of covalent hydrolysable compounds. For example, 
tin reacts smoothly and controllably with halogens in acetic 
acid: 


Zn?* Zn(CH,COO), | 


Zn(CH4COO)1- 


Sn+2X, = SnX, 


and the stannic halide is readily isolated by distillation or 
crystallization. 

Other weak acids which have been studied as solvent 
systems include formic acid and hydrogen cyanide, but in- 
vestigations in these systems have been largely confined to 
studies of solubility and acid-base relationships. Of the strong 
acids, attention has been concentrated on hydrogen fluoride 
and sulphuric acid, in which the principal type of reaction 
is solvolysis. This is also true of bromine trifluoride, 6.11. 


6.9 ‘Superacid’ media 

We have mentioned above (section 6.6) the use of H3SO0; as a 
strongly-acidic medium. However, there are some systems 
which are even more powerfully proton-donating and these 
are of interest (a) in protonating species which are very weak 
H* acceptors and (b) in preparing species which are highly 
susceptible to base attack. (Clearly, the more strongly acidic 
the medium is, the more weakly basic it is.) 

Probably the strongest proton donor of all simple 
substances is disulphuric acid, H58;O;, formed from SO; and 
H,SO,. However, this is a very difficult medium to handle as 
it is very viscous and the equilibria between various 
components are complex. The next strongest proton donor is 
fluorosulphuric acid, related to sulphuric acid by replacing 
an OH group by an F: 
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AMNIS HO О 
\4 e d 
s 5 
Ё У Ё N 
о OH о OH 


'This change (a) lowers the viscosity by reducing the amount 
of H-bonding and (b) increases the acidity as F withdraws 
more charge than OH. (Compare section 6.2. Handling 
properties are more convenient, with a m.pt. of — 89° and 
b.pt. of 163 °С. The low m.pt. allows 1H nmr studies at low 
temperatures (see section 7.8) which have been extensively 
used to determine the site of protonation. At the higher m.pt. 
of H,SO, (10-4°C), exchange processes and rearrangements 
are already too rapid for the simple species to be observed. 
When free from HF, fluorosulphuric acid can readily be 
handled in ordinary glassware. 
Using the Lowry-Brónsted approach, the self-ionization is 


2HSO,F = H,SO,F* --SO,F- 


From the conductivity, the concentration of the solvent ions 
at 25°C is about 2x 107* mol kg^', much lower than in 
H,SO, but higher than in H,O or CH3CO;H. а 

Acids іп HSO,F are species which increase the H,SO,F * 
concentration, either by proton donation 


HA+HSO,F = H;SO,F* A ......... (Al) 
or by removing SO3F~ ions as SbF; does 
SbF, + 2HSO,F = H,SO,F* +[SbF;(SO3F)]~ (А2) 
Bases are alkali metal fluorosulphates or proton acceptors 
КУСАЕТ КЕСЕТ... (ВІ) 
B+HSO,F = BH* +50;Е........... (В2) 


Because the medium is so acidic, there are very few proton 
donors: for example, H,SO, does not follow (A1) but acts as 
a weak base according to (B2) forming H,SO{. Similarly, 
although SO; dissolves to give HS;OgF, this analogue of 
H,S,0, does not ionize in HSO3F, and so the ‘fluoro-oleum’ 
system contrasts with SO3/H,SO4. Similarly HF, HCIO, and 
other acids which are strong in water do not donate H* in 
НЅО;Е: eg. 

KCIO, - HSO,F 2 K* +SO3F~ + HClO, 


Thus the only acids are the strong acceptors which follow 
equation (A2). Of these, two systems are important. SbF 
behaves as a weak acid, і.е. ionization according to equation 
(A2) is not complete and a titration of SbF, with the base 
KSO,F shows a conductivity minimum about 0:4:1. 
However, if SO, is added, a range of species SbF s-(SO4F), 
is formed (n = 1, 2, 3) and such species act as strong acids. 
For example, SbF;(SO;F); gives a 1:1 titration with KSO;F. 
Having established the very high acidity of HSO,F itself, it 
follows that these even more acidic systems HSO,F/SbF; and 
HSO;F/SbF,/SO; have astonishingly high proton donor 
powers. They have been colourfully termed superacids, while 
the term ‘magic-acid’ has been applied to HSO,F/SbFs. 
As examples, HSO;F alone protonates organic acids to 
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give RC(OH)Z, ketones to give R;C(OH)*, and halo- 
aromatics to give for example ЕСН from FC.Hs. The 
superacid systems will completely protonate trinitrobenzene 
and even alkanes to give intermediates such as ОНУ. Such 
ions readily lose Н, to give carbonium ions, e.g. CH. 

In inorganic chemistry, fluorosulphuric acid is an excellent 
agent for preparing fluorides and fluorosulphates as in 


Аѕ,О; — АѕЕ; +AsF3(SO3F)3 
SiO,.xH,O  SiF, 
P,0,, > POF; 
BaTeO, > TeF;(SO3F) 
CIO; > CIO;F 


Also of importance is the use of this medium to prepare 
polyatomic ions using S,O,¢F as oxidant, as in 


Ѕе+5,05Е, > Se} * -280,F ^ 
бг L -S,0,F, > I} +SO,F~ 


Such polyatomic species are susceptible to base attack and 
need an acid medium to survive. Often they were first seen in 
the sulphuric acid system but only characterized in the more 
manageable fluorosulphuric acid one. For instance, I; was 
reported to dissolve in oleum to give a blue solution twenty 
years before the blue species was identified by work in HSO4F 
as 15 and not I* as originally thought. Other examples are 
given in Chapter 17. 


6.10 Bromide trifluoride 

Bromine trifluoride is a much more restricted solvent than 
those discussed above but it is one to which the ideas of the 
solvent system theory appear to apply and it has been quite 
widely used as a preparative medium. It must be handled by 
special techniques which require experience but these are 
now highly developed and present few problems in a well- 
equipped laboratory. The main requirements are a rigorous 
exclusion of moisture and of materials such as tap greases 
which can be fluorinated or oxidized. 

The alkali metal fluorides are soluble but most other ionic 
fluorides are rather insoluble. The more covalent fluorides 
of elements in higher oxidation states are also soluble. Most 
other compounds are either insoluble or converted to fluoro- 
compounds. 

The self-ionization of bromine trifluoride is much more 
extensive than that of the other solvents in Table 6.6 and is 
presumed to follow the equation: 


2 BrF, = BrFj + BrF; 


By the solvent system definition, solutes which increase the 
concentration of BrF7 are acids and those which increase the 
concentration of ВгЕ are bases. The bromofluorides of the 
alkali metals and a number of other elements, e.g. AgBrF,, 
are known and act as bases, while the alkali metal fluorides 
add on a molecule of the solvent and may also be regarded 
as bases in the system. No solute is known which produces 
the solvent cation by dissociation (as the mineral acids pro- 
duce H,O* in water) that is, there are no donor acids known, 
but a number of solutes are known which react with the 


solvent molecule by removing a fluoride ion and these are 
termed acceptor acids. This is true of most covalent fluorides, 
which form fluoro-complexes, for example: 


VF,-BrF, = BrFj - VF; 
SnF,+2BrF, = 2BrFj - SnF2- 


Neutralization reactions are represented by the interaction 
of these acids and bases and may be followed conductio- 
metrically: 


BrF7 VF; +KBrF, = КУЕ, -2BrF, 
acid base salt solvent 


Solvolysis of some of these complex fluorides is also ob- 
served. For example, if hexafluorotitanate is treated with 
bromine trifluoride the reversible reaction 


K,TiF,+4BrF3 = (BrF,),TiF,+2KBrF, 


is observed leading to the formation of the solvent base in 
equilibrium. 

The main use of bromine trifluoride is in the preparation 
of fluorides and fluorocomplexes of elements in the higher 
oxidation states. Among the transition metal compounds 
which have been prepared in bromine trifluoride are the 
hexafluoro-complexes of Ti(IV), V(V), Nb(V), Ta(V), 
Mn(IV), Ru(IV & V), Os(IV & V), Rh(IV), Ir(IV & V), 
Pd(IV), Pt(IV), and Ач(111). The first preparation of 
gold trifluoride was also made in this solvent. Another 
interesting series of reactions involves the reactions of non- 
metal oxides with fluorocomplexes in bromine trifluoride to 
give fluosulphonates, nitronium complexes, and nitrosonium 
complexes, such as: 


SO,+K,SO, > KSO,F 
NO, + Au ^ (NO,)AuF, 

NO; +As,0, -— (NOj)AsF, 

NOCI+ GeO, + (NO),GeF, 


(Note that several of these reactions involve oxidations as 
well as fluorination.) 

Other fluorine compounds, such as ТЕ, or ScE;, also allow 
synthesis of fluorides. For elements with a range of oxidation 
states, HF is the medium for preparing fluorides of the lowest 
oxidation states, IF, gives intermediate states while BrF; 
gives high oxidation fluorides. To force an clement to form 
fluorides of very strongly oxidizing states it may be necessary 
to use the even more vigorous CIF ,, as a medium. Of course, 
most fluorides result from direct reaction with F;, but these 
halogen fluoride solvents may be very useful when it is 
necessary to discriminate among a range of oxidation states. 


6.11 Sulphur dioxide 

The study of sulphur dioxide as a solvent extends back as far 
as that of liquid ammonia. Sulphur dioxide was found to be 
conducting and the postulated self-ionization was 


280, = SO? * «SOj- 


According to this, ionizable sulphites, such as Cs,SO,, were 
bases, and acids were species which produced SC *. The 


thionyl halides were found to be ionized and the equilibrium: 
SOX, = SO?* +2Х- 


was postulated, so that these molecules were solvent acids. It 
was indeed found that thionyl chloride reacted with soluble 
sulphites in a 1:1 ratio and the titration curve was reason- 
ably like the expected one. On the basis of these observations 
and others on solvate formation, solvolysis, and amphoteric 
behaviour, the above self-ionization was accepted as the 
basis for interpreting reactions in sulphur dioxide. 

The existence of these sulphur dioxide results was an im- 
portant reason for the general acceptance of the solvent 
system definition of acids and bases, since this was not con- 
fined to protonic solvents and appeared to fit for sulphur 
dioxide, the most extensively studied non-protonic system 
of the time. As other non-protonic solvents came to be 
studied, the self-ionization theory was applied and found to 
give a satisfactory basis for systematizing reactions and to 
be a useful guide in the study of the solvent, for the non- 
protonic solvents listed in Table 6.6. 

However, if the self-ionizations in that list are studied, it 
will be seen that only in the case of sulphur dioxide is the 
separation of doubly-charged ions postulated. Table 6.7 
shows that sulphur dioxide has a fairly low dielectric con- 
stant and the self-conductivity is also low. This indicates that 
the self-ionization theory might be on a rather weak basis in 
this case. This suspicion has been confirmed by recent work 
on radio-isotope exchange between sulphur dioxide and 
thionyl compounds. It was found that there was negligible 
exchange of either 15O or 35$ between thionyl chloride and 
sulphur dioxide, showing that the concentration of any ion 
common to both compounds was negligible (compare the 
instantaneous exchange of hydrogen isotopes between pro- 
tonic acids and water). Therefore ionization to SO?* cannot 
be occurring. The ‘neutralization’ reactions between sul- 
phites and thionyl compounds were probably not simple 
reactions between solvent ions but involved two-step re- 
actions via SOX* intermediates. 

These results for sulphur dioxide must throw some doubt 
on the whole solvent system concept of acids and bases in 
non-protonic solvents and some workers have suggested its 
abandonment. It must be granted that there is no absolute 
proof ofits validity in other systems. All the evidence depends 
on indirect observations, such as ‘neutralization’ reactions 
between solvent ions. Furthermore, the interpretation, in 
terms of the solvent system theory, of the work on oxy- 
chlorides like POCI, and ЅеОСІ, has been heavily criticized 
recently and a rationalization of the observations in terms of 
the Lewis theory has been proposed (Drago and Purcell, Prog. 
Inorg. Chem. 6, 1964, 271). However, the interpretation of the 
oxychloride systems is arguable, and the sulphur dioxide 
system is a particularly unfavourable example for the reasons 
outlined above. Thus, the solvent system theory will probably 
continue to be used to interpret reactions in protonic and 
non-protonic systems, but with more marked reservations in 
the latter cases until the existence of the solvent self-ionization 
has been proved by radio-chemical or other methods. At 
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present, the odd situation exists where the solvent system 
concept may still be applied to most solvents except sulphur 
dioxide, the very one that led to its adoption. 

It has been shown that Brónsted acids, such as НСІ, react 
with Bronsted bases in liquid sulphur dioxide. However, it is 
best to regard sulphur dioxide, not as a self-ionizing solvent 
which is the parent of an acid-base system, but as a relatively 
inert reaction medium. This has always been the main use of 
sulphur dioxide and it is extremely valuable as a solvent for 
reactions between weakly ionic or fairly polar molecules. 

Among the compounds which are very soluble in sulphur 
dioxide are the alkali metal, or ammonium, iodides, thio- 
cyanates, and carboxylic acid salts. Many classes of organic 
compounds are soluble, as are the more covalent halides and 
pseudohalides of the Main Group elements. Solvates of 
soluble salts are often recovered when the solvent is removed. 
Examples include №а1.450,, KSCN.SO;, or AICI;.SO. 
The sulphur dioxide is usually much less tightly bound than 
is water or ammonia in hydrates or ammoniates. 

Sulphur dioxide finds its main use as a solvent for the 
reaction of readily hydrolysable halides and related com- 
pounds. Thus thionyl compounds may be prepared: 


2SCN~ +50801, = SO(SCN),+2Cl~ 


Chloro-complexes are readily prepared: 


NOCI-4- SbCl, = (NO)*(SbCl,)~, 
3SOCI,+2SbCl,; = (SO)3* (SbCl¢)3~ (in solution only) 


and a few solvolytic reactions are observed: 
PCl; +50, = POCI, - SOCI; 


A considerable range of organic reactions has also been con- 
ducted in sulphur dioxide. 


PROBLEMS 


This chapter is intended to extend your consideration of the 
conditions of chemical reactions from the familiar use of 
water as a medium to the use of other solvents which have 
many similarities to water. 

Sections 6.1 to 6.3 are intended to bridge on to material 
normally covered in detail in physical chemistry courses. 
Only a few examples are given, but many others can be 
constructed, especially by applying the data of Table 6.3 to 
equation (6.11). 

The material of sections 6.4 to 6.10 is best mastered by 
making your own correlations among the different solvents, 
and by relating to the chemistry discussion in later chapters. 
You should therefore look at the preparations of species of 
very low or high oxidation states. 
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6.1 Arrange the oxyacids of sulphur (Table 17.15) in their 
likely order of acid strengths from their formulae (p. 336). 

Does knowledge of the structures alter the position of any of 
the compounds? 


6.2 Find four couples from Table 6.3 which would be 


completely converted to the reduced form by Cr (but not by 
С12+) going to Cr? *. 


6.3 Find three examples in the systematic chemistry 
chapters of preparations which had to be carried out in a 
non-aqueous solvent. 


7 Experimental Methods > 


In the discussion of the chemistry of the elements which 
makes up the later part of this book, the structures of a 
number of compounds are described. It is the aim of this 
chapter to give a brief indication of the more important 
experimental methods of determining these structures, and 
a description of some of the more recently developed methods 
of separating compounds is also given. Fuller accounts of the 
individual methods are given in the references. 


Separation Methods 


7.1 lon exchange 

The use of clay minerals and zeolites for base exchange and 
water treatment has been established for many years, but a 
major advance was made when the use of synthetic resins 
containing specific functional groups was introduced. The 
materials in present use are cross-linked polystyrene resins 
and similar types containing active groups. These are: 


—SO,OH giving strongly acid 


sulphonic groups 
cation exchangers 


carboxylic groups —COOH giving weakly acid 
cation exchangers 
quaternary ammonium =~ NR} giving strongly basic 
groups anion exchangers 
amine groups —NR;; giving weakly basic 
—NH;; anion exchangers, 
—NHR 


where the bond is to the polymer skeleton. The polymer 
skeleton of the resin acts as an inert, unreactive framework 
to support the functional groups and has a relatively porous 
structure with about ten per cent cross-linking. 

The sulphonic acid resins* are strong acids and the hydro- 
gen atoms ionize and are readily replaced by cations. If a 
solution ofa salt, say NaX, is passed down a column contain- 
ing the resin, the Na* is replaced: 


с ResinH + NaX — c- ResinNa-- HX 
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Inasimilar way, the strongly basic resins* containing quater- 
nary ammonium groups have hydroxyl groups which ionize 
completely and are exchangeable with anions: 


a—ResinOH+NaX — а – ResinX + NaOH, 
or a— ResinOH + HX — а— ResinX+H,0 


This illustrates one important use of these resins, a strong 
acid cation exchanger used in series with a strong base anion 
exchanger will remove all dissolved salts from water and is 
widely used for water-treatment, especially in boilers to 
prevent scale formation. 

Strongly acid cation exchangers in the sodium form will 
exchange the sodium ions for other cations: 


c—ResinNa+M"* = c—ResinM+nNa* 


These reactions are equilibrium reactions and the affinity of 
the resin for the cation in solution depends on the charge, the 
size of the ion, and the concentration. In 0:1 M solutions, the 
series Th** > Fe?* > Al?*+ > Ba?* > Pb?* > Sr?* > Ca?* 
> Fe?* > Co?* > Mg^* > Ag* > Cs* > Rb* > NH? 
К? > Nat > Н* > 14* has been established, but in con- 
centrated solutions the effect of valency is reversed and uni- 
valent ions are favoured over multi-valent ones. Thus, the 
sodium form of the resin may be used to remove, say, calcium 
ions from a dilute solution and the calcium can be recovered 
by treating the resin with a concentrated solution of a 
sodium salt. The use of a strongly basic anion exchanger for 
a similar purpose is fairly obvious. 

The weakly acid cation exchangers behave as insoluble 
weak acids. They may be buffered so that exchange takes 
place at a controlled pH. In acid solution they are undis- 
sociated and have little exchange capacity, but in neutral or 
alkaline media they behave similarly to the strong acid 
resins as cation exchangers, being rather more selective for 
divalent cations. The hydrogen form is useful to produce a 
weak acid from one of its salts: 


ResinH + CH,COONa — ResinNa+CH;COOH 


* Cation-exchange resins are abbreviated as c-resins and anion exchange 
resins as a-resins. 
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Similar remarks apply to the weakly basic anion exchange 
resins. 

The uses of the ion-exchange materials will be fairly 
obvious from the above outline of their properties. In pre- 
parations or analysis, any specific ion may be replaced by 
another one or by a hydrogen or hydroxyl ion. In the latter 
cases the liberated acid or alkali may be titrated to determine 
the quantity of cation or anion respectively in the original 
solution. An example of a preparative application is the use 
of a strongly basic anion exchanger to prepare carbonate- 
free alkali metal hydroxides. A solution of, say, sodium 
hydroxide contaminated with carbonate is run down a 
column containing a strong base anion exchanger. This has 
a higher affinity for the doubly-charged carbonate ion which 
is then replaced by hydroxyl ion from the column. Pure 
sodium hydroxide solution is recovered. 

An obvious extension of this technique is the removal of 
interfering ions in analysis, and the resins may also be used 
to concentrate trace constituents. The resins also find use as 
catalysts, especially as acid or base catalysts, and in the 
determination of dissociation constants and activity co- 
efficients. As the exchange process is an equilibrium, the 
resins may be used in the separation of isotopes. For example, 
a separation of '*N and !N has been effected by the ex- 
change between a cation exchange resin and ammonium 
hydroxide: 


Resin'*NHj +!5NH,OH = Resin NH} +!4NH,OH 


A band of NH7 travelling down a long column of the resin 
by means of a large number of absorption-desorption steps 
gradually becomes enriched with '5NHZ at the trailing edge 
and with '*NH{ at the leading edge. By the time the band 
is extended to about forty times its original width, the tail 
fraction contains 99 per cent '5N. 


7.2 Chromatography 

Chromatography is a process for separating a mixture which 
depends on the redistribution of the components between a 
stationary phase and a mobile one. The components may be 
adsorbed on the stationary phase or be held by more specific 
chemical bonds. The typical arrangement has the stationary 
phase in a column and the mixture is passed up or down the 
column in the gas or liquid phases. One form of chromato- 
graphy involves the use of ion exchangers and follows on 
from the discussion in the previous section. 

Suppose that a mixture of cations in solution have similar 
chemical properties, they will not be separated from each 
other by the simple ion exchange processes discussed above. 
If the cations are absorbed at the top of a cation exchange 
column and then treated with a weak complexing agent— 
one with an affinity for the cation similar to that between the 
cation and the column material— then the equilibrium, 


cation on ion exchanger +complexing agent 
= cation in complex in solution, 


will depend sensitively on the nature of the cation. If the band 
of mixed cations on the column is washed down (eluted by 


a solution of the complexing agent, those cations which form 
the strongest complexes will spend more time in solution 
than on the column, and will travel down the column faster 
than the cations whose complexes are weaker and which 
remain longer on the ion exchanger. As the cation band 
travels down the column, it starts to separate into its com- 
ponents and, if the column is long enough, the different 
components are recovered separately. The process is shown 
diagrammatically in Figure 7.1. As there are also random 
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FIGURE 7.1 Separation of a mixture by column chromatography 

The figure shows schematically the concentration gradients of the 
two components, expressed as Gaussian distributions, at different 
stages in the separation. 


processes of diffusion affecting the ions, the distribution of 
cation concentration down the column is gaussian. The 
classic example of this method of separation was the separa- 
tion of the lanthanide elements, using citrate as the weak 
complexing agent. A similar use of anion exchange resins 
allows a separation of anions. If the ions are not too closely 
similar, the separation may be effected without the use of a 
complexing agent. For example, the halides may be separated 
on an anion exchange resin by eluting with a sodium nitrate 
solution, and an additional element of control is introduced 
by varying the concentration of the eluant. 

Many other systems have been devised for chromato- 
graphic separation. Materials such as silica gel or cellulose 
which act by adsorption, or by a mixture of adsorption and 
chemical interaction with adsorbed water, are widely used, 
and one common application is in paper chromatography. 
A wide variety of ions and molecules may be separated by 
using suitable solvents moving over paper. For example, the 
alkali metals may be separated by using a mixture of alcohols 
as the solvent, and the various phosphate anions may be 
separated using a two-dimensional method with a basic 
solvent flowing in one direction followed by an acidic one in 
a direction at right angles, Figure 7.2. The analogous, but 
more controlled and sensitive, method of thin layer chromato- 
graphy uses a uniform thin layer of silica spread on a glass 
plate as the separating medium. 

Another modification of this method is in the separation 
of gas mixtures by passing them in a stream of nitrogen, or 
helium, through a column containing a high-boiling liquid 
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FIGURE 7.2 Separation of phosphate anions by two-dimensional paper 
chromatography 

The ring anions fall on one curve and the chain ones on another. 
Higher members of each type would lie on the prolongations of these 
curves towards the origin. 


supported on an inert material. For example, the silicon or 
germanium hydrides may be separated by this vapour phase 
chromatography by passing the hydride mixture through a 
column of silicone oil on powdered brick. 


7.3 Solvent extraction 

A mixture may be separated into its components by treating 
it with two or more immiscible liquids, most commonly with 
an aqueous phase and an organic phase. Ionic and strongly 
polar species remain in the aqueous phase while less polar 
species dissolve into the organic liquid. For example, ger- 
manium may be separated by forming the tetrachloride in 
contact with a solvent, such as carbon tetrachloride, in which 
it is soluble. As the hydrolysis of the tetrachloride is reversible 
in presence of hydrochloric acid, all the germanium ends up 
in the organic phase: 


Ge(IV) in aqueous solution + HCl = GeCl, -H5O 


(as oxy- or hydroxy-species) 
solution in СС 


The nature of the solute may be altered by changing the pH, 
by adding complexing agents, or by adding common ions, 
while considerable variation in the organic phase is also 
possible. There is thus a fair chance that any given mixture 
may be separated by suitably varying the conditions. 
Perhaps the classic example of the application of this 
technique is the separation of uranium and plutonium from 
each other and from the fission products that accumulate in 
an atomic pile. One method involves the solution of the 
material in nitric acid, in which the uranium is in the VI 
state and is more covalent than the plutonium, which remains 
in the IV state. The uranium is extracted into ether and then 
the plutonium and fission products are precipitated and 
strongly oxidized to convert the plutonium to Pu(VI). This 
can then be extracted from the fission products in turn. A 
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variation, which particularly lends itself to a cyclic process 
of repeated extraction, is to separate the plutonium and 
uranium in the VI state into an organic solvent which is then 
carried into a second vessel where it is subject to mild re- 
duction, in contact with water, which leaves the U(VI) 
unchanged but converts the plutonium to Pu(III), which is 
washed back into the aqueous phase by dilute nitric acid. 

All these solvent extraction processes may be adapted for 
the separation of very similar solutes by using a continuous 
flow method, when fresh organic phase is brought into con- 
tact with the partially extracted aqueous phase and vice 
versa. This ‘counter-current’ method corresponds basically 
toa chromatographic separation involving two mobile liquid 
phases instead of one mobile phase and one held stationary 
on an absorbing phase. The close similarity of all these 
methods means that they may often be used interchangeably 
and the problem of separating chemically similar elements 
or compounds can now be treated by very powerful and 
versatile methods. 


Structure Determination 


7.4 Diffraction methods 

The most accurate and powerful method of determining the 
structure of solids is by X-ray diffraction. Just as light can be 
diffracted by a grating of suitably spaced lines, so can the 
much shorter wavelength X-rays be diffracted. The regular 
array of atoms or ions in a crystalline solid provides a suit- 
ably spaced three-dimensional grating for the diffraction of 
a beam of X-rays, and the diffraction pattern can be detected 
by using a photographic film or other detector. When a 
beam of X-rays passes through a crystal it meets various sets 
of parallel planes of atoms. The diffracted beams from atoms 
in successive planes cancel unless they are in phase, and the 
condition for this is given by the Bragg relationship: 


nÀ = 92dsinÜ 


where À is the wavelength of the X-rays, d is the distance 
between successive planes, and 0 is the angle of incidence of 
the X-ray beam on the plane. From a set of distances d for 
different sets of planes in the crystal, the positions of the 
atoms can be derived. The angles 0 can be measured and 
the values of d can be calculated if the wavelength of the 
X-rays is known. If the intensities of the diffracted beam in 
each direction can also be measured, complete structure 
determinations are possible. As each atom in the lattice acts 
as a scattering centre, the total intensity in a given direction 
of the diffracted beam depends on how far the contributions 
from individual atoms are in phase. The essential feature of 
complete X-ray structure determinations is a trial-and-error 
search for that arrangement of atoms which best accounts 
for the observed intensities of reflections. For large mole- 
cules, or structures of low symmetry, this process involves 
numerous calculations and is best carried out by computer. 

There are a number of experimental methods for studying 
X-ray diffraction but two are widely used. One uses a single 
crystal of the compound which is mounted so that it can be 
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rotated about a crystal axis. A monochromatic beam of 
X-rays (i.e. ofa single wavelength A) shines on the crystal. As 
it rotates, successive sets of planes are brought into reflecting 
positions and the reflected beams are recorded as a function 
of the crystal rotation. The positions and intensities of the 
reflected beams are measured and the complete structure can 
be derived from the resulting data. 

A second method is used for the many cases when sub- 
stances are available only as a crystalline powder and no 
single crystal is obtainable. The powder is packed in a thin 
capillary tube and illuminated by a monochromatic beam 
inside a circular camera. All possible crystal orientations 
occur at random, so that some crystallites will be correctly 
orientated to fulfil the Bragg condition for each value of d. 
The reflections are recorded as lines on a film placed round 
the inside of the camera and these positions give the d values. 
A complete analysis is possible only for crystals of high 
symmetry but the method is invaluable as a qualitative 
technique, e.g. in mineral analysis. 

Although X-ray methods give the fullest and most reliable 
data, they are restricted to solids and are not very suitable 
for determining the positions of very light atoms. Two other 
diffraction methods are available, electron diffraction and 
neutron diffraction. By virtue of the wave properties of 
electrons, a beam of electrons may be diffracted. Electron 
diffraction is used to determine the structures of gaseous 
molecules and gives very accurate values for bond lengths 
and angles. The process of interpretation depends on match- 
ing the observed diffraction pattern with ones calculated for 
different model structures, so that it is not fully reliable as a 
method of structure determination but does give accurate 
parameters for molecules whose overall structure is known. 
Electron diffraction is a function of the atomic number and 
hydrogen atoms are, as a rule, not detectable. 

A beam of neutrons behaves in a similar manner to a beam 
of electrons and gives information about the positions of light 
atoms and is thus complementary to the other two tech- 
niques. Neutron diffraction determines the positions of the 
nuclei, and the sensitivity does not vary much between 
elements. X-rays are diffracted by the electrons, and thus X- 
ray diffraction is dominated by the positions of largest 
electron density. In compounds which contain both light and 
heavy atoms, X-ray scattering from the low electron density 
around the light atom may not be detectable and only heavy 
atom positions are found. If a neutron diffraction is carried 
out as well, the heavy atom positions from the X-ray study 
allow a ready solution, and the light atom centres are easily 
determined. This is particularly so for hydrogen compounds, 
as H, and even more D, scatters neutrons efficiently. The 

disadvantages of the neutron diffraction method are the 
inaccessibility of neutron sources (commonly an atomic pile 
and the requirement for large single crystals. Indeed, the 
difficulty of preparing crystals without twinning or other 
flaws, is the main limitation on both X-ray and neutron 
diffraction which are otherwise the most powerful structural 
tools 


Since the diffraction pattern has contributions from every 


atom in the unit cell, it becomes rapidly more difficult to solve 
the structure as the molecular size increases. While there have 
been tremendous successes in recent work on large bio- 
molecules containing metal atoms, analysis is very slow and 
many systems are known only to relatively low spatial 
resolution, say at the 5A level. 

In such cases, a further X-ray method is valuable. This is 
the extended X-ray absorption fine structure or EXAFS 
experiment. When an X-ray photon is absorbed by an atom 
(the plot of X-ray absorption rises steeply at this poini giving 
the X-ray absorption edge) an electron is expelled. This may be 
back-scattered by neighbouring atoms, giving a fine structure 
on the absorption edge which gives information about the 
nearest neighbours of the absorbing atom. The technique is 
particularly valuable in probing large molecules or non- 
crystalline materials, 

Toillustrate, a recent study involved || (RO), P(5/,]4Zn3] 
which has a known structure containing Zn(| (S); Р! units. 
This compound is typical of antioxidants for engine oils. Their 
mode of action is difficult to investigate as the oxidized 
products are not crystalline. An EXAFS study showed the 
presence of O with four Zn nearest neighbours followed by six 
PS, groups and an indication of three Zn third neighbours. 
This suggests a central О bonded tetrahedrally to 4 Zn, 
bridged on each edge by a S—P—S unit (presumably 
retaining some of the P—OR ligands) and probably linked in 
turn to further OZn groups (compare Figure 10.9). Such 
information suggests how the antioxidant works and allows 
design of improvements. 


7.5 Spectroscopic methods and the electromagnetic spectrum 
If an atom, molecule, or ion, with two energy states differing 
in energy by AE is irradiated with continuous electro- 
magnetic radiation, the radiation of frequency correspond- 
ing to AE will be absorbed and the species raised to the upper 
energy state. This absorption, or the consequent emission 
of radiation as the species returns to the ground state, may 
be detected and provides information about the energy 
states. The energy change is related to the frequency v' of 
the radiation by the relation 


AE = hy’... А 7.1) 
where his Planck's constant equal t06-6256 x 10 ?* Js. The 
frequency is related to the wavelength, A, as their product 
equals the speed of light 

VÀ = с = 2:998 x 10!? cm s^! 7.2 
Thus the energy change per mole obeys the relations 
AE = Му = М/А = Nh 7.3 


where ў is called the wave number or Kayser and is the number 
of cycles per centimetre, hence the unit is cm 


7.3) leads to the relation between different units given on 
pp. xiv and 113 


Equation 


Fhe electromagnetic spectrum spans a very wide range 
from gamma and cosmic ravs with energies in excess of 
ud i 
10° kJ mol ^' down to radiowaves corresponding to small 


TABLE 7.1 Principal regions of the electromagnetic spectrum 


Approximate range in 


(SI) 

gamma rays «10219 > 10° kJ mol”! 
X-rays 1078 to 10719 10* to 10° kJ mol! 
ultraviolet 4x 1077 to 1078 

visible Bx 1077: 4x19] .. 10.49.10: IJ mol"! 
infrared 107^ to 2-5 х 107° 1 to 50 kJ mol”! 
microwave and | 107? to 1074 10 to 1000 J mol ^! 

far infrared 


radio frequency | ~ 107? ^10 J mol"! 


^10 70:01 J mol! 
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Transition excited 


(Commonly-used 
> 10% eV nuclear transformations 
100 to 10* eV transitions of inner shell electrons 


transitions of valence shell 
electrons including dd and f>f 
molecular vibrations 

molecular rotations 


10* to 10° стт! 
100 to 4000 cm ^ 
1 to 100 ст! 


1 to 100 eV or | 


3x10* MHz electron spin reversal in magnetic 
field of 1 A m^! 


nuclear spin reversal in magnetic 


field of 1 A m^! 


10 to 100 MHz 


| eV = 96-49 kJ mol~! = 23-06 kcal mol”! and is equivalent to 8068 ст”! and 2-419x 10° MHz: 1 Ат! = 10* gauss 
Ranges are rounded-off and are not converted exactly from one unit to the next. 


fractions of a joule per mole. In different regions of the 
spectrum, the energy corresponds to differences in two states 
of a system spanning many kinds of transition. Thus a 
nuclear transformation involves very high energies, in the 
gamma ray region, while the reversal of an electron spin in 
a magnetic field of 0-1 tesla would involve a tiny energy 
corresponding to the shorter radiowaves. Nevertheless, both 
these processes, and many others of intermediate energy, 
may be used to yield information of value to the chemist. 
The major regions of the electromagnetic spectrum, and the 
transitions corresponding to the interaction with them, are 
listed in Table 7.1. There is no clear boundary between any 
two regions and the energy ranges and types of transition 
overlap: we give arbitrary round-figure ranges (which are 
thus slightly different for different units) whose boundaries 
are often set by arbitrary experimental factors. As there is 
such a wide range of energies, and so many different types 
of transition are involved, there have grown up a number of 
separate areas of study which have developed fairly inde- 
pendently and with their own conventions. In particular, 
this means that a variety of units have been used and some 
of the traditional ones in the important regions are indicated 
in Table 7.1. Notice that these include units of energy, wave- 
length, and frequency. 

The gamma and X-ray regions of the spectrum give 
information about the nucleus and the inner, closed shell, 
electrons and are therefore of less direct interest to the chemist 
although the Méssbauer effect which involves gamma 
resonance absorption, and the derivation of atomic energy 
levels from X-ray spectra, as in Moscley's experiments, аге 
important. 

The average chemist is most likely to make direct measure- 
ments of electronic spectra in the ultraviolet and visible region, 
of vibrational spectra in the infrared region and in the Raman 


effect, and of nuclear magnetic resonance. (nmr) spectra in. the 
radiofrequency region. These methods are therefore discussed 
in detail in the following sections. Pure rotational spectra, 
studied in the microwave region, give accurate values for the 
moments of inertia and thus provide values for bond lengths 
and angles for sufficiently small or symmetric molecules 
which must also have a permanent dipole moment to interact 
with the radiation. By using isotopic substitution, a number 
of independent parameters may be determined, but even so, 
only a limited number of molecules are simple enough to 
be analysed. Thus microwave spectroscopy gives information 
complementary to that derived from electron diffraction for 
small molecules in the gas phase. Electron spin resonance 
which is observed for species with unpaired electrons is also 
a tool available for only a restricted number of species. 
Rotational changes often accompany vibrational changes 
and are seen as a fine structure to the vibrational absorptions, 
and similarly, electronic transitions may have fine structures 
due to concomitant rotational and vibrational transitions. 

Study of ultraviolet, visible and infrared spectra requires 
the same basic equipment. The sample must be placed in a 
beam of radiation which can be continuously varied in 
frequency and a detector is required to show absorption of 
energy. For example, visible spectra require a source of 
white light which is scanned in frequency by using a rotating 
prism, while the detector is a photocell whose output may 
be converted to a movement ofa pen on a recorder. An infra- 
red spectrum may be recorded using a heated element as 
source, an alkali halide prism or a grating to change the 
frequency, and a thermocouple as detector. 

Vibrational transitions may also be detected in the Raman 
effect. In this, the sample is illuminated with strong mono- 
chromatic radiation, and some of the re-emitted quanta are 
found to have gained or lost a (smaller) quantum correspond- 
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ing to the energy of one of the fundamental vibrational 
modes. The spectrum of the scattered radiation thus consists 
of a very strong line corresponding to the incident radiation 
and a number of other lines whose energy differences from 
the primary line give the energies of vibrational transitions 
of the molecule. Raman spectroscopy requires an intense 
radiation source with a very narrow frequency spread. The 
laser is ideal and Raman spectroscopy has greatly expanded 
in scope since the advent of lasers. 


7.6 Electronic spectra 
Transitions of outer shell electrons fall in the general wave 
number range of 100000 ст! to 10000 cm ^ !, that is in the 
ultraviolet, visible, and near infrared regions of the electro- 
magnetic spectrum. The transitions involved are those be- 
tween sigma, pi, or nonbonding, л, orbitals in the valence 
shell, such as those involved in Figures 4.25 or 4.29. Not all 
transitions are allowed, only 

с — a* 

п o* 

n—mn* 

n n* 
while sigma to pi or pi to sigma transitions are forbidden. It 
is clear from an energy level diagram like Figure 4.29 that 
this is the approximate order of decreasing energy. The 
largest energy is required for с > o* transitions and these 
are found in the far ultraviolet regions in which the mole- 
cules of the atmosphere also absorb. Evacuated spectro- 
meters have to be used and this region is less studied. 

Most work is done in the 50 000 to 10 000 cm ^ ! region, 
200 nm to | ит, where transitions involving nonbonding 
and pi electrons are involved. For lighter atoms, such 
transitions are usually in the ultraviolet, giving colourless 
compounds, but extended conjugation, giving rise to a large 
number of closely spaced pi orbitals, may lower the energy 
ofthe transition and give a coloured compound. In addition, 
heavy atoms have their outer orbitals closer together in 
energy so that the transitions again fall into the visible region. 
Such transitions account for the colours of many iodides, for 
example. In addition, transition elements with partly occu- 
pied d or f orbitals show bands, usually in the visible region, 
due to dd or f — f transitions. Such transitions are for- 
mally forbidden and give rise to weak bands: they are dis- 
cussed in more detail in Chapters 11 and 13. 

While the position of an absorption band corresponds to 
the energy of the transition, its intensity depends on the 
nature and quantity of the absorbing material. The relation 
between the absorbance, A, the pathlength / and the concen- 
tration C is given by the Beer-Lambert law 


A = KCl (7.4) 


where & is a constant characteristic of the material. For a 
pathlength of 1 cm, and with the concentration expressed in 
moles per unit volume, the constant k becomes e, the molar 
extinction coefficient. Allowed transitions generally have molar 
extinction coefficients in the range 10? to 105 1 mol^! стт! 
while d-d or / 7 bands are much weaker with є typically 


107! to 101 mol^' ст +. The absorbance, formerly termed 
the optical density, is defined as 


A= log (ly... ..... ЖШ (7.5) 


where Jy is the intensity of the incident light and Z the 
intensity after the light has passed through the sample. 
Most modern spectrometers record the absorbance directly. 

Electronic spectra are used primarily to give information 
about the energy levels of the valency orbitals, and for 
inorganic chemistry this is particularly widely studied for 
transition elements. Use may also be made, through Beer’s 
law, of absorbance measurements in quantitative analysis. 
Here, measurements are preferably made on strong bands 
and at, or near, maxima in the absorption. Thus, for example, 
the strong allowed bands of CrOj~ would be used for esti- 
mating Cr, rather than the weak d-d transitions of Cr?* 
ions. (Note that species like chromate or permanganate, 
which are in the Group oxidation state, have no d electrons 
not involved in bonding so that these colours are not due to 
d-d transitions.) In a more qualitative way, electronic 
spectra may also be used to indicate the presence of particular 
groupings of atoms. For example, z-z* transitions in a 
benzene ring will be relatively constant in position and 
intensity as long as л bonding substituents are absent: thus 
the presence of a phenyl group would be indicated by such 
bands in the electronic spectrum. Such a use is more common 
in organic chemistry where such a chromophore is likely 
to occur in a fairly constant environment, but similar appli- 
cations are of value particularly in organometallic chemistry. 


7.7 Vibrational spectra 


Vibrational modes of a molecule are excited by the absorp- 
tion of quanta whose energy lies in the infrared region of the 
spectrum, from about 4000 ст! downwards. Vibrational 
transitions are also detected in Raman scattering. As the 
selection rules for infrared absorption differ from those 
governing Raman scattering, the two techniques are com- 
plementary and both infrared and Raman spectra need to be 
measured to obtain the maximum amount of information. 

The information obtainable from vibrational spectroscopy 
depends on the size and symmetry of the molecule. For a 
diatomic molecule, assuming simple harmonic motion, the 
wavenumber is given by 


2ncN u 


where К is the force constant (the proportionality between 
the extension of the bond and the restoring force) in № m^! 
and и is the reduced mass (1/u = 1/m,+1/m,) of the two 
atoms. Thus the vibrational frequency is directly related to 
the force constant, which in turn is related to the bond 
strength. Absorptions of successive quanta of vibrational 
energy will continue until the molecule dissociates, and the 
frequency at which this occurs gives the bond energy. From 
the rotational fine structure, the moment of inertia may be 
derived and hence the bond length (if the atomic masses are 


known). The existence of isotopes of an element may be 
proved by observing different moments of inertia for the same 
compound. For example, hydrogen chloride is found to have 
a bond length of 128:1 pm and two moments of inertia 
corresponding to HCI (/ = 2:649 x 1074? kg m?) and 
H?"Cl (7 = 2:653 x 10747 kg m?). 

For polyatomic molecules, the position is more compli- 
cated. Vibrations involve not only bond stretching, but 
angle deformation and often twisting modes as well. An 
n-atom species has 3n—6 degrees of vibrational freedom 

Зп —5 for a linear species) and a corresponding number of 
force constants are required to describe the vibrations. 
However, it is unlikely that all 3n—6 vibrations will be 
observable in the majority of cases. This is partly due to 
practical difficulties of detecting weak bands and resolving 
closely overlapping ones, and partly due to degeneracy. For 
example, a tetrahedral molecule like GeH has 3 x 5 —6 = 9 
modes of vibration but the maximum number of bands 
observable in the infrared is two and in the Raman, four. 
This is because two of the modes are degenerate, giving only 
one fundamental, and two further groups of three are triply 
degenerate. Thus there are only four observable bands, two 
triply degenerate, one doubly degenerate and one non- 
degenerate and these are found in the Raman spectrum. Of 
these, only the triply degenerate modes involve a dipole 
change so that only these two are also observed in the infra- 
red. Analysis in terms of force constants is thus difficult, 
though isotopic substitution may help. 

The use of vibrational studies for small and moderate- 
sized molecules is more limited. However, the number of 
bands expected in the spectrum is predictable from the 
symmetry of the molecule by the methods of group theory (this 
leads to the prediction above for GeH,) and thus the spec- 
trum may be used to determine which one out of a number of 
structures is the correct one. For example, a square planar 
AB, species has 3 infrared active bands (two of which are 
doubly-degenerate) and three Raman bands which do not 
coincide with the infrared modes. The ninth vibration is 
inactive in both the infrared and Raman. If this is compared 
with the prediction for a tetrahedral AB, species given above, 
it will be seen that these two shapes could readily be dis- 
tinguished unless the intrinsic intensities or spacings were 
very unfavourable. In a similar way, the two possible 
structures for a species like perchloryl fluoride could be 
distinguished, as the F CIO, structure, based on a tetrahedron, 
would have six bands active in both infrared and Raman (as 
three are doubly-degenerate) while the hypofluorite form, 
FOCIO,, has no degenerate bands and all nine vibrations 
would be seen in both infrared and Raman. 

It should be noted that structural evidence of this sort 
may be used to support a structure but does not offer 
absolute proof. As some bands are inevitably difficult to 
observe, the assignment of six bands for perchloryl fluoride 
does not prove the first structure, as it is quite possible that 
the remaining three would be too weak or too close to others 
to be observed. The negative argument is much more definite 
— observation of seven or more fundamentals would disprove 
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the first structure. Similarly, a species AB, showing three or 
more fundamentals in the infrared could not be a tetrahedron 

These examples show the type of evidence that may be 
obtained by applying arguments based on the molecular 
symmetry, using group theory. The full discussion of these 
methods is beyond our scope, but the first step is to determine 
the molecular symmetry and this is discussed in Appendix C. 

It will also be seen from these examples how valuable it 
is to be able to observe vibrational spectra both in the infra- 
red and in the Raman. Often different modes are active in 
different effects. The extreme example is provided by species 
which have a centre of symmetry (such as square planar 
AB,) where no modes are both Raman and infrared active. 
Even where all the expected modes are active in both effects, 
it is likely that bands which are weak in the infrared will 
be strong in the Raman, and vice versa. One example is 
offered by stretching modes involving similar heavy atoms 
which are often weak in the infrared, as the dipole change is 
small, but are strong in the Raman because a fairly extended 
electron cloud is moving. Thus the Si—Ge stretching mode in 
H,SiGeH,, which is allowed in both the infrared and the 
Raman, is too weak to be observed in the infrared but gives 
a strong Raman band at about 350 cm ^ ! A similar effect is 
found for many metal-metal stretching modes. 

In more complicated species, this approach breaks down 
because the number of predicted bands becomes so large 
that detailed assignment is impossible. The vibrational 
spectrum is still useful, but in a more qualitative way. First, 
certain groups in a molecule may absorb in fairly constant 
regions of the spectrum and can thus be identified. For 
example, a CN group. with its triple bond, absorbs at about 
2000 ст +, a far higher wave number than modes involving 
single bonds and heavier atoms. Thus the presence of cyanide 
as a ligand may always be detected, and similarly of CO in 
metal carbonyls. Indeed, symmetry information may be 
derived from the number of bands in the 2000 ст"! region, 


2200 2000 2200 2000 
(a) (b) 

FIGURE 7.3 C—N stretching bands in the infrared spectra of (а) 
Ni(CN)3~, and (b) Niz(CN)¢~ ions 

The CN absorption occurs in a similar region for both compounds 
(a) at 2124 стг! and (b) at 2045 ст! and 2075 cm !. The 
difference in symmetry between the two ions is reflected in the 
number of absorptions. 
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to distinguish cis and trans ML,(CN), for example, as these 
vibrations are little affected by the presence of other groups 
(compare also Figure 7.3). From the mass effect, modes in- 
volving hydrogen are also found at higher frequencies than 
those involving any other substituent and these also are 
readily distinguished. Such partial analyses are often valu- 
able, and much information may be derived by comparing 
related species. Thus. the Cl—F and CI - О — Е alternatives 
for СІОЕ above, might be further distinguished by com- 
parison with chlorine fluorides and other hypofluorite species 
to see if bands appear in regions characteristic of CI—F 
stretching or of O—F stretching. 

Finally, a purely qualitative approach may be made in 
which a complex species may be identified with a known 
compound if their spectra are identical. In this case, the 
more complex the spectrum, the more definite would be the 
identification. 


7.8 Nuclear magnetic resonance 

When an atom, such as hydrogen, with a nuclear spin of } 
is placed in a magnetic field, the spin may take up one of 
two orientations, either parallel or anti-parallel to the field 
vector. These two correspond to different energy states and, 
for hydrogen in a field of about one tesla (10* gauss) the 
energy difference is about 1072 J mol~!. This corresponds 
to a frequency of about 40 MHz. In modern instruments, 
higher fields are common and proton resonance is commonly 
run at 60, 90 or 100 MHz with iron core magnets or at fields 
from 220 to 450 MHz using superconducting magnets. In the 
experimental arrangement commonly used, the sample is 
placed in a cylindrical tube in the field and irradiated with a 
fixed frequency. The field is slightly modulated by passing a 
current through coils and energy absorption is detected at 
resonance when 


Here B is the magnetic flux density, By is the nuclear 
magneton = ei[21 Mc = 5-0505 x 1072” J T^! and gy is a 
constant, called the nuclear g factor, which is a character- 
istic of the element. 

The great value of nmr to the chemist is that the magnetic 
field actually experienced by a particular nucleus is the sum 
of the applied field and fields induced in the electrons around 
the magnetic nucleus. Thus atoms of the same element which 
are in different chemical environments resonate at slightly 
different values of the external field and these differences in 
chemical shift may be detected and yield structural informa- 
tion. In other words, the position of the absorption depends 
on the atom to which the hydrogen is bonded and on the 
other bonds nearby. The classic case is that of ethanol, 
CH,CH,OH, where the absorption due to the hydrogen 
bonded to oxygen is in a different position to the absorptions 
of the carbon-bonded hydrogens. Furthermore, the hydro- 
gens in the methyl group are in a different electronic 
environment to those in the methylene (CH3) group, so the 

absorptions duc to the two types of carbon-bonded hydrogens 
are separated. The three methyl protons are in identical 


environments, as are the two methylene ones. and the result- 
ing spectrum consists of three peaks, in the ratio of 3:2:1, 
for the three types of hydrogen atoms, and in positions 
typical of methyl, methylene, and hydroxyl hydrogens, 
An example of the ЇН nmr spectrum of an inorganic 
hydride, SiH,GeH,GeHs, is shown in Figure 7.4. There are 
three main envelopes of absorption, each showing fine 
structure—see below—in intensity ratio 3:3:2 which arise 
from the SiH;, GeH ; and GeH, protons respectively. 

Such detailed information about the environment of an 
atom may be sufficient to determine the structure, or at 
least goes a long way towards this. For example, diborane 
В.Н, (cf. section 9.6), has had a number of structures pro- 
posed for it, including an ethane-like one (A) and a bridged 
structure (B). 
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The hydrogen magnetic resonance spectrum of (A) would 
consist of only one line, as all the hydrogen atoms are 
equivalent, whereas the hydrogen spectrum of (B) would 
have two lines, in the ratio of 4:2, corresponding to the 
terminal and bridge hydrogens respectively. The latter 
spectrum is observed, supporting the bridge structure. 
Nuclear resonance may be observed for atoms other than 
hydrogen which have a spin of one half, and also for atoms 
with higher nuclear spins, although the spectra are more 
complicated in the latter cases. No resonance is possible when 
atoms have zero spin and this includes some common atoms 


D- 
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FIGURE 7.4 The! H nuclear magnetic resonance spectrum of 
SiH,;GcH,GeH, 

The resonances are, in order of increasing field (1) the triplet due 
to the SiH, protons split by coupling to the two GeH, protons, 
(2) the triplet due to the GeH, protons, also split by the GeH2 
coupling, and (3) the multiplet due to the GeH, protons split by 
coupling both to the SiH, and to the GeH, protons. Notice that 
the coupling constant, J(SiH,GeH,) is almost identical to the 
constant 7(GeH,GeH,), shown by the near-identity of the splittings 
in the two triplets. 


such as "C and '*O. Hydrogen is the easiest nucleus to 
observe but nmr studies have now been extended to practi- 
cally all the suitable isotopes in the Periodic Table. Modern 
techniques which involve observation by pulsed irradiation 
followed by Fourier transformation have greatly enhanced 
sensitivities. Wide-ranging studies on lighter nuclei include 
2Н (deuterium), !! B, *C, !*N, !*F, 295, апа 31Р. Of these, 
fluorine is the most widely studied after hydrogen, and then 
phosphorus. One example of fluorine resonance is in the con- 
firmation of the square pyramid structure of BrF, and IF, by 
the observation of two lines in the fluorine resonance, with 
intensities in the ratio 4:1, corresponding to the basal and 
apical fluorines respectively. 

Further information may be obtained from the fine 
structure of the nmr bands which arises from the effects 
of spin-spin coupling. If an atom with a nuclear spin is 
bonded to a second one which also has a nuclear spin, the 
local magnetic field will be affected by the orientation of 
the spin of the second nucleus. For example, in PH, the 
phosphorus-31 nucleus, which has a spin of 4, may be aligned 
with or against the field, giving two different local resultant 
fields. As the energy difference between the two orientations 
is so small, there will be essentially equal numbers of mole- 
cules with each P spin alignment. Thus, in the proton 
resonance signal there will be two components corresponding 
to hydrogens bonded to P atoms with spins parallel or anti- 
parallel to the external field. Thus the proton resonance 
signal is a doublet with components of equal intensities. The 
phosphorus atom also shows a resonance signal, though at 
much lower frequency, and this is split by the spins of the 
three H atoms into four components. There are four possible 
arrangements of the proton spins—all parallel, which we 
can label +4, +4, +4, or with two, one or no spins parallel 
to the field and respectively one, two or three antiparallel 
spins, labelled +4, +4, —4: +4, -4, -}: -h -4, —}. 
There are thus four different net fields and four components 
to the signal. In addition, while the +3, +4, +} and 
—4, -4, —} arrangements сап only result in one way, any 
one of the three protons may be the antiparallel one in the 
other two combinations. Thus, a net spin of +4 results 
from any one of the three sets +4, +4, —tor +4, – 5, +4 
or —4, +4, +4, and similarly for a net spin of —4. As all 
possible spin combinations are equally probable, there will 
be three times as many molecules in the sample with net 
spin +4 or — аз with net spin 3/2 or —3/2. Thus the phos- 
phorus signal becomes a quartet with relative intensities 
1:3:3:1. In asimilar way, the signal of any atom bonded to 
n equivalent atoms of spin 1 becomes an (n+1) multiplet 
with intensities in the ratio of the binomial coefficients. Such 
spin-spin coupling is not limited to atoms which are directly 
bonded, as it is transmitted via the bonding electrons, and 
it may be observed for atoms separated by several bonds. 
Thus the CH; and CH, protons in ethanol couple to make 
the methyl signal a triplet (1:2:1 intensity ratio) and the 
methylene signal a quartet. This latter may be further split 
by coupling to the OH proton. Similarly, the SiH, signal in 
SiH ,GeH ,GeH, is split into a 1:2:1 triplet by coupling to 
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the GeH; protons and the GeH, signal is also a triplet for 
the same reason. The GeH, signal is a more complex 
multiplet as these protons are coupled both to the SiH ones 
and to the GeH, ones. The resultant fine structure is seen in 
Figure 7.4. 

If the nucleus has a spin of more than $, the coupling 
splittings follow different rules. A nucleus of spin »/2 has 
n+ 1 orientations each equally likely, and this gives an (» + 1 
multiplet of equal intensities. Thus the proton signal of the 
terminal hydrogens in diborane, above, when the coupling 
to !! B with spin = 3/2 is taken into account, is a quartet 
with all components of equal intensity. 

Thus the nmr investigation gives information about the 
relative numbers of magnetic nuclei of each type in a molecule, 
from the position and intensities of the signals, and shows 
something of the structure of the molecule from the spin- 
spin coupling. 

Apart from its use in identifying compounds, information 
about reaction kinetics and exchange processes may be 
derived by studying the nmr signals over a range of tempera- 
tures. 


7.9 Further methods of molecular spectroscopy 

While nmr is concerned with reversal of nuclear spin, 
electron spin resonance involves a very similar phenomenon, 
the reversal of the spin of an electron in a magnetic field. 
This involves a higher energy than the nuclear spin reversal, 
about 10 J mol^' and thus a higher frequency of around 
28 000 MHz. In an electron pair, the spins are already 
opposed and any reversal of one spin would be cancelled by 
that of the other (the energies involved are much lower than 
those required for excitation to the triplet state where the 
spins are parallel). Thus esr measurements can only be made 
on species with unpaired electrons like radicals and transition 
element compounds. For these, changes in the electron g 
factor (compare equation (7.7), analogous to the nmr 
chemical shift, and spin-spin coupling to magnetic nuclei 
may be observed. One application is in the study of molecular 
orbitals. For example, if an electron is added to benzene to 
give the anion, CyH¢, this electron will enter the lowest 
available orbital, which is one of the antibonding orbitals. 
The detailed structure of the electron resonance absorption 
then yields information about the interaction of the electron 
in this delocalized z-orbital with the atomic nuclei, and 
hence the distribution of this z-orbital over the atoms of the 
molecule may be determined and compared with the 
calculated one. In particular, an atom lying on a nodal 
plane should not interact with the electron, and this may 
be checked. 

If an isotope, such as '!°Sn, has a metastable excited state 
which transforms to the normal ground state of the nucleus 
by emitting a gamma ray, the excited state can be used as a 
source and the ground state as target for the emission and 
resonant reabsorption of the gamma ray. This is the Möss- 
bauer effect and is made use of in Mössbauer spectroscopy. 
The striking characteristic of the effect, which makes it so 
valuable, is the extremely well-defined energy of the 
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transition. The line width is only about 10^ !? of the ener- 
gy, compared with about 1 ст! in 1000 cm ^! for a sharp 
infrared line for example. This means that the very small 
effect on the nuclear energy arising from the chemical 
environment may be detected in Mossbauer spectroscopy. 
Two interactions are important to us. First, as the nucleus 
has a slightly different radius in its ground and excited states, 
the resonance energy changes slightly with the electron 
density at the nucleus. This gives rise to a chemical shift 
whose magnitude reflects the s electron density as only 
electrons in s orbitals have any probability of being at the 
nucleus. A good example is provided by tin species where 
chemical shifts lie in the sequence Sn(IV) < Sn(0) < Sn(II). 
In metallic tin (x-form) the element has the diamond struc- 
ture with four more tin atoms surrounding each atom tetra- 
hedrally. The configuration is thus sp? giving one s electron 
per tin atom. In tin (IV) compounds, all the valency electrons 
tend to be used in bonding so that the s electron population 
is less than one (and becomes 0 for the Sn** ion). On the 
other hand, in Sn(II) compounds, there is one unshared 
pair of electrons whose configuration approximates to s?. 
Thus the order of chemical shifts in the Mossbauer follows 
from the configurations s? < stp? < 52. Clearly, inter- 
mediate shifts give information about the s electron density, 
for example shifts between those for Sn** and for the metal 
show the direction of s electron drift in bonds to covalent 
tin(IV). 

In the second phenomenon, the Méssbauer resonance may 
be split by interaction with the nuclear quadrupole moment. 
This arises where the nucleus has a spin of more than 4, 
either in the ground state or in the metastable state. The 
nuclear quadrupole moment interacts with electric field 
gradients at the nucleus, and thus the quadrupole coupling 
indicates the degree of departure from spherical symmetry 
at the nucleus. That is, the quadrupole coupling gives infor- 
mation about the p and d electron densities. A further 
interaction which may be detected in the Móssbauer effect 
is the splitting of nuclear energy levels in a magnetic field. 
This may be imposed externally or arise internally from 
ferromagnetic or paramagnetic interactions and gives in- 
formation about these. 

The main limitation of Móssbauer spectroscopy is that 
only a limited number of elements have a suitable metastable 
nuclear state, All these have very short lifetimes and occur 
in the course of some decay sequence, so that the work 
requires an irradiating source and a suitable sequence of 
nuclear decay processes. The Méssbauer effect has been 
observed, or is predicted, for 49 elements but all with 
Z 2 26 (iron), except for potassium. It is experimentally 
easiest to study iron and tin but a fair amount of work has 
been done on others including Te, I, Xe, Au and several of 
the lanthanides. It has the advantage that the sample need 

only be a powder, so that it provides a method of studying 
insoluble, poorly crystalline materials of the heavier elements 
which are difficult or impossible to study in any other way. 

One further spectroscopic technique which is making an 
impact on modern inorganic chemistry is mass spectroscopy. 


This is the refinement of Aston's method of determining 
isotope weights and has been extensively used by organic 
chemists in the last decade. More recently, extensive studies 
of metal carbonyls and organometallic compounds have 
appeared and other inorganic applications are becoming 
common. 

In the experiment, a stream of the vapour of the substance 
to be studied is passed through a beam of electrons of energy 
usually in the region of 70 eV. These ionize the molecules, M, 


M+e = M*+2e7 


and the resultant ions may fragment to daughter products, 
radicals, and ions, 


M* = M'4-M"* 


The ions are passed through a magnetic field, and in many 
cases an electric field as well, and resolved into species with 
the same m/e ratio. The resolved peaks are detected to give 
the mass spectrum. If the parent ion M* can be detected (in 
some cases it is not) its mass may be measured with high 
accuracy and yields the molecular weight of the molecule. 
'The use of double focusing (magnetic and electrical fields) 
yields masses accurate to about | ppm and thus allows 
analysis. For example, CO may be distinguished from '*N, 
or from ?5Si. The fragmentation path may also give useful 
information, and related compounds often have similar 
fragmentations. For example, metal carbonyls М(СО), 
lose CO groups stepwise so that ions M(CO); are observed 
for all values of x from n to 0. By varying the energy of the 
electron beam, the minimum energy required to ionize the 
molecule, or one of its fragments, may be determined, 
leading to values of the ionization potentials and informa- 
tion on bond energies. 

A vapour pressure of only a fraction of a millimetre of 
mercury is required, and provision is made for heated 
samples, so that any species with a significant vapour 
pressure up to about 300 °C may be examined. The technique 
may thus be applied to a wide range of inorganic mole- 
cules. 


7.10 Fourier transform methods 

All the spectroscopic methods discussed above were devel- 
oped using a sequential, point-by-point scanning of the 
wavelength region of interest. Such methods are slow, 
needing anything from several minutes to many hours for 
accurate infrared or nmr studies, for example. When methods 
are of low intrinsic sensitivity, such as nmr, the slowness limits 
the chance of improving sensitivity by repeated scanning. A 
solution to this problem is to replace the point-by-point scan 
with the simultaneous observation of the whole spectral 
region. This excites all the transitions simultaneously, and the 
resulting signals are found as beating patterns which can be 
analysed by the mathematical process of Fourier Transform- 
ation. With the development of computers, the Fourier 
calculations are rapidly performed, and the tec hnique is now 
standard. As the observation time is short, this allows (a) 
much enhanced sensitivity (as the results of up to many 


thousand scans may be summed) and (b) experiments on a 
very sbort timescale. d 

The principal technique where the enhanced sensitivity 
was important is nmr, as indicated above. Here, because the 
energy ofthe transition is so low, the population of the excited 
state very easily becomes equal to the ground state and the 
signal disappears (called ‘saturation’). The Fourier Trans- 
form method avoids this problem by using a short pulse of 
radiation, followed by a pause while the populations revert to 
thermal equilibrium. Measuring this relaxation time gives a 
further parameter not easily available from the older experi- 
ment. In modern studies every isotope with a nuclear spin is 
accessible, which means that practically every element in the 
Periodic Table yields at least some information. For the easier 
nuclei, the enhanced sensitivity allows work at lower con- 
centrations, on metal carbonyls using 13G at natural abun- 
dance, for example. Other major improvements arise because 
the computer may also be used to control and vary the 
experiment. For example, by irradiating with a sequence of 
pulses: of different character, signals may be decoupled, 
enhanced in sensitivity, correlated, or separated from noise. 
Thus, in a complex molecule such as a polytungstate 
(section 15.4) two-dimensional nmr methods allow a struc- 
tural determination in solution as it is possible to determine 
which atom bonds to which. In cases like this, where the 
species in solution may not be the same as the one isolated asa 
crystal, the method gives unique information. Other striking 
examples include studies on hydration and hydrolysis (a 
classic is of aluminium ions using 7’Al nmr), and the work on 
polyphosphorus compounds described in section 18.3.1. 

The advantages of enhanced sensitivity or shorter timescale 
apply fo all techniques, and are of particular advantage 
where the sensitivity of the method is intrinsically low, as in 
Raman or far-infrared spectroscopy. Of equal importance, 
even in methods of reasonable natural sensitivity, has been the 
reduction in the timescale of the experiment. This allows the 
study of short-lived species under actual conditions. Thus, 
infrared studies of the catalytic oxidation of hydrocarbons has 
allowed the detection of intermediates like CH3O-M as 
transient intermediates on metal or metal oxide catalyst 
surfaces. 

Finally, we note that, although Fourier Transform 
methods were a major motivation to add computers to 
spectrometers, computers have had other major impacts. 
Most intermediate and advanced level instruments are now 
operated more or less under computer control, and the data 
output is processed by computer. The possibility of ac- 
cumulating a number of spectra to improve sensitivity is 
important even where point-by-point scanning is used, for 
example in Raman spectra. As well as allowing expansion, 
smoothing determination of maxima and so on, the computer 
is useful in matching with library spectra, subtracting 
background or solvent absorptions, and further calculation of 
quantities like concentrations or absorption coefficients. 


7.11 Other methods 
Other methods of investigating inorganic compounds include 


magnetic measurements and the measurement of dipole 
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moments. If a sample of a compound is weighed in a mag- 
netic field and then in absence of the field, a weight change 
will be observed. Most compounds are repelled by the field 
and show a decrease in weight; these are termed dia- 
magnetic. The diamagnetism arises from the repulsion 
between the applied field and induced magnetic fields in the 
compound, and is a very small effect which occurs for all 
compounds. However, some compounds show a net attrac- 
tion to a magnetic field and an increase in weight; these 
are termed paramagnetic. The paramagnetism arises where 
there are one or more unpaired electrons in the compound, 
and is a much larger effect than diamagnetism. An unpaired 
electron corresponds to an electric current, and hence to a 
magnetic field, by virtue of two effects, its spin, and its 
orbital motion. In most compounds, the effect of the orbital 
contribution is quenched out by the electric fields of sur- 
rounding atoms, and the spin-only magnetic moment is 
observed. This is given by: 


и = 2/[S(S+1)] 


where и is the magnetic moment in units of Bohr magnetons, 
and $ = 4n equals the number of unpaired spins multiplied 
by the spin quantum number. This formula holds, to within 
ten per cent, for most compounds, allowing a direct deter- 
mination of the number of unpaired electrons. In some cases, 
particularly when the unpaired electrons are in an f orbital, 
the orbital contribution is not quenched out and a more 
complex formula: 


и = AJ [4S(S--1) - L(L-)] 


which involves the orbital quantum number, L, holds (see 
Figure 11.5). In some cases, the determination of the number 
of unpaired spins gives direct structural information. For 
example, consider a nickel(II) compound NiL,.2S, where L 
is any ligand and S is a molecule of solvent. If the solvent 
molecules are not coordinated to the nickel, the NiL, species 
could well be square planar and have no unpaired electrons, 
while coordinated solvent would mean an octahedral 
NiL4S, species with two unpaired electrons (compare section 
14.8. 

It is possible to gain much more detailed information from 
magnetic measurements than is indicated above. Other 
effects such as ferromagnetism and anti-ferromagnetism are 
observed, and much valuable information results from study- 
ing the variation of magnetic moment with temperature, 
concentration, and field strength. However, the simple Gouy 
method of weighing the sample in a magnetic field is readily 
carried out and yields considerable information, especially 
in transition metal chemistry. 

The measurement of the dipole moment of a compound 
may also yield useful structural information. As any bond 
between atoms with different electronegativities is polarized, 
any molecule will have a dipole moment unless such bond 
dipoles are so arranged as to cancel out. Asa simple example, 
if CO, is linear, the two C— О dipoles oppose each other and 
no resultant moment is observed, while if the molecule is 
bent a resultant dipole is observed (Figure 7.5). The figure 
also illustrates, as a further example, how cis and trans 
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FIGURE 7.5 The use of dipole moments to yield structural information 
Figure (a) shows how the two C—O moments cancel in linear 
O - € - O but would give rise to a resultant moment if the molecule 
was V-shaped. As СО, is observed to have no dipole moment, the 
linear structure is the correct one. Figure (b) shows how a cis square 
planar complex MA,B, will have a resultant moment while the 
trans form will not. 


isomers may be distinguished by dipole moment measure- 
ments. Care, however, must be exercised in interpreting 
dipole moments: thus, NF, has an almost zero dipole 
moment (whereas NH, has a marked moment), not because 
the molecule is planar as once thought, but because the bond 
and lone pair dipoles cancel. However, with care in inter- 
pretation, dipole moments have proved a very useful adjunct 
to structural determinations, and the method—like the mag- 
netic measurements above—has the advantage that it does 
not destroy the sample, and adaptations are available which 
require only a small amount of material. 


Determination of energy levels 


7.12 Photoelectron spectroscopy 

When a molecule, M, interacts with a quantum of ultraviolet 
radiation, it is possible for all the energy of the quantum to 
be used in expelling an electron from a valence level orbital 


Mtv SM +е.............. (7.8) 


The quantum energy has first to provide the ionization 
energy, /, of the electron, and the remainder appears as the 
kinetic energy, E, of the expelled electron. A small part 
of the energy, Б, may also be used in exciting vibrations 
of the molecular ion, M*, and there are other small correc- 
tions which need not concern us. Thus the energy equation is 


Е = ћу = [+ Ель + Кан КОЛЛ (7.9) 


If we use monochromatic radiation, Av is fixed and is known. 
The energy of the electron can be measured by finding the 
size of repelling electric field which just stops the electron 
reaching a detector. Thus we can determine the ionization 
energy (equation 7.10 


D | a | ш (7.10) 


Since vibrational energy is quantized (and the quantum is 
much smaller than /) we observe a series of bands corres- 
ponding to Z + nhv,;, where n is the change in the vibrational 
quantum number and may take the values 0, 1, 2... ete. 
Thus the band of lowest energy of the series represents the 
value of /, and the separations give the vibrational energy of 
M*. This is clearly seen in the photoelectron spectrum of H, 
(Figure 7.6) The lowest energy component about 15:5 eV 
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FIGURE 7.6 The photoelectron spectrum of Н, 


gives the ionization energy and the separation, which corres- 
ponds to 2260 cm! is the vibrational energy of H7. Note 
that the vibrational spacing decreases, as more and more 
quanta are excited, as the ion moves towards its dissociation 
limit at about 18 eV. 

If we compare with Figure 3.7b (and making certain 
assumptions which are discussed in the references) we can 
identify the ionization energy /, as the stabilization energy of 
an electron in the orbital fg. That is, / is the difference in 
energy between the фр level and the energy zero which 
(compare sections 2.6, 2.7) corresponds to the complete 
separation of electron and remaining ion. Consequently, 
Figures 3.7b and 7.6 may be combined as in Figure 7.7. In 
this way, we can usc photoelectron spectra to determine by 
experiment the energies of occupied orbitals. 

Note that photoelectron spectroscopy gives no direct infor- 
mation about the unoccupied level $4. However, ordinary 
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FIGURE 7.7 Energy level diagram and photoelectron spectrum of H, 


electronic spectroscopy (section 7.6) does give the difference 
between $g and $4 (the с — 6* transition, found in the 
ultraviolet for H5). Thus these two techniques, in combi- 
nation, can fix all the levels in molecular energy level 
diagrams. 

In more complex molecules, where a number of valence 
level orbitals are occupied, the ionization from each is ob- 
served (in different molecules of the sample of course) and a 
spectrum with several bands is obtained as in Figures 3.23 or 
4.2]. 


The energy source 

Monochromatic radiation (i.e. all quanta of same energy) 
is needed, and the most convenient experimental source is 
the helium (I) emission, with a quantum energy of 21-218 eV 
(2047-4 kJ mol^!, wave length 58:43 nm). This arises from 
the ly > 2p excitation. This energy is sufficient to ionize most 
of the valence level electrons. For more tightly bonded levels 
the helium (II) line (40-81 eV or 30-4 nm) arising from He*, 
is used but is experimentally more difficult. Thus ionization 
energies of more than 21 eV are generally known with rather 
lower accuracy and are not always determined. 

If a quantum of much higher energy is used, in the X-ray 
region of the electromagnetic spectrum, then the most tightly 
bound electrons from the inner closed shells are ionized. This 
X-ray photoelectron spectroscopy (XPS) is of less direct interest to 
us than ultraviolet photoelectron spectroscopy (UPS), and it is the 
latter which is referred to when the general phrase photoelectron 
spectroscopy or PES is used. However XPS does give chemical 
information since, although the inner shell electrons, such as 
the 15 electrons of C, N or О, are not involved in bonding, 
there are small changes in their energies with changes in their 
chemical environment. For example, the oxygen 1s binding 
energy in RMn(CO); changed from 538-8 to 540:3eV as R 
varied from C,H, to SiCl, and this change correlated with 
other measures of the degree of electron back-donation from 
Mn to CO in these molecules. 

XPS and UPS are usually carried out with quite different 
instruments, and there have not been many studies on the 
same molecule. Jolly (see reference) has recently emphasized 
the advantages of using the two techniques in conjunction. 
Basically, XPS reflects the effects of the nuclear charge and 
the overall electron shells, while UPS depends on these core 
effects plus the valency level ones. XPS can thus be used to 
allow isolation of the valency effects in UPS, and hence 
greatly expand the approach to valency energy levels. UPS 
results are used in other chapters: X-ray PS methods are 
further described in the references. 


Experimental 

Ultraviolet photoelectron spectroscopy is carried out on a gas 
sample, at relatively low pressure, which is irradiated with a 
collimated, monochromatic beam. The expelled electrons are 
sorted according to their kinetic energies by passing them 
through a retarding field. The electron count is plotted 
against the ionization energy (which is the photon energy less 
the electron kinetic energy). 
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For X-ray photoelectron spectroscopy, solids may be used 
as well as gases. There is no convenient monochromatic 
source between the ultraviolet (40—50 eV) and the X-ray 
region (1000—1500 eV) and little work has been done on the 
intermediate region. 


Vibrational structure 

The spacing of the vibrational fine structure gives the vi- 
brational frequency of the molecular ion, М“, resulting 
from the ionization. If the electron was lost from a bonding 
orbital in M, then M* will be less tightly bound, it will re- 
quire less energy to stretch the bond, and thus the vibrational 
frequency in M* will be lower. For example, the frequency 
of 2260 ст! in Hj compares with 4280 cm ^! for Н, (com- 
pare section 3.3, especially Figures 3.7a and 3.7b). 

Conversely, loss of an antibonding electron. would lead 
to a higher stretching frequency for M *. If a non-bonding 
electron is lost, there will be little change. Not all changes are 
as large as those for hydrogen, and the accuracy of measure- 
ment of the frequency from photoelectron spectra is much 
less than by other methods such as infrared spectroscopy. 
However, the vibrational frequencies are a very valuable 
guide to the assignment of ionizations to particular orbitals. 

In addition to the frequencies, the number of vibrational 
components and their intensity pattern also vary with the 
bonding character of the lost electron. The detailed argument 
is given in the references, but their characteristics may be 
summarized as in Table 7.2. 


TABLE 7.2 Vibrational structure of photoelectron bands 


Vibrational 
Orbital from frequency 
which in M* Number of Most intense 
electron is compared vibrational vibrational 

ionized with M components components 
bonding markedly smaller large near centre 
non-bonding similar small first 
anti-bonding similar or larger medium near centre 
Example NO: stretching frequency 1890 cm ^ : 
bonding 7 1200 8 4th 
non-bonding с 1610 3 Ist 
antibonding л 2260 5 2nd 


Polyatomic molecules show much more complex vibrational 
structure, since a number of different vibrational energies 
may be involved. Often the individual components are not 
resolved but only the overall envelope is seen. Even in this 
case, non-bonding ionizations tend to give sharp asymmetric 
envelopes, steepened towards the leading edge while bonding 
and antibonding envelopes are rounder and more symmetric. 
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73 Consider how each method reviewed in this Chapter 
contributes to the basic scheme for identifying an unknown, 
given in Figure 3.1. Note that some methods, like chroma- 
tography, are precursors to the scheme in providing the 
unknown as a single substance, and other methods like 


photoelectron spectroscopy, extend the scheme to 
bonding or other properties in terms of the st 
formula. 


7.2 Ifa compound occurs only (a) as a gas or (b) as a sol 
discuss the limitations imposed on the experimental тей 
available for its study. 


8 General Properties of the Elements 


in Relation to the Periodic Table 


8.1 Variation in energies of atomic orbitals with 
atomic number 


In Chapter 2 the derivation of the existence, shapes, and 
energies of the atomic orbitals from the wave equation was 
described and it was shown how the structure of the Periodic 
Table could be derived by filling the atomic orbitals in order 
of increasing energy. A more detailed discussion of the pro- 
perties of the elements demands a closer look at the variation 
in energy of the atomic orbitals as the atomic number 
increases. 

Consider first the s orbitals. The energy of an electron in 
the 1s orbital of a hydrogen-like atom of atomic number Z, 
is — Ze? /81€9a9; so that the energy decreases as Z increases. 
As the nuclear charge and the number of electrons in the 
atom increase, account must be taken of the repulsive effect 
of the extra electrons, as well as that of the increased nuclear 
charge. This is done by replacing the actual nuclear charge 
Z, by the effective nuclear charge, Z*, which is the resultant 
of the nuclear charge and the electron charges as experienced 
by an electron in a particular orbital. For example, the 2s 
electron in lithium experiences an effective charge which is 
the resultant of the nuclear charge of +3 and the charges of 
the two Is electrons. The effect of the inner electrons in 
reducing the effective charge experienced by the outer one 
is termed shielding. If the shielding effect of the two 15 
electrons in lithium were perfect, the outer electron would 
experience an effective nuclear charge, Z*, of 1-0 (3-2), but 
the 2s orbital has finite electron density at the nucleus (see 
Figure 2.9b) so that an electron in the 2s orbital penetrates 
the 15 shell and thus experiences a greater nuclear charge 
than that calculated from perfect shielding. The result of 
shielding by inner electron shells is that the effective nuclear 
charge experienced by the outer electrons in an atom is 
always markedly less than the actual nuclear charge, Z, but, 
as the shielding is not perfect, the effective nuclear charge 
increases as Z increases, but more slowly. A useful indication 
of the shielding effects is given by Slater's rules which are sum- 
marized in Table 8.1. 
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Other, more detailed, methods of allowing for shielding 
have been proposed, but the Slater scheme represents the 
principles and needs no information outside the quantum 
numbers. 

Application of these rules shows that the effective nuclear 
charge experienced by one 15 electron in, say, carbon is 5-7 
and in nitrogen, 6-7. Similarly, a 2s electron in carbon 
experiences an effective charge of 3-25, while a nitrogen 2s 
electron experiences a charge of 3-9. Such calculations, or 


TABLE 8.1 Slater's rules for shielding contributions 


The effective nuclear charge, Z*, is given by 2—0, where т 
is the sum of the shielding contributions of all the other 
electrons in the atom, as follows 


Principal quantum number, n, Mem мәт 
of shielding electrons Shielding contribution, с 

n higher than principal 

quantum number of the 


electron under consideration zero 


0-35 (for each electron) 
except that 0-30 is used 
for с for a 15 electron 
acting on the second 15 
electron 


n equal to principal 
quantum number of the 
electron under consideration 


n is one less than the 
principal quantum number 
(a) for an s or p electron 
under consideration 
(b) for a d or f electron 
under consideration 


0-85 


1-00 


nis less by two, or more, 
than the principal quantum 
number of the electron under 


consideration 1:00 
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FIGURE 8.1 Energies of the lower s and p orbitals as functions of Z 


direct experimental determination of energy levels by 
electron spectroscopy in one of its forms, allows the construc- 
tion of diagrams showing the variation in energy levels with 
atomic number, such as Figure 8.1. 

In this figure, the energies start at the calculated values for 
H, and fall off with Z (the scale is logarithmic) so that the 
electron is increasingly tightly held. One measure of the 
energy involved is given by the subshell binding energy 
measured by X-ray photoelectron spectroscopy. This energy 
is that required to remove one electron from a specific subshell 
in a free atom, say the energy to remove a 15 electron from a 
free C atom. For removal of the first electron, this is the 
same as the ionization potentials, but successive ionization 
potentials involve removal of electrons from ions (e.g. the 5th 
ionization potential of C is the energy to remove one 15 
electron from a C** ion). Some binding energies are listed in 
Table 8.2. 


TABLE 8.2 Free atom subshell binding energies (eV) 


H He 
15 13:6 24-6 

Li Be B с N [9] Е Ne 
15 58 115 192 288 409 538 694 870 
2t 54 93 129 166 203 285 2379 485 
2p 83 113 145 136 174 216 


Na Mg Al Si P S Cl Ar 
15 1075 1308 1564 1844 2148 2476 28928 39206 


25 66 92 121 154 191 232 277 396 
2p 34 54 77 103 134 168 207 249 
3s 52 76 106 135 162 202 245 299 


3p 60 82 105 104 130 158 
Note: p values averaged over two multiplicities. 


In hydrogen-like atoms, the orbital has the same energy 
as the s orbital with the same value of'n, but in all atoms with 
more than one electron, shielding effects come into play. The p 


orbital is more shielded than the corresponding s orbital as it 
does not penetrate so far towards the nucleus. It accordingly 
experiences a smaller effective nuclear charge and is of higher 
energy. The curves of p orbital energies v. atomic number run 
roughly parallel with the curves of the corresponding s 
orbitals as Z increases (Figure 8.1). The gap in energy 
between the s and р orbital of a given л value is much smaller 
than that separating the p orbital and the s orbital with the 
next higher л value. 

The case of the d orbitals is more complicated. Figure 8.2 
shows the variations in energy with increasing Z of the 3d 
orbital with respect to the 3s, 3p, 4s and 4р orbitals. The 3d 
orbital has the same energy as the 3s and 3f orbitals in the 
hydrogen atom and, since it scarcely penetrates the first and 
second quantum shells at all, it is perfectly shielded from the 
increase of nuclear charge as these two atomic levels are 
filled. Thus the 3d level is subject to the same effective 
nuclear charge (about unity) for Z values up to Z — 10, and 
the plot of the 3d energy against Z remains level. On the 
other hand, the 4s and 4 orbitals— which are of consider- 
ably higher energy than the 3d orbital in the lightest elements 
—do penetrate the inner electron shells significantly, are less 
shielded, and drop steeply in energy as Z increases. When 
the 3s and 3p levels are filling, the 3d level still remains almost 
unaffected and the energy of the 4s level falls below it at 
about Z = 15. As a result of this, when the 3p shell is filled 
at argon, the next lowest energy level is 45 and not 3d. The 
nineteenth and twentieth electrons therefore enter the 45 
level, into which the 3d level does strongly penetrate. It 
experiences a marked increase in effective nuclear charge, 
and its energy falls from being nearly equal to that of the 4p 
level towards that of the 4s level. The twenty-first electron 
and the next nine enter the 3d level whose energy falls below 
that of the 45 level. As these two remain very close in energy, 
electrons readily switch between them; for example, copper, 
which might be 34°45, is actually 34!945!, and gains the 
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FIGURE 8.2 Energies of the 3rd and neighbouring orbitals as functions of Z 
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FIGURE 8.3 The variation of the energies of the atomic orbitals with atomic 
number. Compare Figure 2.4 which shows relative energies at the Z values 
where the orbitals start filling. 


extra stability of the filled d shell by transferring an s electron. 
When the 34 shell is filled, the level next in energy is the 4p 
orbital. This filled d shell introduces an extra shielding effect 
on the higher orbitals, and the energy gap between the 4p 
and 5s levels at Z = 36, where the 4f level is filled, is larger 
than that expected by simple extrapolation from the 25-3: 
and the 3p—4s differences. 

A similar effect occurs for the 4d level relative to the 5s one, 
and the f levels show analogous relationships, Figure 8.3. As 
the f orbitals are even less penetrating than the d levels, an 
extra quantum shell is filled before they become involved. 
The 55, 5p, 65, 6p and 5d levels all drop below the 4f level in 
energy, as Figure 8.3 shows. The filling order is 5s, 4d, 5p, and 
then 65. Both the 4fand 54 levels are strongly affected by the 
filling of the 6s level and drop very steeply in energy below the 
6p level, but remain almost equal in energy to each other. 
Lanthanum, which comes after the 6s level is filled, has its 
outer electron in the 5d shell, but the following element 
cerium has the outer configuration 4f 2519652. The next 
electrons fill 4f, with minor variations at the half-filled and 
filled levels (compare Table 11.1), then 5d and 65. For the 
heaviest elements, where 5/ and 64 are even closer, the 
configurations follow the same general principles with vari- 
ation in detail (Table 12.1). 


8.2 Exchange energy 
The energy of an electron in an orbital depends on other 


factors besides the attraction of the nuclear charge and the 


electrostatic interaction between the electrons. There is a 


second, quantum-mechanical, interaction between electrons 
which is known as the exchange energy. There is no classical 
analogue to this energy which derives from the indistin- 
guishability of electrons and the arrangement of their spins. 
The exchange energy is a function of the number of pairs of 
electrons with parallel spins, ic. Esx = А x P, where K is a 
constant and P is the number of pairs of parallel electrons. 
P is equal to the combination ,C, where n is the number of 
parallel spins, i.e. P has the following values: 


n 23 4. 8&8 5 7 


п(я~ 1) 


0.1.3.6 10 15 21 


Р = 


This energy is at the basis of Hund's Rule that electrons 
which enter orbitals of equal energy have parallel spins as 
far as possible. For example, the exchange energies for the 
various possible configurations of the electrons in the three 
p orbitals are shown below (note that the parallel and anti- 
parallel electrons act as independent sets). 


Loss of 
Number Exchange energy if Exchange energy — energy in 
of elec- Hund's Rule is for maximum latter case 
trons followed ( х К) pairing ( x К) (x K) 
1 1 0 1 0 0 
2 TT 1 1} 0+0 1 
e vem e 3 t1 1+0 2 
FNTT 3+0 flf 1+1 1 
dede ai idi SPLITTET SEI 0 
o opm 3+3 TL Tl Tl 3+3 0 


duetospins 1 |  duetospin] | 

Although the exchange energy is relatively small, it 
becomes significant when similar species are compared, as it 
changes with the number of electrons in a different way from 
the larger attractive and repulsive forces. An example of the 
stabilization due to exchange energy has already been noted 
in the case of the ground state of copper. The exchange energy 
of the actual configuration d!95! is 20K, from the two sets of 
five parallel electrons in the d shell. The energy of the 
alternative configuration d?s? is 16K (from a set of five plus a 
set of four in the d shell; the two 5 electrons are antiparallel of 
course). The exchange energy gain thus favours the d!? 
configuration, but against this must be set the loss in orbital 
energy in moving the electron from the 4s orbital to the 3d 
one. In the case of copper, the gain in exchange energy more 
than balances this loss, while in the case of nickel, which has 
the configuration ds? but could be d'55?, the balance appears 
to lie the other way and the former configuration is ground 
state. That the balance of energies is very close is shown by the 
configurations in the nickel and copper Groups: 


nickel 34845? palladium 4d!9559 platinum 5d*6s! 
copper 3d!?4;! silver 4d!95s! gold 54!96;! 


The exchange energy contributes to the stability of filled 
shells, and also shows the greatest relative change at the half- 


126 GENERAL PROPERTIES OF THE ELEMENTS IN RELATION TO THE PERIODIC TABLE 


filled shell electron count. Illustrations are to be found in the 
ground state configurations of transition and inner transition 
atoms where the dř and /7 half-filled shells are favoured. 
Examples can be found in Table 2.5, including the configur- 
ations of chromium and gadolinium and their neighbours. 
This preference for half-filled and filled shell configurations is 
general in the Periodic Table, although the nice balance of 
energies means that configurations are not readily predictable 
(compare the ground state electronic configurations of the 
second transition series from ytterbium to cadmium in 
Table 2.5). The examples quoted so far have been confined to 
the ground states of atoms, but the stability of these special 
arrangements also shows up in the general chemistry of the 
elements. Manganese, for example, is particularly stable in 
the + П state which is a d? configuration. 

The interelectronic forces and the changes in nuclear 
charge play an important part in determining the stability 
and configurations of ions, but it must be noted that it is not 
possible to determine the detailed chemistry of an ion from 
the ground state configuration of its parent atom. For 
example, in most of the transition metals the (n-- 1) s shell 
is filled while the nd level is only partly occupied. That is, in 
the atom the s shell is more stable than the d shell. However, 
when any of the transition elements form ions, it is always 
the s electrons which are lost first. Further, once one or more 
electrons are lost from an atom, the order of orbital stabilities 
is not necessarily the same as in the undisturbed atom. Thus, 
europium has the configuration, 4f75d°6s2, while the next 
two elements have the configurations /7415? and f9495?, yet 
all three lose three electrons to give a stable trivalent cation 
of valency configuration f°, / and f? respectively, just as if 
each element had had the outer configuration *dis^. 


8.3 Stable configurations 

With the reservations expressed above, it is possible to 
generalize about stable electronic configurations by consider- 
ing the interplay of the nuclear attraction, the repulsion by 
electrons already present, particularly one in the same 
orbital, and other effects such as exchange energy. If a line is 
drawn in Figure 8.3 through the points at which the orbitals 
fill, it follows an irregular path. From H to He, it drops along 
the Is curve so the energy is more negative and it takes nearly 
double the ionization potential to remove the first electron 
from He. The third electron leaps up to the 2s curve and the 
fifth to the 2p curve, and then the last electron becomes 
steadily more tightly bound until the second quantum shell is 
filled at Ne. Similar jumps occur as we continue through the 
Periodic Table, with the largest between the np and the 

n+ 1): levels. If we add to this the more detailed effects of 
the electron configuration, we can understand the variation 
across a Period as shown in Figure 8.4. From the value of 
24.6eV to remove the first electron from He, the potential 
drops sharply to 5.4 eV for Li because the least tightly held 
clectron is in a new quantum shell, further from the nucleus 
and quite effectively shielded by the inner 15 electrons. From 
Li to Ne, there is an overall strong increase in the ionization 
potential, as the effective nuclear attraction is increasing and 
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FIGURE 8.4 Variations of first ionization potential across the First Short 
Period 


the electrons are being added in the same shell. The ls orbital 
binding energies show the unshielded nuclear charge effect. 

The finer detail in Figure 8.4 results from the differences 
between the s and p orbitals. As the electron in the р orbital 
has less probability of being close to the nucleus than an s 
electron, the first p electron, at B, is relatively less tightly 
bound than the Be ғ electron. The potential then rises for three 
successive elements as the nuclear charge increases and the 
electrons enter the three different p orbitals, maximizing 
exchange energy and minimizing interelectron repulsions. 
The fourth p electron has to be placed in an orbital already 
occupied so that there is no gain in exchange energy and a 
significantly increased repulsion. Thus it takes less energy to 
remove the first electron from O than from N. Alternatively 
expressed, the half-filled shell at N shows up relative to the 
configuration with one less electron, at C, or with one more 
electron, at O. Similar relative effects can be discerned at p? 
for other elements—e.g. compare the second and third 
potentials of F with its neighbours. Finally, filling the last 
three electrons into the 2p orbitals shows smoothly increasing 
ionization potentials, 

The energy gaps between successive levels with the same / 
value decrease as the n values increase, so that all the atomic 


orbitals get closer in energy as the atomic number increases. 
This trend is not completely regular, and larger than average 
energy gaps occur between the 4p and 5s levels where the first 


set of d orbitals has been filled, and between the 6p and 7s 
levels where the first of the / levels comes. These energy 
jumps reflect the poorer-than-average shielding powers of 
d and f electrons. 

Apart from the major discontinuities at the rare gases, there 
is also a gap in energy wherever the outermost electron enters 
а new atomic orbital. These gaps correspond to stabilization 
of the filled shell configurations, 5$, d^, and /'<4'%2, 
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FIGURE 8.5 Variation of the first ioniza- 
tion potential across the First Long Period 
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before the p orbitals are occupied, and also suggest the 
possibility of transfer of s electrons into the d shell to give the 
4\9 configuration, or of d electrons into the J shell to give the 
f'* arrangement, which was discussed in the previous 
section. 

As the ionization potentials measure the energy required to 
remove the least tightly bound electron from an atom or ion, 
values reflect the stability of the configuration from which the 
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FIGURE 8.7 Variation of the first ioniza- 
tion potential with Z 
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electron is being removed. Table 2.8 gives the ionization 
potentials of the elements. 

The stability of the rare gas configurations can be seen, 
both from the high energies required to remove an electron 
from the rare gases themselves, and from the leap in the 
values of the potential when the rare gas configuration has 
to be broken (i.e. when the second electron is removed from 
an alkali metal, the third electron is removed from an 


atomic number. Z 
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alkaline earth, the fourth electron from a boron Group 
element, etc.). The very low first ionization potentials of the 
alkali metals, and, to a lesser extent, the low first and second 
potentials of the alkaline earths, show how loosely held are 
the first one or two electrons outside the rare gas con- 
figuration. 

The relative stabilities of filled and half-filled shells show up 
when the variation of the first ionization potentials across a 
Period is plotted. Figures 8.4 and 8.5 show such plots across a 
short and a long Period respectively. 

As the atomic size increases within a Group, where the 
outer electronic configuration is the same, it becomes easier 
to remove the outermost electrons and this is shown by a 
decrease in the ionization potentials down a Group. Figure 
8.6 shows this for the first ionization potential of the alkali 
metals and for the sum of the first three potentials of the 
boron Group. In the latter, the effect of the insertion of the 
first d shell is shown by the potentials of gallium, and that of 
the presence of the f series by the value for thallium. These 
effects are most marked in the boron Group, which follows 
immediately after the transition series, but they continue to 
show in the rest of the p block of elements, both in the 
ionization potentials and in small discontinuities in the 

chemistry of gallium, germanium, arsenic, selenium, and 
bromine. The complete graph for all the elements is shown in 
Figure 8.7: ionization potentials increase from left to right 
across a Period and decrease with increasing atomic weight 
down a Group. The variation for elements filling an s or p level 
is much greater than that for the d or f elements. 

Since the electron affinities measure the energy of the 
process converse to ionization, the energy of gaining an 
electron, the stable configurations are similarly reflected in 
the electron affinities, as the values in Table 2.9 show. Thus 
the addition of an electron to a halogen atom is exothermic, 
where the electron fills up to the rare gas configuration, while 
the addition of an extra electron to the rare gases is an 
endothermic process. Similarly, for the copper Group a large 
negative electron affinity marks the tendency to complete the 
d'°s? configuration. The values for the alkali metals, the 
chromium Group and the carbon Group show the tendency 
to attain, respectively, 52, d and р? configurations, while the 
values for the succeeding groups are markedly lower showing 
that the addition ofa further electron to the filled or half-filled 
shell is a much less favoured process, However, less weight can 
be put on the trends in electron affinities as the values are 
more tentative than those for ionization potentials, 


8.4 Atomic and ionic sizes 

The definition and determination of the various sets of 
atomic and ionic radii is discussed in section 2.15. It is possible 
to derive an approximately self-consistent set of atomic radii 
which apply to all the elements and these are shown in 
Figure 8.8, plotted against the atomic number. A similar set 
for real or hypothetical cations and anions with the rare gas 
structures are shown for the Main Group elements in 
Figure 8.9. Figure 8.8 has many features in common with the 
ionization potential plot of Figure 8.7. The main discontinu- 
ities in size come between the rare gases and the alkali metals 
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FIGURE 8.8 Variation of ‘covalent’ atomic radii with Z 
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FIGURE 8.9 Variation of ionic radii, corresponding to rare gas configura- 
tions, with Z, for Main € sroup elements 


where the outermost electron has to enter a completely new 
quantum shell. There is thus a marked increase in size and a 
marked decrease in ionization potential at this point. Due to 
the imperfect shielding of the valency shell electrons by each 
other, the effective nuclear charge increases, on average, 
across a Period. The outer electrons become more and more 
tightly bound and the atomic radius decreases while the 
ionization potential increases, The discontinuities at the filled 
shell configurations are particularly clear. The slow changes 
across the d and f series contrast markedly with the sharp 
changes in the s and р blocks, and the general decrease in size 
across the lanthanide series has a noticeable effect in reducing 
the sizes of the following elements. 

The variation in atomic size may be generalized as a 
decrease on going from left to right across a Period and an 
increase in going down a Group. These changes are the exact 
reverse of the ionization potential changes, as would be 
expected. The changes in ionic radii generally reflect these 
changes in the atomic sizes 
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The parallelism between the changes in radius and ioniza- 
tion potential is not, of course, accidental but follows from 
the existence and arrangement of the atomic orbitals. Both 
the size and the ionization potential would be expected to 
change as the number of electrons in the atom increases, and 
this change would be discontinuous whenever a new orbital 
was occupied. The inter-electronic forces, including both the 
clectrostatic repulsions and the exchange forces, modify this 
pattern of change but leave the main outlines. The change 
embodied in the effective nuclear charge clearly affects both 
the extension of the electron cloud and the energy required 
to remove an outer electron. The property of electro- 
negativity discussed in section 2.16 is a summarizing para- 
meter which gives effect to the pattern of changes discussed 
above. It will be seen from the electronegativity values given 
in Table 2.14 that these increase towards the right of the 
Periods and decrease down the Groups. In addition, they 
reflect the other, smaller, variations which have been re- 
marked; for example, the changes in the Main Groups are 
more pronounced than in the Transition Groups, and the 
discontinuity in properties of the elements from gallium to 
bromine when compared with the rest of their respective 
Groups is reflected in their electronegativity values. 


8.5 Chemical behaviour and Periodic position 

The detailed chemistry of the elements is discussed in the 
succeeding chapters. In this section, the skeleton of the 
Periodic properties is outlined to provide a framework for 
the more detailed account which follows. 

Those elements where the outermost electrons are in a new 
quantum level, after a rare gas configuration, normally react 
by losing these loosely bound electrons and forming cations. 
This mode of behaviour is typical of the elements of the 
lithium, beryllium, and scandium Groups together with the 
lanthanide elements, which have the respective valency shell 
configurations, s', 52, and d' s?. All these elements, with the 
exception of beryllium itself, lose these outer electrons com- 
pletely with the formation of cations; M* in the lithium 
Group, M?* in the beryllium Group, and M?* for scandium, 
yttrium and the lanthanons. 

The elements of the boron, carbon, nitrogen, oxygen, and 
fluorine Groups, where the outermost electrons are in f 
orbitals, show more complicated behaviour with varying 
oxidation states and in forming both covalent and ionic com- 
pounds. These p elements show a maximum oxidation state 
equal to the sum of the s and р electrons (the Group Oxida- 
tion State) and the other relatively stable oxidation states 
differ from the Group state by multiples of two. Thus the 
boron Group elements, with the configuration 2р, show the 
Group oxidation state of III and the other stable state in this 
Group is I; the halogens, 52р°, show the Group state of VII 
and also the states V, III, I, and — I. The Group oxidation 
state is the most stable one for the lighter elements, especially 
of the earlier Groups, and a state two less than the Group 
state becomes the most stable for the heavier elements. Thus 
boron and carbon are stable in the III and IV states respec- 
tively, while their heaviest congeners are stable in the I and 
II states. In the Groups to the right of the Periodic Table, 


where a larger variety of oxidation states is possible, the 
picture is more complex and a further trend becomes ap- 
parent. This is the tendency of the lighter elements and those 
in the halogen Group to form anions—especially N°, О? 
and Х^ in the halogens. 

The elements where the d orbitals are filling have a Group 
oxidation state equal to the sum of the s and d electrons. This 
state is shown in the earlier Groups but involves too many 
electrons in the later Groups of the transition series where 
only low states occur. The highest oxidation state shown in 
the Periodic Table is VIII, by ruthenium, osmium and 
xenon. The common oxidation states of the d elements 
vary in single steps, instead of the double ones shown by the 
p elements. Thus in the Group with the same number of 
valency electrons as the halogens, the manganese Group 
455?, the oxidation states found are VII, VI, V, IV, III, П, 
I, and 0. Another distinction between the behaviour of a 
d Group and a f Group is that the heavier elements of a d 
Group are more stable in the higher oxidation states, in 
contrast to the trend in the ф Group. Thus, the most stable 
state of manganese is II while its heavier congener, rhenium, 
is stable in the IV and VII states. The lower oxidation states 
of the transition metals, particularly the II state, often occur 
as cations, while the higher states are commonly bound to 
oxygen or to the halogens in covalent molecules or anions. 

The f elements of the lanthanide series show only one 
stable oxidation state, the III state. This corresponds to the 
configuration 4/' for cerium(III) and to 4/" for the other 
elements up to 4/1® in lutetium(III). As already noted, three 
electrons are lost, as if the configuration was 4f*5d'6s?, 
despite the fact that most of the elements do not have the d 
electron in the ground state. One or two of these elements do 
show fairly stable oxidation states other than the III state, 
and most of these correspond to the f°, f7 or f** configura- 
tions. Thus, cerium shows a IV state corresponding to f 9. 
europium has а II state, and terbium a IV state, correspond- 
ing to f^; while ytterbium has a II state corresponding to 
fS 

In the heaviest elements, where the 5f and 64 levels are 
filling, the pattern of oxidation states is less simple than with 
the lanthanides. As these two energy levels are very close, the 
earlier eiements show a considerable variety of oxidation 
states with the maximum rising from III for actinium to VI 
at uranium and VII at neptunium and plutonium. The 
later actinide elements resemble the lanthanons more closely, 
and the III state becomes the most stable one at about 
curium (see Jørgensen in the references). 

These patterns of behaviour lead to the division of the 
Periodic Table into four major blocks: the s elements, the 
p elements, the d elements, and the f elements, together with 
a number of Groups which serve to bridge these divisions. 
The s elements are those of the lithium and beryllium 
Groups; the boron, carbon, nitrogen, oxygen and fluorine 
Groups make up the p block; the lanthanides and actinides 
form the f block; and the remaining transition elements, the 
d block. As the typical behaviour of d elements depends on 
the presence of both d electrons and available d orbitals, the 
scandium Group (which always loses its solitary d electron 
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and forms the M?* ion) and the zinc Group (which always 
preserves the filled d'° configuration) are not properly d 
elements and are best regarded as bridging Groups. The 
scandium Group links the s elements and the d block, while 
the zinc Group links the d block to the р elements, and both 
Groups show the appropriate intermediate properties. The 
chemistry of the scandium Group links strongly, also, with 
that of the / elements. Indeed, the general chemistry of the 
lanthanides in the III state is almost identical with that of 
yttrium and lanthanum. There are bigger differences be- 
tween the chemistry of actinium and the actinide elements. 
It is convenient to treat scandium, yttrium, lanthanum, 
actinium, and the lanthanides all together, and to treat the 
actinides independently. The remaining Group in the 
Periodic Table is the helium Group. This Group forms the 
division between the p block and the s block, and the 
recently-discovered chemistry of xenon shows strong links 
with that of iodine. Finally, there is the lightest element, 
hydrogen, which falls into no Group so far discussed and is 
best regarded as a unique introductory element to the 
Periodic Table. The arrangement of the following chapters 
reflects this division of the Periodic Table. The chemistry of 
hydrogen and its compounds is treated first, giving a micro- 
cosm of the properties of the elements. Then follow chapters 
on the s elements, the scandium Group and the lanthanides, 


the actinides, the d elements, and the p elements (Figures 
2.14 and 8.10). 


8.6 Methods of showing the stabilities of oxidation states 

In many cases, as implied in the last section, elements show 
a number of oxidation states and some method of determin- 
ing and portraying the relative stabilities of these states is 
necessary. Similarly, it is useful to be able to compare relative 
stabilities and show the trends in stabilities among related 
elements. Of course, in a full and complete description of the 
chemistry of an element, these stabilities are clear from the 
range of compounds of a given oxidation state and their 
ease of formation and decomposition. However, it is im- 
possible to give a complete description of the known chemistry 
of any element within the space available in a general text- 
book so that methods of summarizing and illustrating the 
general behaviour are required. Stabilities vary a good deal 
with the chemical environment—the temperature, solid, 
liquid, or gaseous state of the compound, solvent, presence 
of air or moisture, and so forth. However, there are two 
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chemical states which are very common, as a solid and in 
solution in water. 

The stability of an element in a particular oxidation state 
in the solid may be determined from the variety of ions or 
ligands with which it reacts to form solid compounds. Thus, 
a strongly oxidizing state will form compounds with non- 
oxidizable ligands only, and vice versa for a reducing state, 
while a stable state will give compounds with a wide variety 
of ligands. For example, consider the relative stabilities of 
the II and III states of iron, cobalt, and nickel as shown by 
the existence of the solid compounds of the II state with 
oxychloride anions. 


Fe(II) Fe(CIO4);:CIO3 and CIO; oxidize to Fe(III) 

Co(II) Co(CIO,4); and Co(CIO;);:CIO; oxidizes to 
Co(II) 

Ni(II) Ni(ClO4)2, Ni(CIO4)5, and Ni(ClO,) 


The oxidizing power of the oxychloride ions increases in the 
order, perchlorate < chlorate < chlorite, so the existence of 
the compounds shown above illustrate that the order of 
stabilities of the II state is Fe < Co < Ni. 

A convenient set of ligands, for the purpose of demon- 
strating stabilities, is provided by the halides which form 
compounds with almost all oxidation states. An clement in 
a stable oxidation state will form all four halides, a strongly- 
reducing state will tend not to have a fluoride, while a 
strongly-oxidizing state will tend not to have an iodide or 
bromide. Similarly, an oxidizing state will show an oxide but 
no sulphide, while a reducing state will form a sulphide but 
no oxide. Thus, the existence and stabilities of the oxides, 
sulphides, and halides of the elements in their different states 
provides a useful general guide to the stabilities, in the solid 


state, of the various oxidation states. In the following 
chapters, Tables 13.3, 13.4, 13.5, of transition clement 
halides and oxides (sulphides are omitted here as their 
stoichiometry is often in doubt) and Table 17.2, of p block 
clement oxides, sulphides, and halides, are used to provide a 
general, overall view of the chemistry of these elements 


Stabilities in aqueous solution are expected to be broadly 
similar to stabilities in the solid state, but to differ in detail 
due to differences between lattice energies and hydration 
energies (compare Chapters 5 and 6). The relative stabilities 
of the various oxidation states of an element in solution are 
given by the free energy changes of the set of half-reactions 
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connecting each pair of oxidation states. For example, the 
stabilities of the states of copper depend on the free energy 
changes of the half-reactions: 


Cu?* e^ = Cu* 
Си Fe = Cu 
and Cu?* -2e^ = Cu 


(These three free energies are not independent, of course, 
any one may be derived from the other two.) 

Such free energies are related to the corresponding redox 
potentials, since — АС = nFE, see p. 97. A full list of redox 
potentials for the half-reactions of all the elements is avail- 
able, but a method is required for displaying these values 
to the best advantage. It has been suggested by Ebsworth 
(see references) that free energies may be usefully displayed 
graphically. In this, the oxidation states of the element are 
plotted against the free energy change, in one electron steps. 
The method is most readily discussed in terms of particular 
cases, for example uranium and americium whose potentials 
in acid solution have the values shown below : 


E? (volts) 
M=U M=Am 
МО?* +е” = МО; 0-05 1-64 
MOZ* +4Н? +2е7 = M**+2H,0 0-33 
MO}; +4H*++e” = M** -2H;O 0-62 1-26 
Ме = М?* —0-61 2-18 
M?* 43€ = M — 1:80 —2-32 
MO2* +4H*+3e = M?* +2Н,О 1-69 


The diagrams, Figure 8.11, are plotted by taking the value 
for the element itself as zero and plotting the free energy 
changes for the half-reactions against the oxidation states of 
the element. The free energies are given as — AG? /F = nE? 
where n is the number of electrons involved in the change. 


oxidation state 
0 I II IH IV V VI 


—AG/F = nE, V 


FIGURE 8.11 Free energy versus oxidation state diagrams, (a) uranium, 
(b) americium 


Using americium as our example the diagram is constructed 
as follows (see Figure 8.11). 

1. Take the value for the element as zero. 

2. For the change 


Ат?* +3е7 = Ат 


E? is —2-32 V, therefore nE? is —6:96 V and is so plotted. 
3. For the change 


Am** c^ = Am?* 


E? is 2-18 V, therefore nE? is 2-18 V and this is added to 
—6.96 V to give — 4:78 V, which is plotted for Am(IV). 
4. For the change 


Am(V) > Am(IV) (AmO} > Am**) 


E? is 1-26 V and nE” is 1:26 V. Adding this to — 4-78 V gives 
— 3:52 V to be plotted for Am(V). 

5. For Am(VI), continuing in the same way one obtains 
—1:88 V. 

Plots like these provide a kind of cross-section of the 
chemistry of the elements. The lower a state lies on the 
diagram, the more stable it is. Also, since a change from one 
state to another which involves moving down a slope involves 
a negative change of free energy, it is thermodynamically 
favourable. Similarly, a change which involves an ‘uphill’ 
move is unfavourable. These points about changes apply to 
those involving any two states, not only states which are 
nearest neighbours. Thus the changes from U(0) to any of 
the states, U(III), U(IV), U(V), or U(VI) are favourable, 
and the changes from U(IV) to any of the states U(0), 
U(III), U(V), and U(VI) are unfavourable. Clearly, the 
greater the slope, the greater the driving force, so that Am(0) 
goes to Am(III) more readily than to Am(IV). 

A particular oxidation state may be represented on such a 
diagram by a point which is (a) a minimum, (b) a maximum, 
(c) a concave point (i.e. one lying below the line joining the 
two neighbouring points), (d) a convex point (i.e. one lying 
above the line joining its neighbours), or (e) a ‘linear’ point 
(i.e. one lying on the line joining its neighbours). Table 8.3 
lists the stability properties of the oxidation states repre- 
sented by these different types. 

The properties of the states represented by concave, con- 
vex, and linear points are not restricted to being with respect 
to the two nearest neighbour states but may hold with 
respect to any two states. For example, in Figure 8.11, Am(V) 
is linear, not only with respect to Am(IV) and Am(VI), but 
also with respect to Am(III) and Am(VI) and the dispro- 
portionation products will include Am(III). In a similar 
way, in the case of phosphorus (Figure 17.25) the points 
representing the 0, I, and III states are all convex with 
respect to the — III and V states. That is, the clement (0 
state), hypophosphorous acid (I state) and phosphorous acid 
(III state) all disproportionate to phosphine, PH;, (— 111) 
and phosphoric acid (V state). 

Applying these results to uranium and americium, Figure 
8.11 shows, at a glance, that uranium(V) is unstable in 
aqueous solution, uranium(IV) is stable, and uranium(IIT) 
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TABLE 8.3 Types of oxidation state in free energy diagrams 


Further examples 


State represented 
by a point 


Example from 
Figure 8.12 


(Figure numbers 
in brackets) 


Properties of the oxidation state 


Minimum (a) U(IV), Am(IIT) 


Mn(II) (14.20) 


Stable relative to neighbouring states. 


Cr(III) (14.15) 


Maximum (b) —— N( — I) (17.25) Unstable relative to neighbouring states. 

Concave (c) сап V(IV) (14.8) Relatively stable with respect to dispropor- 
Re(IV) (15.19) tionation into the neighbouring states. 

Convex (d) U(V) Mn(III) (14.20) Relatively unstable with respect to dispro- 
КеП) (15.19) portionation. 

Linear (e) Am(V) and (IV) All the intermediate *Intermediate with respect to dispropor- 
states of Cl (17.51) tionation. 


* That is to say that, at equilibrium, there are approximately equal amounts of the original state and the states to which it has disproportionated. 


is relatively stable. Uranium(VI) is also stable, with the 
U(VI) > U(IV) change being mildly oxidizing. By contrast, 
americium(VI) is unstable and the Am(VI) — Am(III) 
change is strongly oxidizing. The most stable state of 
americium is Am(III) and americium(IV) and (V) both 
disproportionate, with the V state a little more stable than 
the IV state. 

The elements lying between uranium and americium— 
neptunium and plutonium—also show III, IV, V, and VI 
states and the VI state becomes more oxidizing and less 
stable in order from uranium, through neptunium and 
plutonium, to americium. This is clear from Figure 12.1, in 
which the curves for all four elements are plotted. The VI 
state of uranium lies lowest and the others in the order 
U € Np < Pu < Am. In a similar way, the relative stabilities 
of the II and III states of iron, cobalt and nickel, referred to 
above, are clear from Figure 14.1 

These free energy diagrams will be extensively used in the 

following chapters but one or two reservations about them 
must be kept in mind. First, all the oxidation potential data 
are not of equal validity and some values may be in error so it 
is not wise to make too much of small effects—such as 
whether a point is slightly convex or slightly concave. It is 
unlikely, however, that there are any gross inaccuracies. The 
second point is that the properties listed in Table 8.3 are 
thermodynamic and there is no information about the rates 
of reactions. Thus a state may be thermodynamically un- 
stable but persist in solution because its rate of reaction or 
disproportionation is slow. Similarly, the potential data 
apply only to systems in equilibrium, and the rate of attain- 
ing equilibrium may be slow. This applies particularly to 
systems involving solids—for example, an element. Many 
elements which are strongly reducing react only very slowly 
due to surface effects and the like. Throughout the later 
chapters, curves are plotted for potential data in acid solu- 
tion, at a pH of 0. Similar data are available for alkaline 
solution, and a set of equivalent curves could be drawn for 
such media. These are less useful as many more states appear 
as solids (as hydroxides or hydrated oxides) in alkali. 


The occurrence and stability of the solid halides, oxides, 
and sulphides of the elements, taken together with the free 
energy diagrams linking the different oxidation states, gives 
an adequate guide to the general chemistry of an element in 
its common compounds. In general, a stable state may be 
assumed to form compounds with all the common anions and 
ligands—all the oxyanions, pseudohalides, organic acid 
anions, hydride, nitride, carbide, amide, sulphur anions and 
so on. Unstable states will form a much more limited set of 
compounds, down to those states represented by only one or 
two examples. A state which is unstable and oxidizing will 
form no compounds with oxidizable ligands such as nitrite or 
organic groups, and similarly, a reducing state will form no 
compounds with oxidizing ligands, as with the chlorite and 
chlorate compounds of iron mentioned above. By avoiding 
cataloguing such compounds of the elements, space is pre- 
served for the mention of the more unusual compounds 
formed and as many of these as possible have been discussed in 
the later chapters which may be regarded as an introduction 
and supplement to the systematic chemistry given in 
the major inorganic textbooks which are listed in the reading 
lists. 


8.7 The abundance and occurrence of the elements 

One of the most satisfying scientific constructs of the second 
half of the 20th century has been the picture of the genesis of 
the elements. Once 19th-century chemists had discovered 
that each element emitted a distinctive spectrum when 
heated, the way was open to identify elements in the stars by 
their spectral lines. In this way, helium (from the Greek helios, 
sun) was found in the solar spectrum about a decade before it 
was discovered on Earth. Such studies led to the evaluation of 
the abundance of the different elements in the Universe and a 
striking picture emerged. Hydrogen and helium together 
account for about 999; of the mass of the universe and over 
99.9%, of the atoms. At the other extreme, the heaviest 
elements are present to the extent of about 10~!? of that of 
hydrogen. The distribution of abundances has the following 
features: 
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(a) The abundance of the elements declines steeply and 
exponentially from H to a mass about 100, then more 
linearly to U 

b) Within this broad pattern, Li, Be and B are markedly 
scarce relative to their neighbours, by a factor of 10? for 
Li and B, and 10'? for Be 

(c) Less pronounced relative deficiencies, by factors of 10 
— 10°, occur for elements around Е, Sc, As, In and Ta 

d) There is a marked excess of around 10°, over the trend 
line, for elements near Fe, and less marked excesses near 
Zr, Xe and Pt 

(e) Finally there is a very pronounced alternation in abun- 
dances between successive elements 


Table 8.4 gives some general values. 

These abundance figures accumulated over more than a 
century of observation and analysis. They have been ex- 
plained in considerable detail by a theory based on the genesis 
of the elements from hydrogen in the stars. This was refined 
by many workers over some 30 years up to the publication of 
the definitive review by Burbidge, Burbidge, Fowler, and 
Hoyle in 1957. More recent developments may be found in 
Fowler's Nobel lecture in 1984 (See references). The picture is 
extraordinarily satisfying as the model not only accounts for 
the general pattern of abundances, but explains most of the 
fine detail. The main features are: 


(1) An initial primitive universe with about 7594, H and 
25% He. 

(2) Condensation by gravity into early stars where H nuclei 
fused into He, and further fusion processes built up 
heavier elements. Eventually stellar condensation led to 
destruction of the star and scattering of the elements to be 
re-formed into further stars and the process continued. 

(3) Eventually, the Sun and our planets condensed out of an 
accumulation of such cosmic dust. The Sun has pro- 
ceeded along the H-fusion path while the cooling and 


TABLE 8.4 Cosmic abundances of the elements 


Element Relative abundances 
by number % of total by weight % of total 
hydrogen 40x 10!° 928 4-0 x 1019 755 
helium 3-1 x 10° 74 1:9 x 10'9 23:1 
Li, Be, B 1-4 x 10? 33 13x10 2-4 
х 1077 x 1076 
C, N, О, Ne 40 х 107 — 009 65x105 12 
Na to Sc 9:7 х 10° 0:006 7:3 х 107 0-13 
Fe group (а) 64x 10 on 3-6 x ш 0-07 
middle group (b) 1-1 x 10 6 77х1 1-4 
go x 107% x 1075 
heavy group (c) 28 6:5 
posu 01055 46 х 103 86 
х 107% 


(а) A, from 50 to 62 
(b) A, from 63 to 100 
(c) A, over 100 


evolution of the Earth has produced the crustal distri- 
bution of elements of the present day 


It is the details of the fusion processes which account for the 
present abundances. Briefly, the first major. process is the 
formation of He by a number of steps from 4H nuclei. This 
evolves huge amounts of energy and is the major source of 
stellar radiation. Then follows further fusion of He nuclei 
(mass 4) into heavier elements. Such a process bypasses Li 
(isotopes of masses 6, 7) and B (10 and 11) but passes through 
the Be isotope of mass 8. This is extremely unstable (half-life 
about 107 !* sec) but survives long enough to fuse with a 
further He to give C (mass 12). Similar processes with alpha 
particles add further mass in steps of 4 to give O (16), Ne (20), 
Mg (24), Si (28), S (32), and so on up to Ti (48). The actual 
abundance of these elements represents the balance between 
their ease of formation, and their stability to further reaction. 
As the number of steps increases, the abundance falls, since 
each element depends on the previous formation of its 
precursor. Thus the general exponential fall-off in abun- 
dances is to be expected. All the elements of intermediate 
masses form from intermediate and usually less favoured 
processes, and the abundances are now understood in detail 
in terms of the energies of formation, and the liability to 
further reaction. 

Different processes occur in stars of different masses and 
temperatures, at different times in the course of their 
evolution. Thus the sun is in the basic H-burning stage, as are 
the majority of stars in the galaxy. 

Nuclear configurations around Fe are the most stable, with 
lighter elements combining exothermically towards mass 56, 
and heavy elements breaking down, again by exothermic 
processes, towards this mass range. Under conditions of very 
high temperature and pressure, an equilibration process takes 
place to give the relatively high ratios of the elements around 
this stable minimum. 

Building nuclei of greater mass than Fe involves neutron 
capture, and two processes occur. In the slow process, which 
occurs over a period of years, there is sufficient time after the 
capture for the nucleus to rearrange, by electron emission, to 
give the most stable proton/neutron ratio. In the fast process, 
typically in a supernova explosion, several neutrons are 
captured in a very short period before nuclear re- 
organization occurs. These two processes thus give rise to the 
heavier isotopes, and with minor processes like proton 
capture, explain the distribution features in detail, as de- 
scribed in the review cited. 

The above is only a brief outline of a very full theory. We 
have sketched it here since it is too little known that we can 
not only reach out into the universe and assess the abundance 
ofthe elements in distant stars, but we can also account for the 
observed abundances in terms of quantitatively known 
processes. While such cosmic, nuclear, processes are not 
themselves included in inorganic chemistry, they do create 
our starting materials, the elements. 

The elements are now known to form simple combinations 
in interstellar space. In dark regions of the universe, matter is 
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present which absorbs starlight, though the concentration is 
so minute—of the order of atoms per cubic metre— that it is 
of the order of a million million million times less than in an 
ultrahigh vacuum on Earth. Atoms do link into units which 
may be detected spectroscopically. Many of the species are 
radicals—it takes a long time for an OH unit to pick up 
another H atom, for example. Diatomic units involving the 
more abundant elements (Table 8.4) have all been identified, 
and multiatom units with as many as ten atoms are suggested. 
Entitiesinvolve H with C and O, and also the less abundant N 
and even S. we cannot further pursue this fascinating area of 
cosmochemistry here, but as more information is collected we 
can foresee the development of an interstellar inorganic 
chemistry! 

The element abundances in the universe have a broad 
relation to the pattern of abundances in the Earth's crust, but 
further processes of loss (especially of H and He) and of 
concentration have taken place so that there are major 
differences in detail. The distribution of the elements on 
Earth is now reasonably well-evaluated (and we have 
preliminary figures for the Moon and Mars), though further 
refinement will occur, especially as we penetrate deeper into 
the crust. A good start has been made in understanding the 
geochemical processes which have collected and redistributed 
the elements into the rocks, minerals and ores which we find 
today. A start has even been made in reproducing on a 
laboratory scale the enormous pressures and temperatures of 
the mantle processes which form the igneous rocks. Table 8.5 
shows the most abundant crustal elements; lesser abundances 
range all the way down to about three parts іп 107! for 
actinium. 

It is worth remarking on another interface zone— that 
between the atmosphere and space. Here the abundance of 
molecules is extremely low, the radiation level from the Sun is 
very high, and the component elements are those of the 
atmosphere. Concentrations of radicals like OH or OOH are 
relatively high, and species which are too reactive to accumu- 
late near the Earth's surface, such as O4 and H5O,;, are 
important. The ozone problem is becoming of vital im- 
portance, as attack by Cl radicals from man-made chemicals 
is reducing the ozone concentration, and diminishing the vital 
shield against hard ultraviolet radiation. This, and many 
other processes like the greenhouse effect, has focused atten- 


FIGURE 8.12 Distribution of the elements 

The elements are divided into three classes, 
common, intermediate and rare, on the basis of 
their natural abundance combined with their 
accessibility. The boundaries between types are ! 


= { intermediate clement 
necessarily somewhat arbitrary. td 


TABLE 8.5 The most abundant crustal elements 


Mass, Mass, 
% % 
Oxygen 50 Sodium 2-6 
Silicon 26 Potassium 24 
Aluminium 75 Magnesium 1:9 
Iron 47 Hydrogen 0-9 
Calcium 3-4 Titanium 0-6 


tion on the chemistry of the upper and lower atmosphere, 
discussed in more detail in the references. 

The abundant elements are readily accessible, as are those 
elements which, though rare overall, occur in localized 
concentrated deposits. One example is boron, which occurs to 
the extent of only three parts per million in the crust but is 
found in concentrated deposits as borax. Also accessible are 
those elements which are found native or are readily re- 
covered from their ores, for example the precious metals silver 
and gold. All the chemistry of common, or readily accessible, 
elements is well-explored. 

A second group includes all those relatively rare elements 
which occur only in small proportions in the crust and are 
found only as trace constituents in the ores of more important 
minerals. We should also include the more expensive of the 
precious metals such as gold and platinum. Such elements 
form an intermediate group where intensive study has been 
more recent. Although all these elements are now well 
understood, interest often reflects their possible applications. 
For example, germanium, gallium, and indium have at- 
tracted attention for their semi-conductor applications, most 
of the heavier transition elements have been investigated for 
their organometallic compounds, catalytic properties and for 
their effects in atomic piles. Large-scale separation methods 
have been developed which have made pure samples of the 
individual lanthanide elements available. 

The rarest elements are the artificial elements which have 
no naturally-occurring isotopes. These include all the post- 
uranium elements and a few lighter ones such as prome- 
thium and technetium. Supplies of many of these clements 
have become available recently from the fission products or 


g rare element 
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FIGURE 8.13 Methods used for the extraction of the 

elements 

(1) Reactive metals extracted electrolytically in a 
non-aqueous system. Main sources of alkaline 
earth minerals are insoluble sulphates and 
carbonates, while alkali metals often form 
deposits of soluble salts e.g. NaCl or KCI. 

(2) Reactive metals of high charge with strong 
affinity for oxygen and occurring as oxyanions 
or double oxides. Separation is by electrolytic 
or chemical reduction, especially by active 
metal replacement, 


o3 


Elements occurring in sulphide ores or other- 
wise associated with sulphur. Extracted 
usually by roasting to oxide and then reducing 
or treating thermally. 

(4) Elements occur native or in easily decomposed 

compounds yielding to thermal treatment. 

(5) Non-metals which occur free, in the atmos- 
phere, or as anions. 


synthesis products of the atomic piles, while the attempt to 
synthesize ever heavier elements continues. Element 109 was 
announced recently, with the identification based on only a 
few atoms. Figure 8.12 gives a broad picture of element 
accessibility. 


8.8 The extraction of the elements 

The extraction processes for producing elements from their 
ores may be divided into three classes in order of increasing 
power: 

(i) mechanical separation and simple heat treatment, 

(ii) separations involving chemical reduction, 

(ili) separations by electrolytic reduction. 

Although the days of the gold rush may be gone, mechan- 
ical separation on a huge scale is still the basic process of gold 
and diamond production; the final recovery of gold being by 
chemical reduction with zinc of a cyanide complex in 
solution. Also included in the first class of mild treatments are 
the recoveries, by distillation or thermal decomposition, of 
elements such as zinc or mercury. A further reaction of wide 
application in this class is the Van Arkel and De Boer process 
which is used to produce very pure metals on a small scale. In 
this process, elements which form volatile iodides are purified 
by a cyclic process in which the iodide is formed at a low 
temperature and decomposed on a heated wire, at a higher 
temperature, to the element and iodine. The iodine is 
recycled to form more iodide. For example, zirconium gives 
Zrl4 when heated at 600°C with iodine and this may be 
decomposed at 1800°C, on a heated tungsten or zirconium 
filament, to zirconium and iodine. 

Most commercial separations fall into the second class, 
commonly involving reduction by carbon, as in iron produc- 
tion. Reduction by other elements is also found on a small 
scale: examples include the preparation of pure molybdenum 
by hydrogen reduction and the reduction of titanium tetra- 
chloride by magnesium in the Kroll process. 


Cu Zn Ga Ge As Se 
?Ag Cd In Sn Sb Te 
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Electrolytic reduction represents the most powerful method 
available, but it is expensive compared to the chemical 
methods and is only used either for very reactive metals, 
such as magnesium or aluminium, or for the production of 
samples of high purity as in the electrolytic refining of copper 
(which has the additional advantage of allowing the recovery 
of valuable minor contaminants such as silver and gold). The 
main commercial application of electrolysis is, of course, in 
aluminium manufacture. Here, the ore bauxite, which is 
impure АІ,Оз, is purified by alkaline treatment, then dis- 
solved in molten cryolite (Na3AIFg) and reduced electro- 
lytically in this fused-salt system. The alkali metals and 
calcium and magnesium are also produced by electrolysis in 


Au Ag 
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temperature, °С 


FIGURE 8.14 The variation with temperature of the free energy of metal 
oxide formation according to equation (8.1) 
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a fused salt melt, while copper and zinc are among those 
elements recovered by electrolysis in an aqueous medium. 

Although the type of process chosen for any one element 
is a complex function of the chemical properties, nature of 
the ore, and relative economics, and many elements are 
processed in different ways in different parts of the world, 
the very general picture given in Figure 8.13 of the mode of 
occurrence and method of recovery of the elements is broadly 
true. The extraction ofthe elements reflects, in some measure, 
their general chemistry and thus elements which are treated 
similarly tend to lie together in the Periodic Table. (This is 
also true of their occurrence. Elements of similar chemistry 
would have behaved similarly when the rocks crystallized 
out of the primitive magma, and later processes, such as 
leaching out of soluble salts, would further tend to concen- 
trate similar elements in similar forms.) 

The process of extraction by carbon reduction illustrates 
several interesting general points in the chemistry of metal 
recovery and is worth discussing in fuller detail. The extent 
of the reduction of one element from its oxide by a second 
element depends on the difference in free energy of the two 
oxidation reactions of the type: 


It will be recalled that reactions which evolve free energy 
tend to occur spontaneously, so that the equilibrium between 
two elements and their oxides: 


M’O+M"SM"O+M! ....isuees (8.2) 


(or the corresponding equations for different oxide stoichio- 
metries), will favour that oxide whose free energy of forma- 
tion (equation 8.1) is most negative. The free energy change, 
AG, is separable into two components, the heat change AH, 
and the energy involved in the change of entropy, TAS, 
where T'is the absolute temperature: 


AG = AH- TAS 


500 1000 1500 2000 
temperature, ^C 


FIGURE 8.15 The variation with temperature of the free energy of the 
reaction of carbon with oxygen 


In the formation of a metal oxide according to equation 
(8.1), the heat change is usually favourable but, as the re- 
action uses up a gaseous component (the oxygen) which has 
a relatively large entropy, the entropy term is unfavourable 
and this energy increases with increasing Т. As a result, the 
free energy change for metal oxide formation in equation 
(8.1) falls off with rising temperature in a broadly similar 
way for any metal, as in the examples shown in Figure 8.14. 
It will be seen that the metal oxides can be divided into two 
classes: first those which are intrinsically unstable at noi mal 
temperatures, such as gold oxide, or at accessible temperi- 
tures such as silver oxide or mercury oxide, and the second 
class which contains the elements with a favourable frec 
energy of oxide formation at any accessible temperature. 
Gold, silver and mercury, fall into the class (i) (p. 135, of 
elements which can be extracted by simple heat treatment 
alone, while the second class of elements contains those whose 
extraction process falls into class (ii) or (iii), requiring reduc- 
tion. Any metal will reduce the oxide of any second metal 
which lies above it in Figure 8.14, according to equation 
(8.2), as the net change in the free energy will be negative 
(i.e. favourable) by an amount equal to the difference 
between the two curves at the appropriate temperature. For 
example, magnesium will reduce all the other oxides shows 
in Figure 8.14. 
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FIGURE 8.16 Combined diagram of the free energy changes of the reaction 
of metals and carbon with oxygen 
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The formation of a metal oxide thus involves a free energy 
change which becomes less negative with increasing tem- 
perature, because the oxidation proceeds with the con- 
sumption of a gaseous component with a corresponding loss 
of entropy. The formation of carbon oxides is quite different. 
The main reaction between carbon and oxygen at higher 
temperatures is: 


2C+0, > 2CO 


in which an excess of one mole of gas is produced for each 
mole of oxygen used. This reaction therefore involves a 
positive entropy change and its free energy becomes more 
negative as the temperature rises. At temperatures below 
500 ?C, the main reaction is: 


C+0, = CO, 


where there is no overall change in the amount of gaseous 
reactant. The entropy change is thus small and the free 
energy of this reaction is almost independent of temperature. 
Figure 8.15 shows the overall change in free energy as carbon 
is oxidized at increasing temperatures. The total free energy 
curve falls as T rises and will eventually cross every curve, of 
the type shown in Figure 8.14, for the free energy of metal 
oxide formation. It follows that, in principle, carbon may be 
used to reduce any metal oxide if a high enough temperature 
can be attained. In practice, of course, temperatures which 
would be high enough to allow carbon to reduce the more 
stable oxides such as TiO; or Al;O, are not accessible 
economically on a large scale. The usefulness of carbon as a 
reducing agent may be seen in Figure 8.16, in which the 
curves of Figures 8.14 and 8.15 are superimposed. Of course, 
other chemical factors come into play in choosing reduction 
conditions, such as the formation by many elements of un- 
wanted carbides, which limit the use of carbon in practice. 

Once again there are important reservations to be kept in 
mind when applying such a thermodynamic analysis as that 
sketched above. Free energy changes are calculated on the 
assumption that the system is in equilibrium— which is far 
from the case in practice—and they give no indication of the 
kinetics of the reaction so that a particular reduction may 
have a favourable free energy change but be too slow. How- 
ever, the thermodynamic analysis does distinguish reactions 
which will occur from those which will not, and it gives some 
indication of the conditions, for example of temperature, 
which are suitable. For a fuller account of this topic, and 
curves for sulphide and halide systems, the monograph by 
Ives (see references) should be consulted. 


PROBLEMS 


This chapter should be related back to Chapter 2 and forward 
to Chapters 10 to 12 and 14 to 17. The emphasis is on 
patterns of behaviour in the Periodic Table which are used as 


a framework to correlate the detailed chemistry of the 
elements. 


81 Replot diagrams such as 8.4 to 8.9 against the effective 
nuclear charge, Z*, rather than against Z. Discuss the 
features which disappear and the ones which remain. 


8.2 Plot the variation of the free atom binding energies from 
Table 8.2 against Z. Compare how each level varies, and 
compare also with the ionization potential plots for the same 
elements. How far do the changes reflect the changes in Z, Z*, 
or the electron configurations? 


8.3 Plot (a) the first ionization potential and (b) the 2s and 
2p core binding energies for Na to Ar against the covalent 
radii. Discuss any relationships which emerge. 


8.4 Choose a number of elements and look up their chemis- 
try in the systematic chemistry chapters. Determine how valid 
are the generalizations of section 8.5, and where their 
properties fit into the patterns of this chapter. 


8.5 The redox potentials of the heavier actinides are 

M= Cm Bk Cf Es Fm Md No 
М3+ +3е —27 —24 -21 —20 -21 —22 -25 
= M (eV) 

Use these together with the values in Table 12.2 to plot an 
Ebsworth diagram and discuss the relative stabilities of the 
oxidation states. 


8.6 The redox data for xenon are reported as 


in acid 
H,XeO,--2H* 42e = XeO,;+3H,0 30volts 

ХеО,+6Н* 6e = Xe+3H,0 1:8 
XeO,+2HF +4H* +4е = XcF; -3H;0 1-6 
XcF; +2H* +2e = Xe+2HF 2:2 

in base 
HXeO2- +2H,0+2e = HXeO; -4OH^ 0:9 
HXeO,; +2H,0 +4е = XeO --50H ^ 0-7 
HXeO; +3H,0 + бе = Xe +70H7 0-9 
XcO +Н,О +2e = Xe+2OH™ LS 


Plot Ebsworth diagrams for species (a) in acid and (b) in 
base. Compare with the halogens. [Treat XeF as you would 
Xe?*]. 


8.7 From one of the major textbooks, find data on the 
abundance of the elements in the Earth's crust and in the 
ocean. Plot selected values, representing the full range of 
abundances, of the crustal figures against the ocean ones. 
Discuss how far they are in parallel, and discuss major 
differences. Carry out the same exercise versus the abun- 
dances in the cosmos. 


88 Compare the isolation methods detailed in the systema- 
tic chemistry chapters with the discussion in section 8.8. How 
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far do they fit, and how far are alternative methods used when 
very pure samples are needed? 


8.9 Plot the pattern of the historical discovery of the 
elements (Chapter 1) on the Periodic Table. Discuss how far 
it reflects the distributions of Figures 8.12 and 8.13. 


840 Extend the information of Figure 8.16 to other ele- 


ments and take the two major prehistoric metals, copper and 
iron, as your markers. Which other elements were potentially 
accessible by the technology used for (a) copper and (b) iron? 
Which of these were actually known? Discuss reasons for 
selected omissions—why not Ni which is less demanding 
than Fe, for example. [If you become interested in primitive 
metallurgy, you may wish to read further and discuss whether 
the other ferrous metals were completely unknown. | 


9 Hydrogen 


9.1 General and physical properties of hydrogen 
Hydrogen is the simplest of the elements with its one valency 
orbital and single electron. It can react only by gaining or 
sharing another electron and its behaviour is therefore fairly 
uncomplicated. Hydrogen combines with almost all the 
other elements, and, as its electronegativity value comes in 
the middle of the range, its bonds have a wide range of 
polarity from the strongly positive hydrogen of the hydrogen 
halides to the negative, anionic hydrogen in the active metal 
hydrides. The properties of the hydrides thus illustrate the 
variation in chemical properties with Periodic Table position. 
In addition, the small size of the hydrogen atom presents no 
steric barriers and the hydrides have the shapes expected 
from the electronic structure of the central atom. This small 
size does permit the close approach of other, non-bonded, 
atoms and special properties result, especially the Aydrogen 
bond between atoms of high electronegativity values which 
is discussed later. 

Hydrogen does not fit into any of the Groups of the 
Periodic Table and is best regarded as an introductory 
clement to the Periodic classification. It does show significant 


analogies to three ofthe other Groups which are worth noting 
as a guide to its chemistry : 


(1) in common with the halogens, it has a tendency to gain 
an electron and forms the hydride ion Н. 

(2) in common with the alkali metals, it may lose an electron 
to form a cation, though this statement must be treated with 
considerable reserve as will be seen. 

(3) in common with the carbon Group elements, hydrogen 
has a half-filled valency shell and forms covalent bonds with a 
wide range of polarities. 


This last comparison is especially apt, particularly if 
hydrogen is compared with carbon with one remaining free 
valency as in methyl, H4C—. There is a very close relation- 
ship between the stability and properties of the hydrides and 
organometallic compounds of many elements, as the Table 
below illustrates, and it is often useful to regard the hydride 
as the parent compound of a homologous series of organo- 
metallic compounds, e.g. HSnCl,, CH3SnCl,, C,H,SnCl,, 
etc. As organometallics form a field of rapid growth which 
cuts across the old boundaries of organic and inorganic 


TABLE 9.1 Comparison of some metal-hydrogen and metal-alkyl compounds 


Type R=H R = Alkyl, e.g. methyl 
NaR ionic, Na*H™ ionic, Na* CH; 
AIR; polymeric solid linked by electron-deficient dimer linked by electron-deficient alkyl bridges, 


Al: Hee Al bridges 


SiR, to PbR; 
in stability Si» Ge» Sn» Pb 


covalent gaseous molecules, M — H decreases 


AI: CH;--AI 

volatile covalent compounds, M — К decreases 
in stability from Si to Pb though more stable 
than M- H 

rings (GeR;),(n = 4, 5, 6) or polymeric solids 


Сек, polymeric oxidizable solids of obscure structure 

RCo(CO), unstable complex hydride with с Co—H 
bond 

RPtX(PPh3); hydride with Pt— Н bond stabilized by 


Pt — phosphine interaction 


unstable organometallic complexes with c 
Co - К bonds 

stable organometallic complex with о Pt— C 
bond stabilized by Pt — PPh, interaction 
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chemistry, this facet of hydrogen chemistry is of considerable 
current importance. 

Hydrogen is the most abundant element in the universe 
and the other elements are built up from hydrogen by nuclear 
fusion processes in the stars. On earth, hydrogen occurs 
almost wholly in combination, especially as water and in 
organic compounds (Tables8.2 and 8.5). Hydrogen is 
widely used, especially in the manufacture of ammonia 
and in hydrogenation reactions in petrochemical production. 
Most hydrogen is formed as part of the overall process, either 
from water, from oil fractions or from methane (natural gas 
or, on a smaller scale, from anaerobic fermentation). 

Where electricity is cheap, electrolysis of water provides 
hydrogen— either as the direct product or as a byproduct in 
processes like chlorine manufacture by the electrolysis of 
brine. Although present costs usually make electrolysis a 
relatively expensive process, it has been suggested that in a 
future where accessible oil and coal stocks are running out, the 
conversion of electricity from solar energy or fusion power 
into hydrogen would give a fuel which is storable (unlike 
electricity) and which would easily replace hydrocarbons as a 
transport fuel, with the advantage of being clean-burning. 
These ideas have been ramified into a 'hydrogen economy' to 
replace the present ‘oil economy’, The major drawback is 
that, although the energy derived from burning unit weight of 
hydrogen is very high, the energy per unit volume is low and 
any weight advantages would be lost by the weight of storage 
devices, such as high pressure cylinders. There has therefore 
been substantial interest in the storage of hydrogen as a metal 
hydride, see below. 

An alternative production of H, from both water and 
hydrocarbons is by the steam-reforming process over a nickel 
catalyst at around 850 °С: 


СН +; - H;O 2 CO +H, 


Further reaction with steam can convert CO to CO, which is 
removed chemically. Alternatively, separation by molecular 
sieve is used. An alternative source of process hydrogen is from 
hydrocarbons by thermal cracking. 

Pure hydrogen may be prepared by diffusion through 
palladium tubes (which pass only H5) or, on a small scale, by 
hydrolysis of active metal hydrides like СаН,. 


TABLE 9.2 Properties of hydrogen 


Heat of dissociation of H, 
Ionization potential 
Electron affinity 


Ны) = 2H gas), AH = 435-9 К] mol”! (443-3 kJ mol"! for р,) 
Ны) = Higa) +e”, Z = 13-595 eV = 1309 kJ тої! 


Hate = Нм), Ё = —68-99 kJ mol”! (exothermic) 


There are three well established isotopes of hydrogen: 


ІН normalor light hydrogen, mass = 1-008, natural abun- 
dance = 99-98% 

ЇН deuterium or heavy hydrogen, mass = 2:015, natural 
abundance = 0:02% 

Н  tritium, mass = 3-017, natural abundance = 10^! 5, 
radioactive, with t; = 12:4 years, decay process 
1H = 3He+_% 


Pure deuterium is normally separated from light hydrogen 
by the electrolysis of water. The lighter isotope is evolved 
preferentially and almost pure deuterium oxide remain: һу 
the time the bulk is reduced a millionfold. Tritium is most 
conveniently prepared by the irradiation of lithium wiih 
slow neutrons in a reactor: 


SLi+dn = {Н - $He 


and the tritium is separated by oxidation to T,O. Both 
deuterium and tritium are most readily produced as oxi 
and most deuterated or tritiated compounds are made 
directly from this isotopically substituted water. For examp'e, 
deuterated acids may be made simply by solution: 


Р,0;+30,0 = 2D,PO, 
SO, D;O = D,SO, 


or tritiated ammonia by the reaction of a nitride: 
Маз№, +3Т,О = 2NT;+3MgO. 


Since the chemical behaviour of all the isotopes of an eleme: 
is identical (although rates of reaction may differ), deuterium 
or tritium substituted hydrides are widely used in studying 
the mechanisms of reactions involving hydrogen. (See 
section 2.3.) 

Some of the important properties of hydrogen are listed 
in Table 9.2. 

It has already been noted in section 2.15 that atomic and 
ionic radii show some variation with the chemical environ- 
ment of the species. This variability is particularly marked 
in the ions and covalent molecules involving hydrogen, as 
Table 9.2 shows, since there is only a single nuclear charge 
on hydrogen and the 15 orbital is unshielded by any inner 


electron shells. The hydride ion, H7, is especially sensitive to 


Radius, anionic H^ = 112 to 154 pm (measured in ionic hydrides) 


cationic H* = 10^? pm 


208 pm (calculated for free H`) 


covalentH = 37-07 pm (from H; bond length) 
28 pm (from bond lengths of hydrogen halides) 
32 pm (from MH, distances in carbon Group hydrides) 


change of electric field intensity in its environment as it 
consists of two electrons in the field of the single nuclear 
charge and therefore has a very diffuse electron cloud. The 
free hydride ion has been calculated to have a radius of 
208 pm, twice as large as that of helium, which has two 
electrons in twice the nuclear field. The measured values of 
the hydride ion radius in ionic lattices are much smaller than 
this and show considerable variation, as the values in the 
alkali metal hydrides illustrate: 


MH Li Na K Rb Cs 
H radius (pm) 126 146 152 153 154 


(Compare these values with 133 pm for F^ and 145 pm for 
025, where the larger numbers of electrons are offset by the 
increase in the nuclear charges and consequent greater 
density of the electronic cloud.) The covalent radius of 
hydrogen also shows considerable variability, although the 
cffect is less pronounced than with the anionic radius, apart 
{rom the high value for the hydrogen molecule itself. 

The most striking change in dimension would come if the 
hydrogen atom were to lose its electron to become the 
positive ion, H*. This is the bare proton with a radius of 
about 107? pm and is a hundred thousand times smaller than 
any other ion (compare Li*, radius 60 pm). The charge 
density on the proton is thus enormously higher than on any 
other chemical species and it would have a powerful polariz- 
ing effect on any other molecule in its neighbourhood. As a 
result, the free proton has no independent existence in any 
chemical environment and always occurs in association. 
Thus, if an acid dissociates in water, H3O* and not (except 
as a shorthand) Н” is formed, and this ‘hydrogen ion’ or 
‘hydroxonium’ ion is then further solvated just as any other 
cation. A similar situation holds for any other protonic 
solvent, as discussed in Chapter 6 (although it must be noted 
that in the Brénsted definition of an acid it is the proton 
which is transferred). In water, the proton may well exist as 
the solvated species НО, shown in Figure 9.1, as it has 
been shown that this species can be extracted from an 
aqueous acid solution into an immiscible organic base. This 


FIGURE 9.1 The species НО 
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is comparable with the isolation of, say, the nickel ion from 
aqueous solution as the green hexahydrate, Ni(H4O)z *. 
In a recent study, H5,O7 , the proton solvated by two water 
molecules, has also been identified. It has the structure shown 
in Figure 9.2. 

One further physical modification of the hydrogen mole- 
cule should be briefly mentioned: ortho- and para-hydrogen. 
These forms arise from the different ways in which the 
nuclear spins may be lined up. If the nuclear spins are 
parallel, the form is ortho-hydrogen, while if they are anti- 
parallel, the form is para-hydrogen. These two forms of 
molecular hydrogen have different physical properties, such 


H H 


N 


FIGURE 9.2 The structure of H5O7 in [Co(en);Cl;]CI НО C17 
The (H,O) — H —(OH,) link issymmetrical and the hydrogens of the 
water molecule are trans to each other. The distance О-Н —O is 
243-1 pm, making the OH bridge length 121-6 pm. H —O in the 
H20 molecule is 99-5 pm. Angles at oxygen are 109° to terminal Н 
atoms and 114° for Н (bridge) -O-H (terminal). 


as thermal conductivities, and the two co-exist at ordinary 
temperatures. (Other symmetrical molecules with nuclear 
spins, such as №, or Cl;, have ortho- and para- forms but 
only Н; and D; show significant differences in physical 
properties.) The more stable form at low temperatures is 
para-hydrogen and this makes up 100 per cent of hydrogen 
at absolute zero. At higher temperatures, the equilibrium 
proportion of ortho-hydrogen rises, and reaches its maximum 
of 75 per cent at room temperature. The equilibrium pro- 
portions at any given temperature may be calculated theo- 
retically, and the interconversion may easily be followed 
experimentally. The interconversion is slow but subject to 
catalysis by a number of materials, especially by para- 
magnetic compounds, and this ortho-para conversion is 
frequently used in studies of catalysis. 


9.2 Chemical properties of hydrogen 

As the hydrogen molecule bond energy, of 436 kJ mol~', 
is high, molecular hydrogen is fairly unreactive at ordinary 
temperatures. At higher temperatures it combines, directly 
or with aid of a catalyst, with most elements. Some of the 
more important reactions are shown in Figure 9.3. 

Atomic hydrogen may be produced in high-intensity 
electric arcs and is very short-lived and reactive. It finds use 
in welding where the recombination of the atoms takes place 
on the metal surface, yielding up the heat of dissociation and 
at the same time providing a protective atmosphere against 
oxidation. 

Binary compounds of hydrogen (1.е., those containing 
hydrogen and one other element) are termed hydrides 
whether they contain the hydride ion, Н, or are covalent, 
and this term is commonly extended to less simple hydrogen 
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FIGURE 9,3. Reactions of molecular hydrogen 


compounds, as in ‘transition metal hydride complexes’ and 
‘complex hydride ions’. It is convenient to discuss the 
chemistry of the hydrides in three groups, reflecting the three 
ways in which the hydrogen electron enters into bonding. 
These are (i) gain of an electron to form ionic compounds 
containing H7, (ii) sharing the electron in covalent hydrides, 
(iii) forming metallic bonds with the electron delocalized in 
the so-called interstitial or metallic hydrides. 

As the electron affinity of hydrogen is low compared with 
that of the halogens, the distribution of ionic hydrides in the 
Periodic Table is much more restricted than the distribution 
of ionic halides. Ionic hydrides are formed only by the 
elements of the alkali, alkaline earth and, possibly, the 
lanthanide Groups. Most other elements of the main Groups 
form covalent hydrides, while the transition elements 
give metallic hydrides. The transition metals also form 
hydrido-complexes such as (ReHy)?~ (Figure 15.21) or 
RuH(CO) (PPh5)4. Some examples are included in Chapter 
15. Figure 9.4 shows the approximate distribution of the 
various types of binary hydride within the Periodic Table. 
The boundaries between classes are by no means sharp, and a 
number of intermediate types are observed. In addition, 


there is some doubt whether the hydrides of a number of 


elements, especially of the heaviest elements, exist at all. 

In passing across a Period, the type of hydride changes 
from ionic compounds at one extreme to volatile covalent 
molecules at the other. In the middle of the short Periods, 
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the transition between the two types is marked by solid 
hydrides, say of magnesium and aluminium, of polymeric 
structure with bonding of intermediate character. Among 
the transition elements in the long Periods, the type changes 
through interstitial hydrides to hydrides of dubious existence 
at the right of the transition block, before coming to the 
covalent hydrides of the р elements. In any Main Group of 
the Periodic Table, the stability of the hydrides tends to fall 
with increasing atomic weight. 


9.3 lonic hydrides 

The gain of an electron by a hydrogen atom gives the helium 
configuration, 15? and is analogous to halide ion formation. 
However, the formation of the hydride ion is much less 
favourable than the formation of a halide ion, see Figure 9.5, 
as the electron affinity of hydrogen is much less exothermic 
and because more energy is needed to break the H — H bond. 
As a result only the most active elements, whose ionization 
potentials are low, form ionic hydrides. The alkali metal 
hydrides and CaH;, SrH; and BaH, are the only compounds 
which are clearly ionic. Magnesium hydride, MgH,, is 
intermediate between the ionic hydrides and the solid 
covalent hydrides like AIH}. The dihydrides of th 
lanthanide elements are metallic and only approach the ioni 
type as the hydrogen content rises towards the МН; stoichio- 
metry. However, the two lanthanide elements which show a 
relatively stable II state in their general chemistry (compare 
Chapter 11)—europium and ytterbium—do form ionic 
hydrides, EuH; and YbH,. These two compounds are 
isomorphous with CaH, and differ in structure from the other 
lanthanide dihydrides which have the fluorite structure. 

The ionic hydrides are formed by direct reaction between 
hydrogen and the heated metal. They are all reactive and 
reactivity increases with atomic weight in a Group. The 
alkali metal hydrides are more reactive than those of the 
corresponding alkaline earth elements. The alkali metal 
hydrides have the sodium chloride structure (the radius of 
Н”, about 150 pm, is comparable with the halide radii, 
F- = 133 pm, CI” = 181 pm). The alkaline earth hydrides, 
and EuH; and YbH;, have the same structure as CaCl;. 
The metal atoms are in approximately hexagonal close pack- 
ing and each is surrounded by nine hydride ions in a slightly 
distorted lead dichloride structure. In the regular PbCl, 
structure, the metal atom is coordinated by six metal ions at 
the corners of a trigonal prism and three more beyond the 
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FIGURE 9.5 Energies of formation of hydride and chloride ions 


rectangular faces. In the dihydrides, the metal atom has 
seven hydride ions at equal distances and two more distant 
ions (e.g. CaH; has seven Ca—H distances of 232 pm and 
two of 285 pm). In all these ionic hydrides, the metal-metal 
distances are less than they are in the elements so that the 
hydrides are denser than the metals. 

Evidence for the ionic nature of these hydrides is: 

(i) Molten LiH shows ionic conductance and the melt gives 
hydrogen at the anode on electrolysis. The other hydrides 
decompose before melting, but they may be dissolved in 
alkali halide melts without decomposition and, on electro- 
lysis, give hydrogen at the anode. 

(ii) It has been possible, by a combination of X-ray and 
neutron diffraction, to construct an electron density map for 
LiH. This shows that 0-8 to 1-0 ofan electron has been trans- 
ferred to hydrogen from each lithium atom (i.e. to give 
Li*H~). Thus lithium hydride is almost completely ionic. 
As polarization effects are greatest in lithium hydride (see 
Chapter 4) it follows that the other alkali hydrides are also 
ionic with full transfer of an electron from each metal atom. 
(iii) The crystal structures of the hydrides show no indication 
of directional bonding (chains, sheets or discrete molecules) 
and are reasonable for ionic compounds with the radius 
ratios of the hydrides. 

(iv) Observed and calculated lattice energies are in good 
agreement (compare section 5.2). 

The ionic hydrides react readily, and often violently, with 
water or any other source of acidic hydrogen and with 
oxidizing agents. The reaction with acidic hydrogen may be 
represented as: 


X'— Н+ -H^ = Н,+Х- 


Examples of this and other common reactions of the hydride 
ion are shown in Figure 9.6. 

The ionic hydrides find use in the laboratory for drying 
solvents, and as reducing agents, though they have been 
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FIGURE 9.6 Reactions of the hydride ion 


largely superseded in the latter application by the advent of 
the complex hydrides. On the industrial scale, NaH and 
CaH; which are relatively inexpensive and easily handled, 
are commonly used as condensing agents in organic syntheses 
and as reducing agents, e.g.: 


CaH,+MO = СаО + М +H, (at 500-1 000 °C) 
CaH; 4- 2NaCl = 2Naf+CaCl,+H, 


Complex hydride anions. One important reaction of the alkali 
metal hydrides is in the preparation of the complex hydride 
anions. If lithium hydride is reacted in ether with aluminium 
trichloride, the tetrahydroaluminate, LiAIH,, results (this 
compound is usually called by its non-systematic name of 
lithium aluminium hydride) : 


4LiH + AICl, = LiAIH,+3LiCl 


Recent work has shown that the complex aluminium hy- 
drides may also be made by direct reaction of the elements 
at high pressures, giving a much cheaper route as all the 
expensive lithium ends up in the product 


Li 4 Al--2H; oes, T1AIH, 


250 atm, 120-150: C 


(also for Na or K). 

NaBH,, sodium tetrahydroborate (borohydride), Li;BeH, 
LiGaH,, and similar compounds may be prepared by one or 
other of these routes, as can the aluminium hexahydrides like 
Na4AIH,. 

The alkali metal compounds MBH;, MAIH,, MGaH, 
and M;AIH, contain M'Hj огАІН , anions, although there 
may be a weak interaction with the cation, especially in the 
case of lithium compounds, of the multicentred, electron 
deficient type discussed in section 9.6. The M'H, ions are 
tetrahedral and AIH,” is octahedral. 

These complex hydrides, particularly LiAIH, and NaBH,, 
are extremely useful reducing agents, especially the lithium 
compounds which are appreciably soluble in ether. Examples 
of their uses in the preparation of covalent hydrides are 
given in section 9.5 and organic applications include the 
reduction of aldehydes or ketones to alcohols and of nitriles 
to amines. The different complex hydrides vary in reactivity, 
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thus BH; isa milder reducing agent than AIH; , and further 
modifications to the reactivity are possible by introducing 
organic substituents as in Na* [HB(OCH ,),] . The intro- 
duction of such reagents in the last two decades has created 
a revolution in reductive preparations in both organic and 
inorganic chemistry. For example, yields in the preparation 
of the hydrides of the heavier elements of the carbon and 
nitrogen Groups have been raised to 80-90 per cent as 
compared with the 10-20 per cent which was common with 
the older methods using ionic hydrides. 

Less electropositive elements also form borohydrides or 
aluminohydrides, but these are more closely related to the 
parent boron and aluminium hydrides, which are electron 
deficient covalent species and are discussed in section 9.6. 


9.4 Metallic hydrides 

Non-stoichiometric compounds between hydrogen and 
many transition metals have been known for a long time, 
but their nature and bonding have not been well understood. 
These compounds are brittle solids with a metallic appear- 
ance and with metallic conductivity and magnetic proper- 
ties. Typical formulae are TiH;.s, NbH,.; ог PdHo.¢. These 
compounds were called ‘interstitial’ hydrides as it was 
originally conjectured that the hydrogen atoms were held in 
the interstices of the metal lattice. The problem was further 
complicated by the fact that most transition metals physically 


TABLE 9,3 Metallic Hydrides (idealized formulae and structures) 


adsorb hydrogen so that many spurious compounds were 
reported. 

It is now known that all the lanthanide and actinide 
elements, the elements of the titanium and vanadium 
Groups, chromium and palladium combine exothermically 
and reversibly with hydrogen to form metallic hydrides in 
which the metal atoms are in a different structure from those 
of the element. These metallic hydrides have the idealized 
formulae shown in Table 9.3, but, as usually prepared, are 
commonly non-stoichiometric and hydrogen-deficient 

There is thus a ‘hydride gap’ in the middle of the Periodic 
Table where binary hydrides are not formed. The exothermic 
heats of formation decrease from left to right towards this 
gap, and it has been calculated that hydrides of the ferrous 
metals would have heats of formation of around zero. 

Many of these hydrides have structures where the hydro- 
gens occupy the tetrahedral sites in cubic, close-packed 
metal lattices. With all these sites occupied, this corresponds 
to the formula МН, and the fluorite structure (compare 
Table 5.3). It is thought that VH, NbH and TaH have the 
hydrogens in tetrahedral sites and these compounds have 
slightly distorted body centred cubic metal lattices which are 
closely related to cubic, close-packed arrangements. In the 
lanthanide hydrides, and those of yttrium and the heavier 
actinides, the МН, phase can take up further hydrogen in 
octahedral sites. The lighter lanthanides form MH, phases in 


ee APN A so 


ѕеН, тін, УН CrH c dee ui (NiH)(c) CuH | 
(fluorite) (fluorite) (bcc) (anti-NiAs) (NaCl) (wurtzite) 
УН, 6 CrH;? 
(fluorite?) (fluorite?) 
YH; ZrH, NbH c 
= E = РАН». 
(fluorite) (fluorite) (bec?) (NaCl) 
YH, NbH, 
(hexagonal) (fluorite?) 
LaH, HfH, TaH =. = pes r= = 
(fluorite) (fluorite) (bec) 
LaH; 
(cubic) 
Lanthanide elements МН, (fluorite) formed by Ce, Pr, Nd, Sm, (a), Gd, Tb, Dy, Ho, Er, Tm, (a), Lu 
MH, (cubic) formed by Ce, Pr, Nd, Yb Im 
MH, (hexagonal) formed by Sm, Gd, Tb, Dy, Ho, Er, Tm, Lu 
AcH; 
(fluorite) 


Actinide elements 


MH, (fluorite) formed by Th, (b), Np, Pu, Am 


MH, (hexagonal) formed by Np, Pu, Am 
MH; (cubic, complex str.) formed by Pa, U 


Notes: (a) EuH; and YbH; have orthorhombic, ionic hydrides discussed in section 9.3. 


(b) Thorium dihydride has a distorted fluorite structure: à secon 
(с) МІН exists only under hydrogen pressures of 10* atm. 


d hydride, Th4H;, also exists. 


this way which remain cubic, but the heavier elements 
undergo a structural change around the composition МН,.; 
to give a hexagonal lattice. UH}, PaH; and Th4H,, have 
more complex structures. In two of the hydrides, CrH and 
РАН, the hydrogens are in octahedral sites only. Palladium 
nydride (which has been prepared only up to the PdH,.; 
composition) forms a sodium chloride lattice but chromium 
hydride has a hexagonal, anti-nickel arsenide structure. 

there has been much discussion of the bonding in these 

uetallic hydrides, and in similar compounds such as some low- 
aleney halides of the transition elements which also show 
пасе properties. One theory, which accounts for many 
©! ihe facts, regards the metallic hydrides as modified metals. 
A raetal with л valency electrons is regarded as forming M"* 
cations and having the n electrons per metal ion in com- 
vicrely delocalized orbitals. Then, as hydrogen atoms enter 
‘he lattice, each acquires one of these delocalized electrons to 
iren a hydride ion. Thus, a metal hydride, MH, contains 
^1** ions, xH~ ions and (n— x) delocalized electrons. The 
relative numbers and sizes of the metal cation and hydrogen 
fons govern the structure of the hydride, while the remain- 
ing (n—x) electrons give the hydride its metallic properties. 
ior example, ТЇН; would be regarded as consisting of Ti** , 
wo Н and two conduction electrons per formula unit. 

‘The transition metal hydrides are usually prepared by 
direct combination between the metal and hydrogen at 
moderate temperatures and, often, high pressures. They 
may be decomposed by raising the temperature. This 
reversible hydrogenation is made use of in two ways. One is 
io provide a convenient source of very pure hydrogen. The 
metal hydride is formed leaving any impurities in the 
hydrogen behind. Then, by heating the hydride to a higher 
temperature, pure hydrogen is evolved. The second use is to 
provide the metal in a finely divided and highly reactive 
lorm. Many of the transition metal hydrides differ sufficiently 
from the metal in lattice parameters so that when the hydride 
is formed from the bulk metal, it is produced as a fine powder. 
The other hydrides are brittle and may be much more 
readily powdered than the metal. The powdered hydride is 
then heated to remove the hydrogen, leaving the metal in a 
suitable form and free of surface oxide for further reactions. 
In addition, the metal hydrides themselves often provide 
suitable starting materials for synthesizing other compounds 
of the metal. 

A number of the hydrides find industrial application, 
particularly in powder metallurgy where the hydrogen 
evolved during fabrication gives a protective atmosphere. 
Another application is as a moderating material in atomic 
piles. A metal hydride, such as zirconium hydride, provides a 
higher density of hydrogen than conventional moderators, 
such as water, and they may be used to higher temperatures. 

A potential use of metal hydrides of high significance is as a 
portable, relatively safe, hydrogen store. Hydrogen is an 
excellent fuel for urban transport and may be produced 
directly from renewable energy sources. It is being examined, 
therefore, as a substitute for petrol. Work is proceeding on 
using metal hydrides as а hydrogen source in such 
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applications, exploiting the readily reversible formation and 
decomposition of the metal hydrides. 

Related to the simple hydrides are a wide range of mixed- 
metal hydrides. These often involve a more electropositive 
metal which, alone, forms an ionic hydride, but the mixed 
species retains metallic properties. Of particular interest are 
mixed metal hydrides formed by those metals which do not 
have a stable binary hydride phase. One example is 
Mg,NiH, which is attracting interest as a hydrogen storage 
material. Similar mixed metal hydrides are known for most of 
the metals in the ‘hydride gap’. 

These compounds are intermediate between the binary 
metallic hydrides, and the hydrido-complexes of the tran- 
sition metals which have covalent M—H bonds (compare the 
ReH2- ion and related species, section 15.5.1). Mg; FeHg 
also approaches the limit of an FeHz 7 ion, but there is a 
significant H... Mg interaction remaining (section 14.6.3). 
One further, somewhat different, intermediate group is the 
metallic hydride-halides and similar species represented by 
ZrHCI. This shares the metallic properties of the binary 
hydride and of the ‘subhalide’ (section 15.2.3). 

The hydrides of the remaining transition metals are quite 
different. Copper hydride, CuH, is formed endothermically 
by the reduction of copper salts with hypophosphorous acid 
and it decomposes irreversibly. In the zinc Group, ZnH;, 
CdH, and HgH, are formed by the reaction of the halides 
with LiAIH, but stability decreases rapidly from Zn to Hg. A 
mixed hydride-halide, H4Zn;X, is formed similarly for 
X =С1 or Br; while cadmium gives CdHX. All these species 
probably resemble (AIH3), and belong to the electron- 
deficient class. 


9.5 Covalent hydrides 

The hydrogen atom may attain the inert gas structure by 
sharing an electron pair in a covalent bond. All the remain- 
ing binary hydrides fall into this group. МЕН, has properties 
intermediate between ionic and covalent hydrides while 
Син, ZnH, and CdH, are intermediate between metallic 
and covalent species. Covalent hydrides are formed by all the 
elements with an electronegativity down to about 1:5 (e.g. 
aluminium) which are just on the border for forming ionic 
hydrides. As hydrogen has an electronegativity of 21 it 
follows that bond polarities range from those, as in the hydro- 
gen halides, where the hydrogen end is strongly positive, i.e. 
Нё? — X^^, to those cases where the hydrogen end of the 
dipole is negative, as in B'* — Н?" or Ga^* — H*'. If the 
second element has an electronegativity less than about 1-2, 
the hydride becomes definitely ionic. 

The covalent hydrides fall into two distinct classes. First 
there are the compounds of the carbon, nitrogen, oxygen 
and fluorine Groups which have normal electron pair bonds 
between the element and hydrogen. Secondly, there are 
compounds exemplified by the simplest boron hydride, 
B;H,, which do not have enough valency electrons to form 
electron pair bonds to all the hydrogens, and these are 
termed. electron-deficient. Into this class fall the hydrides of 
beryllium, boron, aluminium and gallium. MgH;, ZnH; and 
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perhaps CdH; and CuH have some affinities with this class. 
Other members are the borohydrides and aluminohydrides of 
elements which are not sufficiently electropositive to give the 
complex hydride ions: examples are Be(BH,) 2 and AI(BH, ,. 
The electron deficient hydrides are treated in section 9.6. 

Covalent electron pair bonds are also formed between 
hydrogen and the transition elements, in compounds where 
the metal is also bonded to ligands capable of forming 
n-bonds, such as CO, phosphines, arsines, sulphides, or 
NO. Such compounds as (R4P);PtH;— where R stands 
for a variety of aliphatic and aromatic substituents—or 
(СО); Ман, have metal to hydrogen covalent bonds of 
sufficient stability to allow for their isolation. Such covalent 
bonds to hydrogen seem to be most readily formed by those 
transition metals in the ‘hydride gap’ which do not form 
binary metallic hydrides. Some examples are given in 
Chapters 13 to 16. 


Preparation 

There are three general methods available for the 
preparation of covalent hydrides, although many others are 
available in specific cases. These general methods are: 

(i) simple direction combination, especially with the more 
reactive elements: 


H, 4-ct, 18, ouo 


(ii) hydrolysis of a binary compound of the element with an 
active metal by any non-oxidizing dilute acid : 


Mg;B; > В,Н, 
Al,C; > CH, 
СазР, > PH, 


(iii) reduction of a halide or oxide by an ionic hydride or by 


TABLE 9.4 Hydrides of the p elements 


a complex hydride: 


СеО;+ВН > Сен, 

SiCl, +14Н > SiH, 

AsCl;+LiAIH, > AsH, 
R;SbBr--BH; > R,SbH. 


The reactions of all these hydrides may be carried out in 
ether solution and ВН; may also be used in an aqueous 
system. A fourth method of synthesis, in increasing use, 
involves the interconversion of hydrides in a suitable dis- 
charge. This is particularly valuable for forming longer 
chains from simple hydrides or for forming long chain halides 
which may then be reduced to the hydride. The discharge 
may be of radio or microwave frequency or may be of the 
ozonizer type. 


(iv) Сен, > Ge;H, - Ge Hg +hydrides up to GegH5o 
SiH, +GeH, > GeH,SiH, + Ge; H, +Si,H, 

iAl 
SiCl, > Si,Cl, BH. SijH, 
SiH, * PH;  SiH;PH, + (SiH); PH + Si, H,PH,, etc. 


Of these four methods of preparation, (i) is of limited 
applicability but is being developed for the less reactive 
clements under high temperature and pressure, (ii) gives low 
yields but is the most direct way of obtaining the higher 
members of homologous series, (iii) is usually the best and 
most convenient method on a laboratory scale, while (iv) 
gives better yields than (ii) of the higher hydrides but 
requires a supply of the simple material. Higher hydrides, 
containing a chain of atoms of the central element, are known 
for many f block elements but, for most, chain lengths are 
short and stabilities are low. The exceptions are silicon and 
germanium, where hydrides М,Н,, 4: are characterized up 


В,Н, 

(and many higher 
hydrides: see 
"Table 9.5) 
(AIH3), 

(solid polymer) 


С,Н,, +2, etc. 
(no limit to is known) 


Si H,,, n»n 
(characterized up to n = 8; straight- 
and branched-chain isomers occur) 


[(GaH3),] 
(unstable oil) 


Ge, Hy, 42"? 
(characterized up to n = 9; straight- 
and branched-chain isomers occur) 
[SnH,] 

[Sn;H,] 

[PbH;]? 

[] = unstable at room temperature 

[ ]? = existence unconfirmed or transient 

1. Mixed hydrides Si,Ge, H5.) are also known. 


NH, H,O HF 
NH, H,0, 
PH,” H,S HCl 
[P,H,]9? HS, 

(characterized 

up ton = 6) 
AsHQ? 
LARA H;Se HBr 
[SbH;] [H;Te] HI 
[BiH;]? [H;Po]? [HAt]? 


2. Solids MH, of uncertain composition are widely reported but few properties are established. 


3. An extensive class of such hydrides is characterized: see 18.3 


to about » — 10. Both straight and branched chains are 
known, and hydrides containing mixed chains of silicon and 
germanium atoms are found. For example, pentagermane is 
found in all three isomeric forms (GeH;),GeHGeH,GeH,, 
GeH,GeH,GeH,GeH,GeH; and Ge(GeH3)4, and Si,GeHg 
occurs as SiH3,SiH,GeH; and SiH,;GeH,SiH;. Mixed 
hydrides containing silicon or germanium and certain other 
atoms are also fairly stable. Examples include the silicon- 
phosphorus hydrides SiH PH), both isomers (SiH) PH and 
SiH,SiH,PH,, and (SiH3)3P. 
The р element hydrides are listed in Table 9.4. 


Properties 

Tbe thermal stabilities of the hydrides decrease in each 
Group as the atomic weight of the central element increases. 
Except in the case of carbon compounds (and, to some 
extent, boron ones), the thermal stability decreases fairly 
rapidly with increasing molecular weight for the members of 
a homologous series. The variation of stability across a Period 
is irregular, with the carbon Group and the halogens forming 
the most stable hydrides, e.g. the hydrides of Ga < Ge > As 
< Se < Br in stability. 

The structures of the hydrides are as predicted from the 
number of electron pairs on the central element, cf. Chapter 4. 
All the carbon Group hydrides are tetrahedral MH, mole- 
cules and the higher homologues are also based on tetra- 
hedra. The nitrogen and oxygen Group molecules are based 
on tetrahedra with, respectively, one and two lone pairs. 
‘The bond angles decrease towards 90° with increasing atomic 
weight of the central element. The boron Group hydrides 
are discussed later. Hydrazine, N;H4, and hydrogen per- 
oxide, Н,О,, adopt the structures shown in Figure 9.7 which 
separate the lone pairs as much as possible. 

The reactions of the hydrides are varied and many are 
familiar: for example, the reactions of hydrogen sulphide, 
hydrogen halides, water, and ammonia. In general terms, all 
the hydrides are reducing agents and react strongly with 
oxygen and halogens. Stability to oxygen varies from the 
relative stable germane, GeH4, and hydrogen halides, to the 
cases such as silane, SiH4, and phosphine, PH, which ex- 
plode or inflame in air. With the halogens, reactions may 
also be violent, although iodine often reacts smoothly to 
cleave only one bond as in: 

GeH, +1, = GeH4I -HI 
The hydrogen halides also react with many hydrides to give 
partial substitution: 


Alpers 
SiH, +HX ——> SiH;X+H, 


The hydrides of most elements are strong reducing agents 
which reduce many heavy metal salts to the element: 


PH; + AgNO; > Ag 
SnH, + CuSO, — Cu, etc. 
Exceptions are provided by the hydrides of the first short 
Period which are relatively unreactive. One reason for this 
probably lies in the absence of an easy reaction path. Thus 
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FIGURE 9.7 The structures of (a) hydrazine, (b) hydrogen peroxide 


silane, SiH4, reacts readily as the silicon 3d orbitals can 
provide a means of coordinating an attacking reagent in a 
reaction intermediate; in methane, CH,, there is no such 
pathway. Reaction depends on the breaking of a С— Н bond 
which requires much more energy and is correspondingly 
slower. 

One important reaction of many covalent hydrides is 
ionization to give a positive hydrogen species. The hydrides 
of the most electronegative elements are already polarized, 
with the hydrogen positive. Although the formation of the 
free proton is impossible, as shown above, the hydrogen 
bonded to an electronegative element can ionize to give a 
proton stabilized by bonding to one or more neutral 
molecules. In the hydrides of the most electronegative 
elements, F, O and N, this is accomplished by self-ionization 
in the liquid phase when the proton is associated with a 
molecule of the hydride (compare section 6.5 and Figures 9.1, 
92). 

2NH, = NH; -- NH; 
2H;O = H,O* -OH ^ 
2HF = H,F*+F-. 
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The hydrides of less electronegative elements do not self- 
dissociate in the liquid phase (largely because the liquids are 
less efficient ion-supporters), but they do dissociate when 
dissolved in an ionizing solvent such as water. Such hydrides 
are those of the other halogens, and of the other chalcogens, 
which dissociate in water or ammonia. The energies involved 
in such ionizations may be illustrated by the case of hydrogen 
chloride. The formation of the free proton in the gas phase, 
Н — Н? requires 1340 kJ mol” !, and the hydration energy 
of the gaseous proton is about — 1090 kJ mol~!. For hydro- 
gen chloride: 


HCl, > Но + Clu AH = 1380 kJ тої! 
Hiza + Cla > Не Clas AH = — 1460 kJ mol`! 


so ionization of hydrogen chloride in aqueous solution is exo- 
thermic by about 80 kJ mol~!. The hydrogen halides are 
fully dissociated in water but most other hydrides which 
dissociate in water do so only very weakly. For instance, the 
dissociation constant for 


H,S+H,0 = H,0* +НѕЅ- 


is only about 1077. The hydrides of phosphorus and the 
other members of the nitrogen Group do not dissociate 
measurably in water. This rapidly decreasing tendency to 
dissociate in solution clearly parallels the fall in the polarity 
of the element-hydrogen bond. 

The formation of H;O* or NHj may be considered as the 
result of the donation of an electron pair to the proton by the 
oxygen or nitrogen atoms, HN: > Н? or HO: > Н+. 
This is one case of the general donor-acceptor (Lewis base- 
acid) behaviour of the hydrides. The hydrides with one or 
more lone pairs of electrons may donate them to suitable 
acceptor molecules to form coordination complexes. This is, 
of course, the reaction involved in the solvation of cations by 
water or ammonia, but it is a general reaction possible for all 
the hydrides of the nitrogen, oxygen, or halogen Groups. In 
general, donor power falls as the number of lone pairs on the 
central atom increases and as the size of the central atom 
increases. Thus the hydrogen halides are weak donors as 
there are three lone pairs on the halogen atoms, and the 
heavier analogues of ammonia and water, such as SbH, or 
H5Se, are also weak. Organic-substituted hydrides of the 
nitrogen and oxygen Group elements, especially the phos- 
phines, R3P, and the sulphides, R,S (where R includes 
aliphatic and aromatic groups), do act as donors to a wide 
variety of species. Acceptor molecules with suitable empty 
orbitals available include the р acceptors of the boron Group 
(and beryllium), the nd acceptors such as the tetrafluorides 
of the carbon Group, and especially the (n— 1)d acceptors 
among the transition metals. 

Acceptor molecules among the hydrides are largely con- 
fined to those of the boron Group, although there is some 
evidence of weak d orbital acceptor power in the carbon 
Group tetrahydrides. The complex hydride anions, BH;, 
AIH, and GaH; , may be regarded as being formed by the 
acceptance of the electron pair on the hydride ion by the 
MH, species, Н: + МН}. Donor-acceptor complexes are 


also formed between the boron Group hydrides and those of 
the nitrogen and oxygen Groups. Compounds such a: 
H3BNH, are formed at low temperatures but, on warming 
towards room temperatures, these compounds lose hydrogen 
and polymerize (in this case to the ring compound B;N3H, 
discussed in section 9.6). If organic derivatives are used, th 
complexes are more stable; both H3BNMe; and Me;BNH 

are stable at room temperature. The much less-stable pol; 

meric hydrides of aluminium and gallium also form such 
complexes and considerable stabilization of the M — H bonds 


NMe; 
H 
AI 
P ай ee 
H 
NMe, 


FIGURE 9.8a The structure of AIH. 2NMe, 


H 


е 


FIGURE 9.8b The structure of (CSH,)BeH 


results. Complexes such as R4NAIH, and R4NGaH, are 
well characterized. These elements also make use of their d 
orbitals to accept more than one donor molecule. Thus, the 
compound AIH;,2NMe, has the trigonal bipyramidal 
structure shown in Figure 9,8a. The interesting species 
(CsHs)BeH, Figure 9.8b, has a planar C,H, ring z-bonded 
to Be (compare Figure 16.8) with Be — H on the five-fold axis. 


Many of these ions and hydrides form isostructural sets, all 
based on four electron pairs: 


four bond pairs 
three bond pairs and one 


tetrahedron BH;, CH4, NH; 


lone pair pyramid NH;, H,O* 
two bond pairs and two 
lone pairs V-shape H;O, H,F* 


9.6 Electron-deficient hydrides 
Boron and related elements form a range of hydrogen 
compounds which cannot be accounted for by classical ideas 
of electron-pair bonds between two atoms. It is found that 
the simple monomeric species, such as BeH, or BH, do not 
oceur but that more complicated compounds are formed. 
Thus the simplest boron hydride is ВН, while beryllium 
and aluminium form high molecular weight polymers, 
(Вен), and (AIH3),. The most fully studied compounds of 
this class are the hydrides of boron and these are treated first. 
Ihe work of Stock on the boron hydrides was one of the 
sources of the renaissance in inorganic chemistry іп this 
спішу. He characterized the compounds in the first column 
ot Table 9.5 together with B,9H,4. It took twenty-five years 
before the next compound, BgH,s, was added to Stock's list. 


r^5LE 9.5 Some examples of boron hydrides 


B,H, 


B;Hi ByoHi4 

В.Н, B&H;; ByoHi6 

В;Н, В.Н, 4 ByoHig 

В.Н, В.Н, В,Но 

В.Н, о В.Н, в В,6Но 

В.Н, В›Н,; B;gH; 
iso — В.Н, 5 iso BygH22 

ВН; 


When it is realized that all these hydrides are inflammable, 
many are very unstable, and all appear as a mixture in the 
hydrolysis of magnesium boride, the full extent of Stock's 
experimental genius becomes apparent This field then 
started rapid development in the sixties which has continued. 

The boron hydrides form part of an exceptional group of 
compounds. On simple valency grounds, the lowest hydride 
of boron is expected to be BH, but no such molecule has ever 
been discovered —despite considerable search. The simplest 
boron hydride is diborane, В.Н, which many studies have 
shown to have the bridge structure of Figure 9.9 (see section 
7.8). There are only twelve valency electrons in B; Hg (3 per B 
and | per H), so that the molecule cannot be made up of 
electron pair bonds, which would require sixteen electrons for 
the structure of Figure 9.9. Such molecules, with insufficient 
clectrons to form two-centre electron pair bonds between 
all the atoms, are termed electron deficient. The evidence of 
bond lengths and angles, and of the infrared stretching 
frequencies, suggests that the terminal B-H bonds are 
normal single bonds. This leaves the two bridging H atoms, 
together with four electrons, to be fitted into the picture. The 
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FIGURE 9.9 The structure of diborane 


most satisfactory description of the bridge was that proposed 
by Longuet-Higgins. He suggested that, in place of the 
normal electron pair bond centred on two nuclei, a three- 
centre bond should be considered, made up of the hydrogen 
1s orbital and appropriate hybrids on the two boron atoms. 


Such a bond may be indicated as B: HB or as re 


If the boron atoms form sp? hybrid orbitals, two of which 
form the bonds to the terminal hydrogens, then the others 
may overlap with the hydrogen 15 orbitals as shown in Figure 
9.10. Figure 9.11 gives the energy level diagram for such 


three-centre molecular 
bond 


FIGURE 9.10 Three-centred bonds in diborane 

A tetrahedral hybrid orbital on B4, an s orbital on H4, and a tetra- 
hedral orbital on B, combine to form the bonding orbital shown, 
an antibonding orbital with nodes between each B and the H, and 
a non-bonding orbital which places the electron density mainly on 
the two B atoms. A similar set of three three-centre orbitals is formed 
by Нь with two other tetrahedral orbitals on В, and B;. 


bonds. The three atomic orbitals from В,, НА and В, 
combine to form a bonding, a nonbonding, and an anti- 
bonding, three-centred molecular orbital centred on these 
atoms. (Note that three atomic orbitals give three molecular 
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(b) pair of three- 
centre bonds 


FIGURE 9.11 Energy level diagram for three-centred bonds (diagrammatic), 
(a) general form, (b) electronic structure. Sor the pair of three-centred bonds 
in diborane 

Figure (a) shows the generalized energy level diagram for three 
atomic orbitals combining to form three three-centred molecular 
orbitals. The energy level diagram (b) corresponds to the two sets 
of three-centred orbitals formed by the s orbitals on Н a and Hp and 
two suitably directed orbitals on each of B, and B; in the diborane 
bridge. The six atomic orbitals give six three-centred molecular 
orbitals and, in diborane, the two bonding orbitals are filled, 


orbitals.) The three atomic orbitals on B,, Hg and В, give an 
identical set of three molecular orbitals. If two of the four 
electrons, left over after the terminal B—H bonds were 
formed, are placed in the B,H,B, bonding orbital and the 
other two in the B; HpB, bonding orbital, as in Figure 9.11b, 
the result is to use all the valency electrons and to fill only the 
three-centre molecular orbitals which are bonding. Diborane 
is thus described as having four two-centre B—H bonds and 
two three-centre B- НВ bonds, all sigma, all holding two 
electrons, and accounting for the twelve valency electrons. 

The description of these three-centre bonds is one example 
of the polycentred sigma bonding discussed in Chapter 4. 
Here the three-centre description is by far the most satisfying 
of the alternatives possible. 

Diborane serves as a model compound for the other 
boron hydrides and other hydrogen compounds which are 
formulated with similar polycentred bonding. For example, 
tetraborane, B,H;o, is shown in Figure 9.12(a). This has six 
two-electron B—H bonds, one B—B bond, and four two- 
electron three-centre B:-H-B bonds. The structures of 
higher boron hydrides may be built up similarly, but other 
types of polycentred bonds may also be present including 
three-centred B-B-B bonds and even five-centred bonds 
involving five boron atoms, as found in В.Н, Figure 9.12. 

In addition to the boron hydrides listed in Table 9,5, 
there is a wide range of boron hydride ions, of similar 


B 
Н N 
(c) H 
dotted lines indicate hydrogen bridge bonds 


FIGURE 9.12 Structures of (a) tetraborane, (b) pentaborane-9, (c) penta- 
borane-11 


(a) Tetraborane formsa boat-shaped molecule with four B---- HB 
three-centred bonds and a direct B — B single bond. 

(b) Here the boron atoms form a square pyramid. The edges of 
the square base are bonded by three-centre B--H--- B. bonds 
while the apical B atom is bonded to the four base B atoms by 


five-centred bonds using boron orbitals directed into the body of 
the pyramid. 


(c) Pentaborane-11 is an unsymmetrical Square pyramid where, in 
addition to В--:.Н....В bonds, there are three-centred bonds 
between three boron atoms in the triangular faces—the so-called 
‘central’ B Y B bond, 


B 


formulae and a variety of structures, and bonding in these 
species also involves multicentred bonding. Examples in- 
clude B;H2- and B,2Hiz which have all the hydrogens 
present as terminal B—H bonds. The B, skeleton is a regular 
octahedron and the В, one a regular icosahedron held 
together by multicentred B, bonds. Some of these ions con- 
tain atoms other than boron. Thus there is an ion B,C;H?; 


which can be regarded as derived from B, Hj; by removing 
one apex of the icosahedron (taking away one BH unit) and 
substituting two other B atoms by carbon atoms. The 
chemistry of such carboranes has expanded very rapidly in the 
last decade or so. Compounds range from relatively small 
molecules such as C,B3H, (isoelectronic with В.Н.) and 
C5B4Hg up to icosahedral species such as C;B,59H;;. A very 
rich and varied chemistry has developed which is introduced 
in the references. 

Electron deficient bonding is by no means confined to 
boron compounds. Aluminium hydride is an insoluble 
polymer, (AIH;),, and a recent structural determination by 
X-ray and neutron diffraction shows that it contains Al atoms 
surrounded octahedrally by six H atoms. The structure is 
a giant molecule of AIH;AI bridges and is analogous to the 
structure of AIF}. Thus this is an example of electron 
deficient bonding analogous to that in diborane. Another 
example of Al----H----Al bridging is found in the molecule 
Al, HsNMe, which has the structure 


H H H 

NS 4 . . 2 vA 

Al Al 

Fa Es 
H NMe; H 
There is an exact boron analogue, B;H5NMe;. In each 
molecule, the NMe group may be regarded as replacing one 
of the hydrogen bridges in diborane or its aluminium 
analogue. 

Beryllium hydride, (ВеН,),, is also polymeric and in- 
soluble. The structure is reasonably postulated to be a chain 
polymer with bridging hydrogen 

H H MH, H 


‘Be в Ве Ве 
Е, и m M 
Hydrogen bridging to beryllium is illustrated in a number of 


other species, for example, the ion Et;BeH;BeEt? ^ with the 
structure 


Et н. oka 


Electron deficient bonding is also found in some of the 
organic analogues of the hydrides. For example, trimethyl- 
aluminium exists as a dimer, Al; (CH3)s, with a methyl-bridged 
structure very similar to that of diborane. This is based on 
three-centred bonds formed by an sj? hybrid on each 
aluminium together with an зр? hybrid on the carbon atom, 
as shown in Figure 9.13. 

"These electron-deficient bond systems are of reasonable 
strength. Thus, the boron hydrides resemble the silicon 
hydrides in thermal stability. The hydrides share the strong 
reducing properties of all hydrides and the boron hydrides 
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FIGURE 9.13 The structure of Al; Meg 

This diagram gives the form of aluminium trimethyl dimer. The 
methyl group is bonded to two aluminium atoms in three-centred 
bonds formed by overlap of tetrahedral hybrid orbitals on each 
aluminium and on the carbon atom. This bonding resembles the 
B---«H---B bond in diborane, and also the central BL B bonds 


found in pentaborane-11. B 


react violently with oxygen. The electron-deficiency shows 
up mainly in the susceptibility of the hydrides to attack by 
electron pair donors, which provide the extra electrons to 
allow the formation of electron-pair two-centre bonds. 
Diborane, for example, readily reacts to give borine adducts, 
H3B < D, with suitable donors, D, such as the amines. 

The boron Group of elements also makes use of the empty 
p orbital in the formation of the complex hydrides. The BH4, 
AIH4, and GaH, groups have been prepared and they 
decrease in stability in that order. Many elements form these 
complex hydrides and they range from the ionic compounds 
of the active metals, such as Na* BH4 or Li* AlH,, to the 
compounds of the less active metals which appear to be 
covalent and electron deficient А structure with 
unsymmetric three centre ВН’ Ве bonds has been 
reported for beryllium borohydride, Be(BH,);. 

For aluminium borohydride, Al(BH4)3, the Al atom is 
surrounded by six hydrogen atoms, forming three AIH;B 
bridges while the low temperature form of Zr(BH4)4 
probably contains zirconium surrounded tetrahedrally by 
four boron atoms linked by three-hydrogen bridges, of the 
form 

B H . 

Zr: Н: -B-H 

н 
Complex aluminium hydrides of the less electropositive 
metals probably have similar bridging structures. Even in 
LiAIH,, the Li — H distance is shorter than in LiH, suggesting 
some Li-*H interaction which probably accounts for its 
solubility in ethers. The complex beryllium hydrides, 
Li,BeH, and Naj;BeH, also behave more like electron 
deficient polymers than as species containing BeHj' ions. 

It has been seen that hydrogen-bridged, electron deficient 
species, where polycentred sigma bonding has to be postu- 
lated, occur quite widely. Although best known for boron, it 
is also established for compounds of beryllium, aluminium 
and zinc together with the ВН” М links to many 
transition metals in their borohydrides. М-Н М bridges 


are also established in metal-hydrido complexes such as 
НСг,(СО) хо. It is also probable that a weaker interaction, of 
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the form AI — H--- Li, occurs in complex beryllium, zinc, and 
aluminium hydrides. Thus electron deficient polycentred 
bonding is typical of hydrides of elements which have fewer 
valence shell electrons than valency orbitals. Its presence 
allows use of orbitals which would otherwise remain empty, 
and the interaction is sufficiently strong to give aluminium, 
and probably other elements, a coordination number greater 
than four. Similar conditions hold for the formation of methyl 
and similar bridges. 

The boron group hydrides react readily with electron pair 
donors to revert to two-centre two electron bonding and 
adducts such as HB. NMe; are also readily formed (cf. also 
Figure 9.8a). If the donor group is itself a hydride, further 
interaction may occur with elimination of H5. For example, 
the product of the reaction between ammonia and diborane 
at low temperatures is the expected adduct, H,BNH,. On 
warming to room temperature, this compound loses 
hydrogen and gives a product of empirical formula, HBNH. 
The latter is actually the trimer, called borazole or borazine, 
whose structure is shown in Figure 9.14. The molecule, 
B3N3Hg is isoelectronic with benzene, СН, and has а 
similar, planar structure with all the B—N bonds the same 
and a delocalized z-bonding system. A wide variety of 
substituted borazines have been made, either by substitution 
reactions on borazine or, more commonly, by altering the 
composition of the starting adduct. Thus, (CH4)H;BNH; 
gives, on heating, (CH )3;B,N,H3—called B-trimethyl- 
borazine (where the methyl groups are on the boron). The 
corresponding N-trimethylborazine is formed from the 
adduct HjBNH;(CH;). Many similar compounds can be 
made. 

Ifthe ammonia is replaced by phosphine, PHs, the adduct, 
HBPHs, gives a different ring compound, (H3BPH,),. This 
is the analogue, not of benzene, but of. cyclohexane, C,H). 
The ring is no longer planar but chair-shaped and there is 
only a limited amount of z bonding involving the phosphorus 
d orbitals. Substituted compounds may be made by starting 
from substituted borines or phosphines. 


9.7 The hydrogen bond 

Compounds containing hydrogen bonded to a very electro- 
negative element, especially F, O, or N, show properties 
which are consistent with an interaction between the hydro- 
gen bonded to one electronegative atom and a second atom. 
This secondary bond is relatively weak and is termed the 
hydrogen bond. It may be written X — H-----Y, where X is 
the atom to which the hydrogen is bonded by a normal bond 
(compare also Figures 9.1, 9.2). 

Evidence for hydrogen bonding is widespread. Some of 

the important facts are: 

(i) Evidence of molecular association from melting points, 
boiling points, heats of evaporation, and, in some cases, 
molecular weight determinations. For example, the boiling 
points of the hydrides of the carbon, nitrogen, oxygen, and 
fluorine Group elements are shown in Figure 9.15. For the 
carbon Group hydrides, the boiling point is a linear function 
of atomic weight. However, the positions ofammonia, water, 
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FIGURE 9.14 (а) The structure of borazine (H 
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FIGURE 9.15 Boiling points of Main Group hydrides 


and hydrogen fluoride are clearly anomalous. These un- 
expectedly high boiling points indicate an extra interaction 
between the molecules in the liquid, which is not found for 
the heavier hydrides. A similar anomaly appears in the 
latent heats of vaporization shown in Figure 9.16, and also 
in the melting points and the latent heats of fusion, showing 
that the interaction is also present in the solid. Figure 9.16 
serves to give some idea of the size of the effect; the increases 
in the heats of evaporation, compared with those found by 
extrapolating from the heavier hydrides, is of the order of 
20+10 kJ mol^ '. In general, the hydrogen bond energies 
may be taken to lie in the range from 4 to 40 kJ mol !, about 
one tenth of normal bond energies but several times greater 
than normal weak interactions between molecules. 

Molecular weight studies show clear evidence of associa- 
tion in many cases: perhaps the most striking case is the 
dimerization of the lower carboxylic acids. The heat of 
association of acetic acid: 


CH,COOH = J[CH,COOH]; 
is found to be 28:9 kJ mol”! (of monomer). Electron diffrac- 
tion studies have shown that the structure of the acetic acid 


dimer is as given in Figure 9.17. The other carboxylic acids 
behave similarly. 
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FIGURE 9.16 Latent heats of vaporization of Main Group hydrides 
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FIGURE 9.17 The structure of the acetic acid dimer 


(ii) X-ray studies. The evidence from boiling points, etc., 
above gives no indication of the atomic arrangements in the 
hydrogen bond and this information might be expected from 
X-ray studies. However, as hydrogen is so light compared 
with other nuclei, it is not an efficient scatterer of X-rays and 
it is not usually possible to determine the positions of 
hydrogen atoms in this way. One exception is boric acid, 
H3BO, which contains only light nuclei and whose structure 
consists of loosely bound sheets with the configuration shown 
in Figure 9.18. 

In general, X-ray evidence gives only the X — Y distance, 
and it is found that this is less than the sum of the van der 
Waals’ radii, which would determine the distance in the 
absence of hydrogen bonding. See examples in Table 9.6. 

Gii) Neutron diffraction. The scattering of neutrons does 
allow the location of hydrogen atom positions and a number 
of studies have appeared. Neutron diffraction, electron dif- 
fraction, and refined X-ray methods, now available for crystal 
studies, have contributed to the structures in Figure 9.19. 

(iv) Infrared studies. When an X —H grouping is involved 
in hydrogen bonding, the characteristic infrared stretching 
of the X — H bond is shifted and it is found that this is always 
to lower frequencies. There is a general correlation between 
the extent of this frequency shift and the hydrogen bond 
energy. Some examples are given in Table 9.6. As infrared 
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FIGURE 9.18 Structure of boric acid, НуВОз. Hydrogen bonding holds 
the molecules in sheets 
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TABLE 9.6 Properties of hydrogen bonds 


Bond 


Depression 
Bond length Van der Waals of stretching energy, 
Bond Compound X — Y distance, pm distance X —Y, рт — frequency, ст ^ kJ mol`! 

F-H-F K*HF; 226 270 2700 113 
(symmetrical) NH;HF; 232 270 
F-H--F (HF), 255 270 700 28:0 
(unsymmetrical) 
O-H-O Ni(DMG),* 240 280 1200 
(symmetrical, bent?) 
O-H--O KH,PO, 248 280 900 
(unsymmetrical) (HCOOH), 267 280 600 29:7 

ісе 276 280 400 18:8 
N-H--N NH4N; 294 299 300 

melamine 300 300 120 ca25 
МНЕ NH;F 263 285 
N-H=0 NH,H;PO, 291 290 
(slightly bent) 
N-H-:«Cl N3H,4.HCI 313 330 500 


*DMG = dimethylglyoxime 


TThe stretching frequency figures are rounded off to the nearest hundred wave numbers and represent averages of two frequencies in some cases. 


spectra are readily measured, this frequency shift is usually 
the most convenient diagnostic test for hydrogen bonding. 
(v) Entropy data. Evidence of hydrogen bonding may also 
be given by entropy data determined at low temperatures. 
As entropy is linked with disorder, a definition in terms of 
the number of possible arrangements of the system is possible. 
This is 5 = — RInW, where R is the gas constant and W 
is the probability of the state of the system. Now, a perfect 
crystal, when cooled to absolute zero (to eliminate thermal 
motions of the atoms), has only one possible arrangement 
of the atoms and the entropy at absolute zero will be 
—Rlnl = 0 (remember that certainty — a probability of 
one). However, if hydrogen bonding occurs in a crystal, 
more than one configuration may be possible at absolute 
zero. For example, in the acetic acid dimer, these are the two 
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FIGURE 9.19 Alternative configurations of hydrogen-bonded species leading 
fo non-zero entrofry at absolute zero: (a) acetic acid dimer, (b) ice 


о 


configurations of Figure 9.19а: similarly, ice has the oxygen 
atoms surrounded by four hydrogen atoms and a number о! 
configurations are possible, such as those shown in Figure 
9.19b. As a result, such hydrogen-bonded molecules have 
non-zero values of the entropy at 0 К. In the case of ice, it 
has been calculated that the entropy should be 3:39 J K ^! 
mol ^ ' and it has been measured as 3:39 +0:21J K^! то". 

The hydrogen bond can be shown to exist by the methods 
given above, and the next question is about its shape. The 
bond may be linear or bent and the hydrogen atom may lic 
symmetrically or unsymmetrically between X and Y. As far 
às present evidence goes, it appears that XHY are usually 
arranged linearly unless there is a good steric reason opposing 


this—as in the intramolecular hydrogen bonds in molecules 
like salicylic acid 


OH 


or nickel dimethylglyoxime (Figure 14.28). 

The symmetry of the position of the H atom varies. In the 
bifluoride ion, ЕНЕ, the hydrogen is symmetrically placed 
between the two fluorine atoms, as is the hydrogen in the 
OHO links in the nickel dimethylglyoxime complex. In most 
other cases of known structure, however, the unsymmetrical 
position of the hydrogen is adopted, as in water or acetic 
acid. Apart from structure determinations, it should be noted 
that the entropy determination will distinguish symmetrical 
structures as these will have no residual entropy. It is in 
fact found that there is no residual entropy for HF; in 


TABLE 9.7 Hydrogen bonds in hydrated protons 
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O--O 
lon Structure length (pm) Compound Comments 
H,O% (H;O-H —OH;)* 242-4 HCIO,.2H,0 HCI. xH,O (x = 2, 3) contain similar ions with 
probably symmetrical short hydrogen bonds (242—250 pm) 
cf. Figure 9.2 
(H;O - H--OHj)* 257 HAuCl,. 4H;O Unsymmetric, O-H=99 pm and 
H--O = 148 pm. НО; units are linked 
through H,O by further hydrogen bonds of 
274 pm 
H-Of (H;O--H-O-H--OHj)* 247 and HBr.4H;O Central H4O surrounded pyramidally by two 
" 250 outer H5O and one Br 
H,Of similar to Figure 9.1 250 and HBr. 4H,O Central H30 surrounded pyramidally by three 
two of 259 outer H;O 


potassium hydrogen fluoride. It appears that, in general, the 
stronger hydrogen bonds are the more symmetrical. 

Table 9.6 summarizes the data available for some case of 

hydrogen bonds involving F, O, and N. One or two cases are 
worth further mention. 
The solvated proton. As discussed above, the free H* ion 
cannot exist in a chemical environment, and there are a 
number of structural studies which demonstrate its occur- 
rence as H,O*. Thus the solid monohydrates of perchloric, 
sulphuric, and hydrochloric acids have been shown to exist 
as H,O* ClO; , H,O* HSO; and H,O*CI* respectively. 

Recent studies of higher hydrates of protonic acids have 
shown that more complex forms of the hydrated proton 
exist, whose structures involve hydrogen bonding. For 
example, НСІ.2Н,О is best formulated as H5O} C17, while 
HBr.4H5O is (H;:0,) * (H904) *2Br^ .H5O. The structures 
of these forms of the hydrated proton are summarized in 
Table 9.7. The HAuCl, hydrate was studied by neutron 
diffraction and the hydrogens were located. 

The symmetric H5O} ion has a short hydrogen bond 
length, similar to that in the nickel dimethylglyoxime 
molecule (Table 9.6). The unsymmetric НО; ion, Н;О; 
and H Oj are structurally more like a H,O* ion hydrogen 
bonded to one, two or three water molecules but with many 
of the hydrogen bond lengths distinctly short. 

Hydrogen fluoride. 'This has been shown to have the zig-zag 
structure shown in Figure 9.20. There seems to be no 


E 


A E Í 
HOM Vis HOW 
\ S7 S 

F F 


F 


* 
* 
* 
D 


F 
FIGURE 9.20 The structure of hydrogen fluoride 


convincing explanation of the wide H—F—H angle. The 
hydrogen bonding in hydrogen fluoride persists into the gas 
phase, where small polymers are found. 


Ammonium fluoride. МНЕ shows a different structure from the 
other ammonium halides. The latter have the CsCl or NaCl 
structure (the transition to NaCl taking place below 200 °C), 
but the fluoride has the wurtzite structure (Figure 5.1d), in 
which each № atom forms four N — H — Е bonds of length 
263 pm to its four neighbouring N atoms which are arranged 
tetrahedrally around it. The structure resembles that around 
the O atoms in ice (Figure 9.19). 

Apart from F, O, and N, there are few atoms which form 
hydrogen bonds. Chlorine occasionally enters into hydrogen 
bonding and the НСІ; ion is formed in the presence of large 
cations such as Cs* ог МК, Indeed, recent work has shown 
that НВг; and HI; also exist under such conditions. There 
is no evidence as to their degree of symmetry. There is also 
some evidence for hydrogen bonding involving carbon, 
С H---X, ifthe carbon is bonded to electronegative groups 
as in HCN. All these other hydrogen bonds are much weaker 
than those involving F, O, and N. 

The fact that hydrogen bonds occur only between strongly 
electronegative elements, and that small elements form the 
strongest bonds, suggests an electrostatic origin for the inter- 
actior. The relatively positive hydrogen in O-H, М-Н or 
F-H bonds interacts with the dipole in neighbouring atoms 
to form the bond. This happens only with hydrogen, prob- 
ably because of its small size and lack of inner shielding 
electron shells. 


PROBLEMS 


It is important, in learning systematic chemistry, to correlate 
properties and highlight similarities and differences. The 
chemistry of the hydrides of the various elements should be 
compared with that of their other simple compounds. 
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9.1 Compare the shapes of the covalent hydrides with those 
predicted by the VSEPR method (Chapter 4). 


9.2 (a) Assuming bond energies are additive, compare the 
calculated energy of formation from the elements of NH;, 
PH;, and AsH, with those of the analogous fluorides, using 
data in Table 17.3, p. 297. (The heat of atomization of 
Р = 334 and As = 289 kJ mol!) 

(b) Comment on the fact that the thermal stability of 
fluorides is generally higher than that of the corresponding 
hydrides. 


$3 Formulate the bonding in AI(BH,); (see p. 151). How 
does this compare with aluminium hydride? 


9.4 Calculate the heats of formation of LiH, NaH and KH, 
using the experimental lattice energies in Table 5.2, p. 78. 


9.5 The heat of formation, under standard conditions, of 
CaH; is —173 kJ mol`". Assuming the Madelung constant 
value is 5-5, calculate the lattice energy as in section 5.3 and 
compare with the Born-Haber cycle value (see also question 
5.5). 


9.6 You should also formulate answers to questions of the 
type: 

Compare and contrast the chemistry of the hydrides with 
that of the fluorides/chlorides/iodides of the Main Group 
Elements/transition elements etc. 


10 The ‘s’ Elements 


10.1 General and physical properties, occurrence and uses 
Elements with their outermost electrons in an s level are 
those of the lithium Group (alkali metals) and of the beryl- 
lium Group (beryllium, magnesium and the alkaline earth 
metals). Many properties have been listed in the earlier 
chapters, including atomic masses and numbers (Table 2.5), 
ionic radii (Table 2.11), ionization potentials (Table 2.8), 
clectronegativities (Table 2.14), and structural details of 
halides, etc. (Table 5.1). Structures of s element compounds 
include NaCl (Figure 5.1a), CsCl (Figure 5.1b), and CaC; 
(Figure 5.13). 

The energetics of formation of alkali halides and alkaline 
earth chalcogenides are discussed in section 5.3. 
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FIGURE 10.1 The ionic radii, ionization potentials, and redox potentials 
of the alkali metals 

The relatively large changes between Li and Na, and —to a lesser 
extent —between Na and К are reflected in the general chemistry. 
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FIGURE 10.2 The ionic radii, sum of the first two ionization potentials, and 
M?*/M redox potentials of the beryllium Group of elements 

As in Figure 10.1 the major changes in properties come between the 
first and second members. The similarity between Ca, Sr, Ba is clear. 


Other properties of the elements are given in Table 10.1 
and important parameters in Figures 10.1 and 10.2. 

Of the lithium Group elements, compounds of the first 
three are produced commercially. The common source is salt 
deposits from ancient seas, or brines from seawater evapo- 
ration. Lithium is also mined as spodumene, an aluminosilicate. 
The commonest form of production for all three is as the chlo- 
ride, with Li and Na being also converted to the carbonate. 

The cheaper metals, especially sodium, are utilized 
industrially in some processes requiring powerful reduction. 
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TABLE 10.1 The s elements 


Electronic 
Element Symbol configuration 

Lithium Li [He]25! 
Sodium Na [Ne]3s? 
Potassium K [Ar]4s! 
Rubidium Rb [Kr]5s? 
Caesium Cs [Xe]6s? 
Francium Fr [Rn]7s! 
Beryllium Be [He]2s? 
Magnesium Mg [Ne]3s? 
Calcium Ca [Ar]4s? 
Strontium Sr [Kr]5s? 
Barium Ba [Xe]6s? 
Radium Ra [Rn]7s? 


*See section 8.7 for a discussion of this point. 


One example is the formation of titanium or zirconium from 
their tetrachlorides by reaction with sodium or calcium. 
Alloys of sodium and potassium (which are liquid at ambient 
temperatures for compositions containing 40 to 90% K) are 
used as the primary coolant in the experimental ‘breeder’ 
reactor. 

Uses of the elements in the laboratory, and in fine chemical 
production, are based on their high reactivity. Substantial 
work has been done on Li/LiCl and Na/Na,S fused salt 
batteries, which have advantages in weight and energy 
density, Problems of working with such media remain, but 
half of all lithium use by the year 2000 is expected to be in 
batteries and other electrochemical applications, Lithium 
compounds are also used in glasses, ceramics, and for 
specialized lubricants. Lithium therapy has made significant 
contributions to the treatment of mental illnesses. Sodium 
compounds in major use are the industrial alkalis, Na,CO, 
and NaOH, and NaCl, especially for preparation of Cl, by 
electrolysis (and also further conversion to NaOCl or 
NaCIO,). The main use of potassium is as a primary fertilizer, 
where application is usually as KCI. The carbonates are the 
main vehicle for incorporating Na;O and K,0 into glasses, 
and in cement manufacture. 

The beryllium Group elements occur mainly as carbonates, 
or in brines and salt deposits. Calcium carbonate (lime) and 
magnesium carbonate are important in agriculture, as com- 
ponents of cements, and as the source of the oxides, MgO, 
prepared at high temperature, is inert and refractory and is 
extensively used as a furnace lining, especially in the steel 
industry. Barium carbonate finds a significant application in 
high-density concrete. Organomagnesium compounds are 

extensively used in laboratory syntheses and in the fine 
chemical industry. 

The elements are all prepared by electrolysis of the fused 


halides. The relatively volatile rubidium and caesium are also 


Abundance Common 
(ppm of the coordination 
crust) Accessibility* numbers 
65 common 4,6 
28 300 common 6 
25 900 common 6 
310 rare 6 
7 rare 6,8 
E very rare ? 
6 becoming common 2,4 
20 900 common 6 
36 300 common 6 
300 common 6 
250 common 6 
trace rare 


conveniently prepared in the laboratory by heating the 
chlorides with calcium metal and distilling out the alkali 
metal. The alkali metals have melting points ranging from 
180 °C-29 ^C and boiling points in the range 1340 °C 
670 °С, in both cases falling with increased atomic weight 
so that cesium has the second-lowest melting point of any 
metal. The beryllium Group elements are much less volatile, 
with melting points ranging from 1300 *C-700 °C and boil- 
ing points six or seven hundred degrees higher. Again there 
is a general tendency for volatility to increase with atomic 
weight. 

Francium and radium both occur only as radioactive 
isotopes. Francium is inaccessible, with the longest-lived 
isotope, ??3Fr, having a half-life of only 21 minutes. [ts 
chemistry is little known, but, in the few reactions which 
have been studied, it resembles the other heavy alkali metals. 
For example, it has an insoluble perchlorate and hexa- 
chloroplatinate, like rubidium and caesium. The longest- 
lived isotope of radium, 245 R2, 4, = 1600 years, is much 
more stable and radium chemistry is well-established. 

The chemistry of the elements of the s block is dominated 
by their tendency to lose the s clectrons and attain a stable, 
rare gas configuration. (Beryllium is an exception to this, see 
section 10.6). This tendency is shown by the low ionization 
potentials and Strongly negative redox potentials. The 
metals are among the most powerful of chemical reducing 
agents and combine directly, and usually violently, with 
most non-metals to yield ionic compounds. The cations 
formed by these elements (M* by the lithium Group, M?* 
by Mg and the alkaline earths) are very stable and form salts 
with the most strongly oxidizing or reducing anions. Cesium 
is particularly useful to stabilize large anions, as in the forma- 
tion of the bihalide ions, HX; , mentioned in section 9.7. 


The reactivity increases down each Group and the lithium 


Group elements are more reactive than the corresponding 


members of the beryllium Group, so that metallic cesium is 
the most reactive and strongly reducing of all. The lightest 
elements are atypical, as their small size leads to a high 
charge density on the ions with resulting strong polarizing 
effects and high heats of solution. Lithium and beryllium 
show marked differences from their heavier congeners and 
sodium and magnesium also show distinct, though smaller, 
differences. There are many similarities between lithium and 
its diagonal neighbour in the beryllium Group, magnesium. 
Beryllium (10.6) differs markedly from all the other elements. 

Salts of the s elements tend to be among the most soluble 
of their kind in water and other ionizing solvents, though 
solubilities vary widely with the anion. This is especially the 
case with the compounds of the alkaline earths where the 
double charge results in high lattice energies and high 
heats of solvation. AB; compounds tend to be soluble (e.g. 
the chlorides), while the insolubility of such AB compounds 
of the alkaline earths as the sulphates, oxalates, and car- 
bonates, is well known in qualitative and quantitative 
analysis. 

All the s elements dissolve in liquid ammonia to give 
intensely blue, conducting solutions which contain the metal 
ions and electrons which are free of the metal and appear to 
be associated with the solvent. (Beryllium and magnesium 
give only dilute solutions by electrolysis.) These 'solvated 
clectrons' are very reactive and the metal-ammonia solu- 
tions are powerful reducing agents which can be used at low 
temperatures. (Compare section 6.7.) The heavier alkali 
metals may be recovered unchanged on evaporating off the 
ammonia, while lithium gives Li(NH3)4 and the alkaline 
earths yield hexammoniates, M(NH;)«. On standing, or in 
presence of catalysts such as transition metal oxides, the 
metals react with the ammonia to form the metal amide and 


TABLE 10.2 Reactions of the 5 elements 
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hydrogen, e.g.: 

M4 NH, = ММН, +39, 
NH; +3H, 
Similar, but more dilute, solutions are formed in amines and 
methyl ethers. 


The reactions of the elements with a number of typical 
reagents are given in Table 10.2. 


(More accurately) ессе + NH 3 


10.2 Compounds with oxygen and ozone 

The reaction between the s elements and oxygen may go 
further than to the simple oxide, and a number of higher 
oxides are formed when the metals are burned in air or are 
oxidized by O; in liquid ammonia. Peroxides, O2", are 
formed by all the elements except beryllium. In addition, 
sodium, potassium, rubidium, caesium, and calcium super- 
oxides, О; , have been prepared. The normal products of the 
combustion of the metals in an adequate supply of air are: 


oxide Li, Be, Mg, Ca, Sr 
peroxide Na, Ba (and Ra?) 
superoxide К, Rb, Cs. 


The peroxides contain the ion "О-О and are salts of 
hydrogen peroxide (compare the relation of the hydroxides 
and oxides to water). The superoxides contain the ion, 
0-07. It will be recalled that oxygen, O;, has its two 
outermost electrons unpaired in z* orbitals. The superoxide 
ion and the peroxide ion have, respectively, one and two 
electrons more than in O3. The superoxide ion has thus the 
configuration (л*)? and has the paramagnetism correspond- 
ing to one unpaired electron and a bond order of one and a 
half. The peroxide ion has the configuration (7*)*, with no 
unpaired electrons and a bond order of one. It is isoelectronic 


M is used for one mole of an alkali metal or a half-mole of a beryllium Group element. 


Reaction 


Notes 


2M 4X, = 2MX 
2M «Y = M;Y 


3M 4Z = M,Z 


2M+2C = M,C, 


2M+H, = 2MH 
M+H,0 = MOH+4H, 
M+NH, = ММН, +4H, 


X = halogen: alkali metals also form polyhalides, e.g. Сѕ1,, КІСІ, or KIF,, see Chapter 15. 
Y =O, S, Se, Te: higher oxides are also formed (section 10.2) and also polysulphides 
М›5;-6. 

Z = М, P: Li reacts even at room temperature, Mg to Ra at red heat. The alkali metals 
also react with As, Sb, and Ві. Metal solutions in ammonia give polyanions such as (Big)*~ 
or (Sb4)?- 

Most rapidly with Li of the alkali metals. Ca, Sr, Ba and Ra at high temperatures. Be 
forms Be;C. 

At high temperatures. Ionic hydrides. Not with Be, Mg. 

By Be and Mg only slowly at room temperatures. Be(OH); is amphoteric, all others are 
strong bases. Mg(OH)), is insoluble, others dissolve readily. All except beryllium hydroxide 
absorb CO, to give M;CO,, and alkali metals give MHCO, also. 

With gaseous ammonia at high temperatures or liquid ammonia plus catalyst. Mg and Be 
only by reaction with amide of a more reactive metal, 

Be +2NaNH, — Be(NH;); > NaBe(NH;),. 
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with F;. The MO, solids have the tetragonal lattice of 
calcium carbide. The increasing stability of the peroxides 
and superoxides with increasing cation size is noteworthy, 
and provides another example of the stabilization of large 
anions by large cations through lattice energy effects. 

When the metals are treated with ozonized oxygen, or 
when ozone is passed into their solutions in liquid ammonia, 
the ozonides are formed. These are yellow or orange and 
contain the group (О-О-О) which is paramagnetic with 
one unpaired electron. For example, the rubidium ozonide 
has an overall caesium chloride structure with a bent anion. 
The О-О distance is 134 pm and the bond angle is 114°. 

The heavier elements, rubidium and caesium, also form 
oxides which are enriched in the metal (called suboxides). 
Established formulae include C5,,0,, Cs,0, Rb4O, and 
Rb4O. The structures involve MO octahedra (which may be 
linked by shared faces) and may also include metallic regions. 
Thus Cs,,O, is three СО units sharing faces and Cs,O is 
[Cs,,03]Cs9. These compounds often form on surfaces and 
are usually metallic or highly coloured. 


10.3 Carbon compounds 

Ifacetylene is passed through a solution of an alkali metal in 
liquid ammonia, or is reacted with the heated metal, the 
following reactions take place: 


М+С,Н, = MHC,+4H, 
MHC, +M = M,C, HH, 


The carbon compounds M,C, and МНС, are termed 
acetylides and contain the discrete anions, (C5 C)?- and 
(C = СН) 7, arising from the displacement of both or one of 
the relatively acidic hydrogens in the acetylene molecule. 
Acetylides also result from the direct reaction between 
carbon and heated lithium, sodium, magnesium, and alka- 
line earth metals. All form acetylene on hydrolysis. The 
structure of calcium acetylide (commonly called calcium 
carbide) has been determined (Figure 5.13) and is related to 
that of sodium chloride (Figure 5.1a). 

These acetylides are the principal carbides (binary com- 
pounds of element and carbon) formed by the s elements, but 
two others of interest exist. Magnesium also forms a carbide 
of formula Mg,C3, which yields allylene, HC=C—CH,, as 
the main product on hydrolysis. This suggests the presence of 
a Су unit in this carbide. The product of direct combination 
between beryllium and carbon is the carbide Be,C. This 
carbide probably contains single carbon atoms as the main 
hydrolysis product is methane. It has the anti-fluorite 
structure, All these carbides have many of the properties of 
ionic solids, with colourless crystals which are non- 
conducting at ordinary temperatures. 

A second group of ionic compounds containing carbon is 
formed by the more reactive s elements. These are the metal 
alkyls and aryls such as ethyl sodium, C,H; Na*, or phenyl- 
potassium, С.Н; K *. Such compounds are extremely re- 

active solids which inflame in air and react violently with 
almost all compounds apart from nitrogen and saturated 
hydrocarbons. They are involatile solids which decompose 


before melting and the evidence available indicates that they 
are ionized, К M*. If the charge can delocalize in the 
aromatic anions, as іп CsH¢ or С;Н;, the compounds аге 
more stable though still very air- and water-sensitive. They 
are widely used in the synthesis of sandwich compounds: thus 
Na* CR; (К = Н or Me) is used to form ferrocene and all its 
many analogues (see section 16.4). 

The corresponding lithium and magnesium compounds 
are covalent and much less reactive. The alkyl-lithiums, for 
example, are liquids or low-melting solids which are soluble 
in ethers or hydrocarbons. They are relatively involatile and 
exist as associated molecules with a highly polar C — Li bond. 
Butyl-lithium, for example, is hexameric in hydrocarbon 
solvents and dimeric in ether. Methyl-lithium has been 
isolated as the tetramer, (CH4Li),, which contains a tetra- 
hedron of lithium atoms with a methyl group bridging cach 
triangular face. The organolithium compounds find extensive 
uses in organometallic syntheses. The principal class of 
organomagnesium compounds are the halides, or Grignard 
reagents, RMgX. These resemble the organolithiums in 
reactivity and these two types of reagent complement each 
other usefully. The more reactive ionic alkyls are much less 
useful as they are so difficult to handle, but they find some 
application where particularly vigorous conditions аге re- 


quired. Unsubstituted organomagnesiums, RMg, are much 
less fully studied. They are bridged polymers with covalent 
properties. For example, (CsSH5);Mg is a low-melting, 


volatile solid. 


10.4 Complexes of the heavier elements 
The cations of the heavier s elements are very poor electron 
pair acceptors as their positive charge density is low. Solvates, 
such as hydrates or ammoniates, are not found for the heavier 
alkali metals although sodium gives a moderately stable 
tetrammoniate in the iodide, Na(NH3)4I. The alkaline earths 
are of higher charge density and more strongly hydrated. 
With large anions, octahedral Mg(H,0)2°* is found, while a 
7-coordinated capped trigonal prism configuration is found 
around Ca in ?[Ca(H50);] [Cd Cl, (Н,О),]. In the com- 
plex double azide, CaCs(N;)4.H50, the Ca is 7-coordinate to 
H,0 plus 6N from the azides, while the Cs is 9-coordinate. 
In complexing agents for these elements, the best donor 
atom is oxygen sometimes together with nitrogen. Chelating 
agents with donor oxygen give a few complexes, of which the 
four-coordinated salicylaldehyde complex of the alkali metals 
shown in Figure 10.3 is typical. Potassium, rubidium, and 
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FIGURE 10.3. The salicylaldehyde complex, 
Na(OC,H,CHO (HOG,H,CHO 


riGURE 10.4. EDTA complex of calcium 


cesium also give six-coordinated complexes 
M (OC;H4CHO) (HOC,H,CHO)),. 

Because of their higher charge, the alkaline earth elements 
form a rather wider variety of complexes with compounds 
containing donor oxygen or nitrogen atoms. One complexing 
agent of considerable value in the quantitative analysis of 
these elements is ethylenediamine-tetra-acetic acid (EDTA). 
This forms six-coordinated complexes of the type shown in 
Figure 10.4 and is especially useful in the determination of 
calcium and magnesium. 

Calcium is also complexed by polyphosphates and this 
reaction is the basis of methods of removing hardness from 
water. 


10.5 Crown ethers, cryptates, and alkali metal anions 

An important class of strongly-complexing reagents has 
been developed since the mid-1960s. A typical example is the 
cyclic ether shown in Figure 10.5. This is called a crown ether, 
from the shape of the metal complex. Other similar reagents, 
called cryptates (because the metal is hidden in the structure) 
are also used. These poly-functional ligands provide a variety 
of O and/or N donor atoms which strongly complex the M* 
or M?* ions of the s elements. They provide unusual 
solubilities in organic solvents, stabilize large anions, and give 
model systems for the movement of ions through biological 
membranes. 

One example is the greatly enhanced solubility of alkali 
metals in ethers. In absence of cryptate ligands, sodium and 
potassium form extremely dilute blue solutions in ethers, 
analogous to their solutions in liquid ammonia (section 6.7) 
but at 107* of the concentration. When a crown ether or 
cryptate is added, the concentrations of alkali metal can be 
increased by a factor of 10? to 10*. From such solutions have 
been isolated a golden compound, 2Na. (crypt 222) with in- 
teresting properties. (Crypt 222 is the cryptate of Figure 
10.5b with all X = О.) An examination of the 23Na nmr, 
spectrum showed two signals. One was in the position of 
Na(crypt) * as seen in ordinary salts such as Na(crypt) * Br, 
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FIGURE 10.5 Examples of macrocyclic polyfunctional ligands or cryptates 

(a) a crown ether, (b) a mixed-donor cryptate: X can be O or S in 
various combinations. Such ligands complex strongly to the s 
elements through the oxygen atoms, forming complexes of the type 
(polyether)M * or (polyether)M?* containing a large number of 5- 
membered rings. A variety of ring sizes, with various combinations 
of N and O donor atoms, is available. 


but the other was in an unusual position 60 ppm upfield. The 
only possibility was the Ма” ion, where the two s electrons 
would strongly shield the nucleus. Calculations on the gaseous 
Na” ion confirmed the position. Studies on the other alkali 
metal solutions in presence ofcryptates or crown ethers showed 
the presence of similar M~ ions with upfield shifts as follows: 
К (90 ppm), КЬ” (190 ppm) and Cs~ (250 ppm). The metal 
anions also show a distinctive optical spectrum, and crystal 
structure studies have confirmed the formulation. Mixed 
cation-anion systems may be prepared such as К (crypt) * Na ^ . 

Thestability of these anions is ascribed to the shielding effect 
of the cryptate on the cation. The large ligand completely 
isolates the cation, so that electron transfer from Na ^ to Na * is 
prevented (otherwise sodium metal forms). The M^ anions 
have thes? configuration, isoelectronic with the elements of the 
beryllium Group. 

The large, well-shielded cation allows the isolation of other 
anions which would normally be unstable to reaction with the 
positive charge. One example is K (crypt) HgTe; containing 
the linear Te-Hg-Te ^ ion. The metal cryptsolutions provide a 
major route to cluster anions of the p block elements (compare 


162 THE ‘s’ ELEMENTS 


section 18.4), where the large cation is an important con- 
tributor to the stabilization. 

Perhaps the most spectacular species is illustrated by the 
dark blue Li(crypt). Thisis formulated as [Li(crypt) ] етапа 
contains the stabilized electron acting as an anion. Such 
electrides are formed by all the alkali metals with suitable 
cryptates or crown ethers. 


10.6 The s elements in biochemistry 
A second major field where the cryptate complexes give 
important insight is the biochemistry of the s elements. The 
ions Na*, K*, Mg?* and Ca?* are of great importance in 
biochemistry. Potassium is an essential plant nutrient and the 
major production of potassium compounds is as fertilizer. For 
animals, Na* and K* are mobile in the body and many cell 
functions, such as nerve impulse transmissions, depend on the 
Na* to K* ratio and concentration gradients across the cell 
membrane. The ions are thought tomove through the cell walls 
along channels whose surface contains donor groups in an 
array similar to the multidentate donors of F igure 10.5. Then, 
just as 6-oxygen donors like the crown ether, Figure 10.5a, 
havea cavity size which matches the size of K * betterthan Na* 
while a similar 5-oxygen donor favours Na* over K *, so the 
channels through the cell walls may select for K * or Na * under 
different cell conditions. This allows the build-up of con- 
centration gradients between the inside and the outside and 
also the formation of charge differences, since the total number 
of cations in the cell changes and anions transfer less readily or 
notatall. Thus, ifa nerve cell starts witha higher concentration 
of K* inside than outside, the cell membrane at rest is more 
permeable to K+ than to Na* and the K* ions flow out to 
reduce the concentration gradient, creating a potential of 
—70mV. On stimulation, the walls become more permeable 
to Na* ions which flow from the higherexternal concentration 
into the lower internal one faster than the K * can now move 
out, causing a brief period when the cell becomes positively 
charged. Thus charge may transfer down a line of. cells as each 
stimulates the next. The concentrations of Na+ or K* are 
restored by chemical action via the hydrolysis of adenosine 
triphosphate, ATP, by the Na*/K * ATP-ase enzyme. 
Similar processes occur for Ca?* and Mg?*. For these 
doubly-charged ions major functions include the triggering of 
sets of biochemical transformations, probably by coordination 
to donor atoms and changing the configuration of macro- 
molecules or by bringing the reacting groups closer together. 
Thus Ca?* is accumulated in exchange for Na* in heart 
mitochondria and contraction of the heart muscle is triggered 
by the release of this Ca? * Proposed mechanisms for POi- 
transfer have involved Mg? * ions whose coordination changes 
from one phosphate group to another, in molecules such as 
ATP and its congeners. This reaction is critical to the chain of 
changes by which the energy obtained from the oxidation of 
food compounds is stored and utilized. In many mechanisms, 
Ca?* and Mg?* have opposing effects just as in the Na * /K * 
changes in nerves. Ca? * and Mg?* also have more localized 
functions: for example, calcium is the main cation accompany- 
ing phosphate in bones. Magnesium is found in chlorophylls, 


FIGURE 10.6 The structure around magnesium in chlorophyll a 


the pigments which are responsible fornearlyall theconversion 
of CO; and H,0 into organic molecules, using the energy of 
sunlight. The central coordination of. magnesium in chloro- 
phyllistofournitrogen atomsin a macrocyclic ring, asshow 1 in 
Figure 10.6. This environment is very similar to that found for 
iron in haemoglobin (Figure 14.23) or for cobalt in vitamin 
B;;. 


10.7 Special features in the chemistry of lithium and 
magnesium 


Lithium differs from the other alkali metals in a number of 
ways. These variations stem from the small size of the lithium 
cation (radius 68 pm, c.f. Na* = 98 pm) and its resulting 
higher polarizing power. This has already been seen in the 
more covalent nature of its alkyls. Magnesium resembles 
lithium in much of its chemistry, as the higher charge is offset 
by the greater size, and these elements are one example of 
the diagonal similarity which holds in parts of the first two 
short Periods. 

Lithium and magnesium resemble each other in the direct 
formation of the nitride and carbide (Table 10.2), in their 
combustion in air to the normal oxide, and in the properties 
of their organic compounds, as already remarked in the 
previous sections. They are also similar to each other, and 
different from the heavier elements, in the thermal stability 
of their oxysalts and in the mode of decomposition of these. 
For example, lithium and magnesium nitrates decompose on 
heating to give the oxide and dinitrogen tetroxide, eg: 


2LiNO, = Li,O+N,0,+40, 


while the other alkali metal nitrates give the nitrite on 
heating (NaNO, decomposing further to a mixture of oxides) : 


MNO, = MNO, +40, 


and the alkaline earth nitrates give nitrite and oxide mixtures. 


In the case of the carbonates, lithium and magnesium (and 
also calcium and strontium) give the oxide on heating: 


MgCO, = MgO+CO, 


while the carbonates of the other alkali metals and of barium 
and radium are stable to heat. 

Lithium and magnesium are more strongly hydrated than 
their heavier congeners and their salts are similar in solu- 
bility. Most salts are soluble but the carbonate and phosphate 
are insoluble in each case. Magnesium fluoride and mag- 
nesium hydroxide are rather insoluble while lithium fluoride 
and hydroxide are both markedly less soluble than the 
sodium salts. Lithium and magnesium halides are also 
similar in being soluble in organic solvents such as alcohol. 
With larger anions, solubilities tend to fall with cation size 
in both Groups. Thus the alkali metal perchlorates are 
relatively insoluble for K, Rb, Cs and Fr and the solubilities 
of carbonates and sulphates are in the order Mg > Ca > Sr 
> Ba > Ra. The fluorides and hydroxides present an excep- 
tion to this order—for example, the solubilities of the fluorides 
are in the order Mg < Ca < Sr < Ba—and this must result 
from the effect of the relatively small OH апа F^ anions 
on the lattice energies. 

Lithium and magnesium are also more strongly complexed 
by nitrogen donors, in ammonia and amines, than are the 
heavier elements. The ammoniated salts Li(NH3)4I and 
Mg(NH3)6Cl,, for example, can be precipitated from liquid 
ammonia solution by double decomposition reactions. 

The high hydration energy of lithium more than com- 
pensates for its relatively high ionization potential in the case 
of reduction reactions which are carried out in water. The 
result is that the redox potential in water of lithium is as 
strongly reducing as that of cesium, although the latter is 
much more reactive under anhydrous conditions. 

Mg and Li form a wider range of complexes than the other s 
elements, and show a variety of coordination behaviour in 
addition tothe monomers with 4-coordinate Li or 6-coordinate 
Mg. Thus, the dimer [R,NLi.OEt,], contains the unit 


N 


och, Lolo: 
Nu 


о Li—=0 


where R is a bulky group. Similarly, DMg(OR)Br (for D a 
donor such at Et,O) is a dimer of the form 


In the complex cation, [Mg,Cl;.6THF]* the Mg atoms 
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are six-coordinated to three THF molecules and three 
bridging Cl:—[(THF),;Mg(Cl);Mg(THF),]*. 

Magnesium and lithium can activate molecular No, 
which gives one route to transition metal complexes con- 
taining M(N,) units. One interesting example where 
the product contains magnesium is the species 
[(Me3P)4Co(N;)Mg(THF);], This has the central structural 
unit Co - N ZN - Mg- NEN —Co with an angle of 150° for 
N—N — Mg. The synthesis depends on the activation of № 
by a fresh magnesium surface. 


10.8 Beryllium chemistry 

The size effects which produce the differences between the 
chemistry of lithium and the other alkali metals, have a 
much more marked effect on the chemistry of beryllium as 
compared with its heavier congeners. On passing from 
lithium to beryllium, the size of the atom grows less and the 
charge on the possible ion doubles. The result is to give such 
a high charge density on the hypothetical Be?* ion that it is 
too polarizing to exist and all beryllium compounds are either 
covalent or contain solvated beryllium ions, such as 
Ве(Н,О)2*. Even the anhydrous halides are only feebly 
ionic; beryllium fluoride is one of the few metal fluorides 
which is not completely ionized in solution, while the con- 
ductivity of fused beryllium chloride is only one thousandth 
of that of sodium chloride under the same conditions. 

The small size and strong hydration effects have a marked 
influence on the solubility of beryllium compounds as com- 
pared with those of the other elements of the Group. In 
water, the size effects increase the solvation energies more 
than the lattice energies, and the solubilities of compounds 
such as the sulphate, selenate, or oxalate are markedly 
greater than those of the corresponding calcium compounds. 
An extreme case is provided by beryllium fluoride which is a 
thousand times more soluble than magnesium fluoride. 

In water, the hydrated beryllium ion differs from the 
other s element ions in being hydrolysed. Be(H,O)3* exists 
in strongly acid solutions but in neutral or weakly acid 
solutions this is hydrolysed and polymerized, for example: 


2Ве(Н,О)2* = (H,O);Be—O-Be(H,O)3* +2H,O* 


H OH 
| \ он 
о-— B 

HO 

e. о —H 

HO 
0—— — Be, 
| l “OH 
H OH 


FIGURE 10.7 Structure of the [Be(OH)4]3 ^ ion 
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FIGURE 10.8 Beryllium chloride compounds: (a) etherate BeCl,.Et,O, (b) 
BeCl, polymer in the solid, (c) [Bc(OR);CI]; 


and more complex species are formed. One stable form in 
dilute solutions is [Be(OH) ,]3~ which is thought to have the 
ring structure of Figure 10.7. Beryllium hydroxide is eventu- 
ally precipitated on going to more alkaline conditions, and 
this differs from the other s element hydroxides in being 
amphoteric and dissolving in excess base, probably with the 
formation of the species Be(OH)2- 

As would be expected from the above, beryllium forms 
more, and more stable, complexes than the other s elements. 
There is a strong tendency to assume a coordination number 
of four—in which use is made of all the valency orbitals. 
Thus the halides are monomeric and linear in the gas phase 
(section 4.2), but they dissolve in ether and a dietherate, 
BeX;.2EtO, is recovered. This contains beryllium in an sp? 
configuration with the ether oxygen atoms acting as lone 
pair donors (Figure 10.8а). А large number of similar four- 
coordinated complexes are formed with ligands such as 
ethers, aldehydes, and ketones. In the liquid and solid states, 
the beryllium halides polymerize in order to achieve four- 
coordination. In the solid, the unshared pair on a halogen 
atom of one molecule donates to the beryllium atom of the 
next and a long chain structure containing tetrahedral 
beryllium results (Figure 10.8b). Planar 3-coordinate Be is 
found together with tetrahedral Be in the dimer 
[Be(OR);Cl];, when R is the bulky tert-butyl group, 
Figure 10.8c. Solid beryllium fluoride is a glassy material 
which also appears to contain chains but these are disordered 
and the material does not crystallize. The fluoride reacts with 

fluoride ion to form the tetrafluoroberyllate ion, ВеЕ2 7, which 
is tetrahedral and usually isostructural with sulphate. 

A more complex example, which illustrates the tendency 
of beryllium compounds to hydrolyse, and also to become 
four-coordinated, is provided by the compound called ‘basic 
beryllium acetate’. This is a very stable compound formed 
by the partial hydrolysis of beryllium acetate: 


4Be(OOCCH;), +H,O 
= Be,O(OOCCH;), +2CH,COOH 


FIGURE 10.9 Basic beryllium acetate, Be,O(OOCCH,) 


6 


It is a volatile solid which may be purified by sublimation. 
It is soluble in organic solvents such as chloroform, insoluble 
in water, and stable to heat and moderate oxidation. The 
structure is shown in Figure 10.9. The four beryllium atoms 
are placed tetrahedrally around the central oxygen and they 
are linked in pairs by the six acetate groups, each of which 
spans one edge of the tetrahedron. Similar compounds of 
other carboxylic acids have been prepared. In basic 
beryllium nitrate, Be,O(NO,)., the nitrate groups are linked 
to two beryllium atoms, Be—O — N(O) -О — Be, in the same 
way as the acetate groups in the basic acetate. 

Complexes also exist in which nitrogen is the donor atom. 
For example, beryllium chloride readily takes up ammonia 
to give the ammine, Be(NH3)4Cl,. This compound is very 
stable to thermal decomposition but the ammonia groups 
arc readily displaced by water. 

Beryllium also achieves four-coordination in the hydride 
and in the beryllium alkyls by polymerization through 
electron-deficient bridges. Thus beryllium dimethyl, 


Be(CH3)2, has a chain structure very similar to that of 
beryllium chloride, and the bridge bonding is the same as 
that in the aluminium trimethyl dimer of Figure 9.13. 

Just as there is some resemblance in the properties of 
lithium and magnesium, so beryllium and its diagonal neigh- 
bour, aluminium, have similar properties. In this case, the 
resemblance in general chemistry is very close and beryllium 
is traditionally difficult to distinguish from aluminium in 
qualitative analysis. The basic resemblance is due to the 
high charge density on each element in the hypothetical 
cations, and to the existence of an empty р orbital or orbitals 
giving the elements acceptor properties. Among the detailed 
resemblances there may be noted: 
(i) Similar redox potentials, 
AP*/AI = —167 V. 

(ii) Both metals dissolve in alkali with the evolution of 
hydrogen. 

(iii) The hydroxides are amphoteric, and the salts are 
readily hydrolysed. 

(iv) The halides form polymeric solids, beryllium halides 
forming chains and aluminium halides, dimers. The halides 
are also similar in their solubilities in organic solvents, their 
electron pair acceptor properties (e.g. AICI4.OEt;), and 
their catalytic effects. 

(v) Both metals form carbides by direct combination and 
these yield mainly methane on hydrolysis. 

(vi) Both elements form hydrides and alkyls which poly- 
merize through electron-deficient bridges. 


Be?*/Be = —1-70 V, 


PROBLEMS 


101 The ‘diagonal relationship’ is a long-standing 
generalization about the similarity in chemical properties of 
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elements with neighbours *one down to the right in the 
Periodic Table. 

Discuss similarities and differences between the following 
sets: 

(a) lithium and magnesium 

(b) beryllium and aluminium 

(c) potassium, strontium and lanthanum. 


10.2 The melting points of the alkali metals are (°C): 

Li = 453; Na = 371; K = 337; Rb = 313; and Cs = 302. Dis- 
cuss these values and find out whether (a) the boiling points 
and (b) the values for the Be Group, show similar trends. 


10.3 The alkali metals form the commonest group of M* 
cations. Which other M* cations exist? Compare and 
contrast the properties of their compounds with those of the 
alkalis. Extend this discussion to NH species. 


10.4 “The chemistry of the s elements is dominated by their 
tendency to lose the 5 electrons." 

Discuss this statement, and comment on 

(a) the parameters which reflect the tendency 

(b) compounds formed only by the more reactive s 
elements 

(c) ‘exceptions that prove the rule’. 


10.5 Compare and contrast the chemistry of the 5! and s? 
elements. 


10.6 Research the topic “The biological activity of the alkali 
and alkaline earth elements’. 


10.7 Magnesium and calcium are often found in different 
environments in silicate and aluminosilicate minerals. Find 
from the references three examples of this. 


11 The Scandium Group 


and the Lanthanides 


11.1 General and physical properties 
The scandium Group of elements has the outer electronic 


the 4f shell fills for the next fourteen elements. As the general 
chemical behaviour in these lanthanide elements (or rare 


configuration d's? and is formally part of the d block of the 
Periodic Table. However, as the chemistry is dominated by 
the III oxidation state, which involves the loss of the d 
electron, this Group is best regarded as forming a transitional 
region between the s elements and the main d block. Follow- 
ing lanthanum, the third member of the scandium Group, 


earths) is that of the III state and is very similar to that of 
the scandium Group proper, it is convenient to include these 
elements here. Properties are listed in Table 1 1.1, and earlier 
in Tables 2.5 (atomic masses and numbers), 2.8 (ionization 
potentials), 2.14 (electronegativities), and 6.3 (some redox 
potentials). 


TABLE П.І Properties of the scandium elements and the lanthanides 


Redox 

Radius of ions, pm potentials 
Electronic Abundance M?* M?* M** Oxidation M3* + Зе 

Element Symbol configuration ppm of crust CN6 8 6 8 6:48 states = M(V) 
Scandium Sc [Аг]34!452 5 88-5 101-0 III 1-88 
Yttrium Y [Кг]4415;2 28 104-0 115-9 II 2-37 
Lanthanum Га [Xe]5465? 18 117-2 130-0 IH 2.599 
Actinium Ac [Rn]64 75? trace 126 IH 2-13 
Cerium Ce [Xe]4/?5d?63? 46 115 1283 101 111 III, IV 2-483 
Praseodymium Pr [Xe]4/75d°6s? 5 113 1266 99 110 ПІ, (IV) 2:462 
Neodymium Nd [Xe]4/45d°6s? 24 143 112-3 194-9 III, (IV?) (112) 2-431 
Promethium Рт [Xe]4/554965? — unstable 111 1233 IH 2:423 
Samarium Sm [Xe]4/954965 6 136 141 109-8 121-9 Ш, (II) 2-414 
Europium Eu [Xe]4f75d°s? | 131 139 108-7 1206 HI, H 2407 
Gadolinium Gd [Xe]4/?5d!65? 6 107.8 119.3 II, (11?) 2.397 
Terbium Tb [Xe]4/?5496,? | 106:3 118-0 90 1092 III, (IV) 2-391 
Dysprosium Dy [Xe]4/!954965? 4 121 133 105-2 116-7 III, (IV?) 2.353 
Holmium Ho [Xe]4f!!54965? 1 104-1 115-5 IH 2:319 
Erbium Er [Xe]4/175d%6s? 2 103-0 114-4 IH 2-296 
Thulium Tm — [Xe]4/135d°6s?_ 0-2 117 102-0 113-4 III, (11?) 2-278 
Ytterbium Yb [Xe]4/145d°6s? 3 116 128 100-8 112-5 III, (IT) 9-267 
Lutetium Lu [Xe]4/145d'6s? 0-8 100-1 111-7 HI 2:255 


*Brackceted states are unstable: states marked (?) are either unconfirmed or very unstable. 
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The organometallic compounds formed by the lanthanide 
clements are discussed in section 16.5. 

When the 5f shell fills following actinium, which is the 
fourth member of the scandium group, the very small energy 
gap between the 5f level and the 64 level gives rise to a 
considerable variability in the chemistry of the actinide 
elements which are therefore treated separately. 

Of these elements, scandium and actinium are very rare 
and are not completely investigated. The lanthanide elements 
and lanthanum and yttrium all occur together, and there is a 
certain amount of segregation into larger and smaller ions. 
‘Thus the lighter (and larger) lanthanides make up ca. 90% of 
the two commercial ores bastnasite (a carbonate-fluoride), and 
monazite (a phosphate), with Ce ca.45%, La ca. 25%, and Nd 
са. 15% as the major components. The best source of the 
smaller elements (yttrium and the heavier lanthanides) is the 
relatively rare phosphate ore xenotime (60% Y, 995 Dy, 6% 
Yb, 5% Er and other heavy elements 10°). 

Separation of the lanthanides was difficult by classical 
methods, and chromatographic techniques are now used (see 
section 7.2). Cerium may: be removed chemically by oxid- 
ation to the IV state, and promethium does not occur 
naturally. It is thus much easier to separate the lighter 
lanthanides with these two gaps in the series and this, coupled 
with the abundances, makes the earlier members much 
cheaper to obtain than the later ones. 

The largest use of lanthanides is in the fabrication of special 
steels. For this, the elements are not separated, but the 
naturally occurring mix is converted to the chlorides and then 
reduced electrolytically to mischmetal which is added to steels, 
and also used as lighter flints. A second, rapidly growing, use 
of mixed lanthanides is their addition to zeolites (see section 
5.8) to increase their catalytic activity, especially in pet- 
roleum crackers. Gd, Sm, Eu, and Dy have large cross- 
sections for neutron capture and are used in control rods in 
atomic piles. 

Because of their specific magnetic and optical properties, 
due to the felectrons (compare section 11.5), specific elements 
find magnetic, electronic, and optical applications. *Didy- 
mium’, the natural mixture of Pr and Nd, is used in protective 
glasses to shield from UV and high intensity light. Uses as 
activators in phosphors include Eu?* for the red colour in 
ТУ, and with Tb?* (green), in fluorescent tubes. In medical 
X-ray intensifiers, Eu?*, Тт?* and Tb?* act as activators 
and La or Gd oxide species as support media. Neodymium 
lasers are very important. The neodymium may be held in a 
glassorin yttrium aluminium garnet, and there is also a liquid 
laser using neodymium oxide dissolved in selenium oxych- 
loride. A liquid system has many technical advantages, but this 
was only the second liquid system to be announced and it was 
by far the most powerful. The key aspect seems to be the use ofa 
solvent which does not contain light atoms, such as hydrogen, 
so that most of the input energy is emitted in the laser beam and 
not transferred to heat the solution. 

Yttrium is used in the 90K YBa;Cu4O;. , superconduc- 
tor, and other lanthanides have been tried in similar formu- 
lations (see section 14.9). Yttrium and gadolinium in garnet 
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oxides, лї; MsO,, (М = а trivalent element, especially Fe or 
Ga) are used in bubble devices for memory storage, micro- 
wave components, and other magnetic applications. In the 
laboratory, several lanthanide complexes are used as shift 
reagents for spreading out the signals in proton nmr. 

The elements are electropositive and reactive, with the 
heavier elements resembling calcium in reactivity while 
scandium is similar to aluminium. Two of the elements, 
promethium and actinium, occur only as radioactive iso- 
topes. Actinium is found associated with uranium and the 
most readily available isotope, ??" Ac, has a half-life of 22 
years. It is, however, very difficult to handle as the decay 
products are intensely active and build up in the samples. 
Its chemistry fits in as that of the heaviest element of the 
scandium Group. The missing lanthanide, promethium, 
occurs only in radioactive forms with the longest-lived iso- 
tope, '**Pm having t} = 30 years. Its chemistry fits in with 
its place in the series. 

Reactivity increases with increasing atomic weight in the 
scandium Group, just as in the s Groups. The elements are 
prepared by the reduction of the chlorides or fluorides with 
calcium metal. Some reactions of the metals are shown in 
Figure 11.1. These direct reactions with elements broadly 
parallel those of the s elements given in Table 10.2. 

The hydrides, formed by direct combination, illustrate the 
transitional character of this Group (compare section 9.4). 
They form stable MH, and MH; phases, which usually occur 
in non-stoichiometric form, and the MH; formula for the 
most highly hydrogenated species is never fully attained. The 
hydrides have some salt-like properties and appear to contain 
the Н” ion. There are also available extra delocalized 
electrons giving metallic: properties, so that the overall 
properties of the hydrides are a mixture of the ionic character 
shown by the s element hydrides and the metallic character of 
the hydrides of the d elements. The hydrides also resemble the 
ionic hydrides in their reactivity to oxygen and water. Mixed 
element hydrides involving lanthanides and transition ele- 
ments show promise as hydrogen storage materials. The alloy 
LnNi; reacts reversibly with hydrogen gas to form LnNisH, 
at readily accessible temperatures and pressures, and the 
properties can be ‘tailored’ by varying Ln = La, Ce, Pr, or Nd 
or mixtures of these. 


Ln,O, (but CeO.) LnH;; LnH, 


LnN 4———— > s — ——— ^e LnX, 
[and with other x 
non-metals] 
H,O\¢+ CO, 
)a +H: Ln;(CO,), +H; 

Ln = lanthanide element 

X = halogen 
FIGURE 11.1 Reactions of the lanthanide elements 
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11.2 Chemistry of the trivalent state 

As Table 11.1 shows, the oxidation state of + III is shown by 
all these elements and is the most stable state. Other states 
are found only where f electrons are present. For the group 
Sc, Y, La and Ac, the oxides, M;O,, and hydroxides, 
M(OH);, increase in basicity with increasing atomic mass. 
Scandium, because of its smaller size, is more easily 
hydrolysed in solution than the other ions, and its oxide is 
amphoteric. There does not appear to be a definite scandium 
hydroxide, although the species SCO(OH) is well established 
[compare the existence of AIO(OH)]. The oxide, with water, 
forms the hydrous oxide, Sc;O,. nH;O, which dissolves in 
excess alkali to form anionic species such as Sc(OH)2. The 
other elements form oxides and hydroxides which are basic 
only. These hydroxides are precipitated from solution by the 
addition of dilute alkalis and do not dissolve in excess alkali. 
Yttrium oxide and hydroxide are strong enough bases to 
absorb carbon dioxide from the atmosphere, while 
lanthanum oxide 'slakes', with evolution of much heat like 
calcium oxide, and rapidly absorbs water and carbon 
dioxide. The lanthanide element basicities decrease towards 
lutetium, which is similar to yttrium in the properties of its 
oxide. Actinium compounds are more basic than the 
lanthanum ones. 

Among the trihalides, the fluorides are insoluble and their 
precipitation, even from strongly acidic solution, is a charac- 
teristic test for these elements. Scandium fluoride dissolves 
in excess fluoride with the formation of the complex anion, 
ScF~. The fluorides of the heavier lanthanide elements are 
also slightly soluble in hydrogen fluoride, probably because 
of complex formation. All the elements form oxide-fluorides 
MOF from the reaction of MF; with M203. More complex 
phases such as Ү,О,Е, are also reported. 

The other trihalides are very deliquescent and soluble 
(compare CaCl,). ScCl is much more volatile than the other 
trichlorides. It resembles AICI, in this, but it is monomeric in 
the vapour (aluminium trichloride is dimeric) and it has no 
activity as a Friedel-Craft catalyst. The chlorides are re- 
covered from solution as the hydrated salts and these, on 
heating, give the oxychlorides, MOCI (with the exception of 
scandium which goes to the oxide). Actinium also forms 
oxyhalides but only by reaction with steam at 1000 хуа 
treatment which produces oxide from the lower members of 
the Group. This is a further example ofthe increase in basicity 
from scandium to actinium. Bromides and iodides resemble 
the chlorides in general behaviour. 

Among the oxysalts, most anions are to be found including 
strongly oxidizing ones. The carbonates, sulphates, nitrates, 
and perchlorates, for example, all resemble the calcium com- 
pounds. The carbonates, phosphates, and oxalates are in- 
soluble while most of the others are rather more soluble than 
the calcium salts. Scandium carbonate differs from the others 

in dissolving in hot ammonium carbonate, with double salt 
formation, and this affords a method of separating scandium 
from yttrium and lanthanum. Double salts are very common 
and include double nitrates, M(NO;),.2NH4NO,.4H,0, 
and sulphates such as M5(SO,),.3Na,SO,.12H;O. Such 


salts were used for separation of the lanthanides by fractional 
crystallization methods. 

These salts are fully ionic and lanthanum is useful as 
one of the few available stable ions with a charge 
higher than 2+. The scandium ion is more readily hydro- 
lysed than the others, and polymeric species of the type 
[Sc — (OH); — Sc - (OH); — ], have been identified with the 
chain length increasing as the acidity falls. The other ions 
are only slightly hydrolysed in the sense: 


M(H;O)$* +H,0 = M(H;O),(OH)?* - HO* 


with the tendency to hydrolyse increasing as the size de- 
creases. 

Although these ions have a charge of +3, the tendency to 
complex-formation is relatively slight. When compared with 
transition metal ions, such as Fe?* or Cr?*, which readily 
form complexes, this reluctance to complex may be ascribed 
to the greater size of the scandium Group ions, and to their 
low electronegativity which decreases any possible covalent 
contribution to the bonding. The best donor atom is oxygen, 
and insoluble complexes are formed by f-diketones such as 
acetylacetone (Figure 11.2). Of some importance are the 
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FIGURE 11.2 Acetylacetone complex of the lanthanide elements 


water-soluble complexes formed by chelate ligands such as 
EDTA, and especially the complexes formed by hydroxy- 
carboxylic acids such as citric acid, HOOC.CH;.C(OH) 
(COOH).CH;COOH, which are used in the separation of 
these elements by ion exchange methods (see section 11.3). 
The lanthanide elements are often six-coordinated in com- 
plexes, but higher coordinations are known. Eight-coordina- 
tion is found in La(acac);(H,O),, where асас = acetyl- 
acetone and in Y(CF,COCHCOCEF,, . Shapes include 
antiprismatic (compare Figure 15.4b) and dodecahedral 
(compare Figure 13.12). Nd(BrO3)3.9H,0 contains the 9- 
coordinate Nd(H,0)3* ion and similar ions exist for 
other lanthanides. — Ten-coordination is found in 
La(H,0),EDTA.3H,0, The EDTA occupies six positions 
and there are four water molecules attached to the lantha- 
num. Three water molecules lie on one side of the lantha- 


num, the two nitrogen atoms of the EDTA lie opposite them, 
while the four EDTA oxygens and the final water molecule lie 
in a rather distorted medial plane. The complex nitrate, 
Ce(NO3)3~, contains ten-coordinate Ce. The nitrates are 
present at the apices ofa trigonal bipyramid and each nitrate is 
coordinated by two oxygens— 
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Yttrium, and the other lanthanides investigated, also form 
‘en-coordinate M(NO4)2^ complexes but Sc in Sc(NO,)3~ 
: only nine-coordinate with one of the nitrate groups bonded 
through only one oxygen. In Ce(NO3)2~, the coordination 
aumber is twelve. In the ion La(CgHgN3)3*, the twelve 
nitrogen atoms form an almost regular icosahedron (compare 
Figure 17.7d) around the La atom. 

Scandium, because of its small size, forms more 
stable complexes than the other elements. For example, the 
scandium acetylacetonate may be sublimed at about 200°C, 
while all the others decompose on heating. Continuing this 
trend to the heaviest element, actinium is less ready to form 
complexes than the others. Thus, the lanthanides can be 
extracted into an organic solvent by means of tributyl- 
phosphate, OP(OC4Hg)s, which forms a complex, but 
actinium extracts much less readily under these conditions. 


11.3 The separation of the elements 

One separation of scandium is mentioned above, and acti- 
nium occurs separately, but yttrium, lanthanum, and the 
lanthanides are commonly found together in minerals. From 
the radii given in Table 11.1 it will be seen that the lanth- 
anides are very close in size, with a small but regular decrease 
from lanthanum to lutetium, and that yttrium is close to 
dysprosium and holmium. A similar gradation is found in 
the redox potentials of the elements, M3, /M, which range 
from —2:52 V for La to —2:25 V for Lu, in steps of about 
0:01-0:02 У between each element and the next. Again 
yttrium, —2:37 V, fits in near dysprosium, — 2:35 V. These 
resemblances in size and behaviour are much closer than 
those between elements in the same Group (compare Sr?* 
and Ba?* which differ by 19 pm) and mean that the 
chemistry of all the lanthanide elements is practically 
identical. 

The slow decrease in size from La to Lu just about balances 
the normal increase in size between the elements in one 
period and the next. This is shown by the similarity between 
yttrium and the heavier lanthanides. The decrease is termed 
the lanthanide contraction and arises from the slow increase in 
effective nuclear charge as the f electrons are added. This 
accounts for the decrease in size and the increase in oxidation 
potential. As will be seen, the lanthanide contraction also 
affects the chemistry of the heavier transition metals. 

As the elements and ions are so similar in size and pro- 
perties, the separation of the individual lanthanide elements 
is extremely difficult. In the classical studies of the elements, 
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fractional separations had to be adopted. These included 
fractional crystallization of double salts, such as the nitrates, 
fractional precipitation of the hydroxides and fractional 
decomposition of the oxalates. These processes were very 
slow, and as many as twenty thousand operations are re- 
ported in some cases before pure samples were obtained. The 
separation of the lighter elements, up to gadolinium, was 
relatively easy as cerium could be removed by oxidation to 
the relatively stable IV state, promethium was missing from 
the natural sources, and samarium and europium could be 
reduced to the II state. The heavier elements and yttrium 
were much more difficult to separate as such chemical aids 
were not available. Despite this, all the lanthanide elements 
had been separated and correctly characterized, before the 
advent of more powerful methods, in what was one of the 
most painstaking series of studies in chemistry. 

The separation problem is greatly simplified by the use of 
ion exchange or solvent extraction techniques (see Chapter 
7). One common ion exchange method uses the soluble 
citrate complexes. To a cation exchange resin, which will be 
written resin-H, a solution of the lanthanides is applied, and 
the acid formed washed out: 


3Resin-H + Ln?* — Resin4-Ln -- 3H30 * 


"Then citric acid, buffered with ammonia to constant pH, is 
added, and the equilibrium: 
Ln-Resin; + 3HCit=3H-resin + LnCit4 

is set up (Ln is used as a general symbol for any lanthanide 
element). As the buffered citrate flows down the column, the 
concentration of lanthanide ions changes and the equili- 
brium reverses many times. As the heavier ions are smaller, 
they will be more strongly complexed by the citrate and so 
will tend to spend more time in solution and less on the resin. 
Asa result, the heavier lanthanide elements are washed down 
the column first and will eventually be eluted. If the 
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FIGURE 11.3 Elution curve of the lanthanide elements from an ion exchange 
resin column 
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conditions are correct, the different elements will be sep- 
arated into pure components. Figure 11.3 gives an example of 
such an elution curve. The whole process is analogous to the 
classical fractionations but with the numerous operations 
taking place in situ on the column. The process leads to 
considerable dilution: in one example 0-4 g of mixed oxides 
per litre was used and collection of about fifty litres of eluate 
gave each element in about 80 per cent purity. Each fraction 
would then be concentrated by precipitation of the oxalate 
and the exchange repeated to give pure samples. 

A similar separation is possible by using solvent extraction 
methods in a counter-current technique. By extraction of 
lanthanides from a strong nitric acid solution into tributyl- 
phosphate, 95 per cent pure gadolinium has been prepared 
on a kilogramme scale. Similar methods have been most 
important in the characterization of the man-made post- 
plutonium elements. 


11.4 Oxidation states other than (m) 

A number of the lanthanide elements exist in oxidation 
states other than ITI and the most stable of these are Ce(IV) 
and Eu(II). The cerium(IV) state corresponds to the loss of 
the four outer electrons to give an f°d°s° rare gas configura- 
tion, while the europium(II) state corresponds to the loss of 
only the two s electrons to retain the half-filled /7 shell. 


Cerium(IV) 
Cerium is the only lanthanide which exists in the IV state in 
solution. Ceric oxide, CeO;, which is colourless when pure, 
is the product resulting from heating the metal, or decom- 
posable cerium(III) oxysalts such as the oxalate, in air or 
oxygen. It is inert and insoluble in strong acids or alkalies, 
It does dissolve in acids in the presence of reducing agents to 
give cerium(III) solutions, and these, in turn, give cerium(IV) 
in solution on treatment with strong oxidizing agents such 
as persulphate. A yellow, hydrated, form of ceric oxide, 
СеО ,.лН,О, is precipitated from such cerium(IV) solutions 
by the action of bases. The only other solid cerium(IV) com- 
pound known is the tetrafluoride, prepared by the action of 
fluorine on the trichloride or trifluoride. The aqueous 
chemistry of cerium(IV) resembles that of zirconium and 
hafnium, or of the four-valent actinides such as thorium. 
The very high charge on the Ce** ion leads to its being 
strongly hydrated. The hydrated ion is acidic and hydrolyses 
to give polymeric species and hydrogen ions, except in 
strongly acidic solution. The solution of cerium(IV) in acid 
is widely used as an oxidizing agent, and its redox 
potential depends quite strongly on the acid used, ranging 
from 1:44 V in molar sulphuric acid to 1-70 V in perchloric 
acid. This variation probably arises from the formation of 
complex ions by association with the acid anion in nitric or 
sulphuric acids. As perchlorate shows no tendency to com- 
plex in this way, the potential in perchloric acid probably 
characterizes the plain hydrated ion, Ce** nH,O. 
The high charge density means that cerium(IV) forms 
stronger complexes than the tripositive lanthanides. It is 


much more readily extracted by tributylphosphate, and the 
hexachloro-complex CeClg^ has been prepared as thc 
pyridinium salt. 


Europium(II) | 
Europium has the most stable divalent state of all ihe 
lanthanides. Europium(II) chloride is prepared as a solid by 
the action of hydrogen on the trichloride: 


EuCl,;+H, = EuCl,+HCl 


Its dihydrate is very insoluble in concentrated hydrochloric 
acid (like BaCl,.2H,O) and this is used as a means of puri- 
fication. Europium in solution is readily reduced to the 11 
state, for example by magnesium, zinc, or alkali mc 
amalgams, and it resembles calcium in this state. Thus ihe 
sulphate or carbonate may be precipitated from solutio: 
The oxide does not exist, but EuS, EuSe or EuTe can al! be 
prepared. EuH; is ionic and isomorphous with CaH 5. 


The redox potential, Eu** --e^ = Eu?*, is —04% у, 
so that europium(II) is a reducing agent of similar power to 
Cr?*. A careful magnetic investigation has shown that the 
magnetic properties of Eu(II) are identical with those of 
Gd (III), over a wide range of temperature, confirming the 
[74959 arrangement in the ion. The dichloride. dibromide, 


and diiodide all have moments of 7-9 Bohr magnetons corre- 
sponding to the seven unpaired electrons. 

Europium(II), although the most stable of the lower oxi- 
dation states, is a strong reducing agent as the potential shows, 
and its solutions are readily oxidized in air. The solids are 
rather more stable. Europium, together with ytterbium 
which also has a II state, dissolves in liquid ammonia to give 
à concentrated blue solution. The other lanthanides are 
either insoluble or give only weak solutions on electrolysis. 


Other IV states 
Other elements which form the IV state are praseodymium, 


neodymium, terbium, and dysprosium. Of these, only 
Tb(IV) can be accounted for by the tendency to equally- 
occupied / orbitals, in this case J”. All the states are very 
unstable and have only been prepared as solid compounds 


Ignition of praseodymium compounds in air gives a com- 
plex oxidation product of approximate composition Рг,О, ,. 
Heating finely divided Рг;О; in oxygen at 500 °C and 100 
atmospheres gives the stoichiometric oxide, PrO;. No 
binary fluoride, PrF,, has been prepared but solid solutions 
of PrF, in СеЕ,, containing less than 90 per cent PrF,, do 
react completely with fluorine to the composition PrF,/CcF,. 

There is no firm evidence for the existence of Nd(IV) in 
oxide systems, but the fluorination of NdF, in presence of 
CsF gives compounds containing 10-20 per cent Nd(IV) in 
the form of a double salt. 

A higher oxide of terbium, of approximate composition 
Tb4O;, has long been known as a product of ignition. A 
careful study has yielded three oxide phases, in the range 
TbO,.s 1-8 in ignition products of oxalate or nitrate. The 
TbO, composition results from the reaction of atomic 


oxygen on ТЬ,Оз. This, like PrO;, has the fluorite struc- 
ture. Structures containing linked Tb'YO, octahedra are 
found in the oxyanion species M;TbO;, М,,ТЬ;О, 4, and 
MgTb,O; where M is an alkali metal, especially Li. 
Terbium(IV) is also formed as fluoride by fluorination of the 
trifluoride. TbF, is isostructural with CeF4. Terbium(IV) is 
probably the most stable of the IV states after cerium(IV), 
but it is an extremely powerful oxidizing agent and there is no 
question of its existence in an aqueous medium. 

Dysprosium(IV) resembles neodymium(IV) in being 
found only in a fluorine system. Fluorination of DyF;, in 
presence of CsF, gives materials containing up to 50 per cent 
Dy(IV). 


Other 11 states 

‘iements found in the II state are neodymium, samarium, 
gadolinium, thulium, and ytterbium. Ytterbium(II) cor- 
responds to the completed /'* level. All these elements are 
much less stable in the II state than is europium. Yb(II) and 
3m(II) may be prepared in water but are oxidized by water 
on standing; the others are found only in the solid state. The 
order of stability is Nb(II) ж Gd(II) < Tm(II) < Sm(II) 
« Yb(II). 

Divalent neodymium and gadolinium are prepared, as the 
dichloride or di-iodide, by the reaction of the metals with the 
fused trihalides. МАСІ, is isostructural with EuCl;. Con- 
trolled reduction of NdCl, gives the mixed (II)/(III) 
KNd,Cl;. Thulium di-iodide may be prepared in a similar 
manner by the action of Tm on Tml, at 600°C. It is 
isostructural with YbI,. These low valency halides tend to be 
non-stoichiometric and they have metallic conduction and 
other properties. 

Samarium(II) occurs in a number of compounds, in- 
cluding the halides, sulphate, carbonate, phosphate, and 
hydroxide. It may be extracted from a lanthanide mixture, 
along with Eu(II), by reduction of the trichlorides with 
alcoholic sodium amalgam. The mixture of Eu(II) and 
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Sm(II) chlorides is readily separated by controlled oxida- 
tion, which produces Sm(IIT) only. 

A variety of ytterbium(II) compounds exist, including all 
those found for samarium, and also possibly the monoxide. 
The dihalides may be prepared by hydrogen reduction of the 
trihalides and, in the case of the di-iodide, by thermal 
decomposition. Yb(II) is more stable than Sm(II) and has 
been estimated to have an oxidation potential of — 1-15 V 
with respect to the III state. YbH;, like EuH;, is ionic and 
isomorphous with CaH;. 

Low formal oxidation states are also found in a number 
of ‘subhalides’ with metallic properties. Among the best- 
established are the monochlorides LnCl formed by Sc, Y, and 
all the lanthanides. The structure consists of a four-layer 
repeat unit in the order Cl - Ln - Ln — Cl in cubic close 
packing, the same structure as ZrCl (section 15.2). Two 
electrons per metal atom are delocalized, giving metallic 
conductivity. Similar MBr phases are found for M = Y, La, 
and Pr. Small atoms such as C, O, or H may intercalate 
between the metal layers, and cations may be held between 
the Cl sheets of successive four-layer units. Thus phases such 
as ЅсССІ, 56 or Ko.26YClCo.4 are found. 

Phases of composition М,СІ; are also known. Sc7Clyo 
consists of chains of Sc octahedra linked by shared Cl atoms. 
Similar phases, also with М-М bonding, are known for 
M - Y, La, and Gd. 

It will be noted that, although there are a fair number of 
examples of oxidation states other than the III state among 
the lanthanide elements, the III state is by far the most 
stable. Even the most stable of the other states, Ce(IV) and 
Eu(II), are very reactive and the majority are found only as a 
result of solid state reactions. This dominance of the III state 
in the lanthanides presents a marked contrast with the 
behaviour of the actinide elements and is probably a result 
of the larger energy gap between the 4/ and 54 levels than 
that existing between the 5f and 64 levels. 


FIGURE 11.4 Visible and near ultra-violet spectrum of holmium 


17 500 15 000 


172 THE SCANDIUM GROUP AND THE LANTHANIDES 


11.5 Properties associated with the presence of f electrons 
As is implied in the discussion in the earlier sections, the 
electrons in the 4f level are too strongly bound to be involved 
in the chemistry of the elements except under unusual 
conditions. In addition, the f orbitals appear to be too diffuse 
to enter into bonding generally, so that there are few chemical 
effects from the presence of f electrons or unfilled J orbitals. 
There are, however, electronic effects which show up in the 
spectra and magnetic properties of the lanthanides. 

The lanthanide ions show absorptions in the visible or near 

ultraviolet regions of the spectrum, except La?* with no 
J electrons and Lu** with no empty f orbitals. These colours 
are due to transitions between / levels, J-J transitions, and, 
as the f levels lie deep enough in the atom to be shielded from 
much perturbation by the environment, these transitions 
appear in the visible and near ultraviolet spectra as sharp 
bands. This is in contrast to (ће d— 4 transitions found for the 
transition elements, which usually appear as broad bands due 
to environmental effects. Figure 11.4 illustrates a typical 
lanthanide ion spectrum. As these bands are so sharp, they 
are very useful for characterizing the lanthanides and for 
quantitative estimations. The positions of the absorptions 
shift with the f configuration, giving rise to the visible colours 
of the different ions as shown in Table 11.2. 

Solutions of samarium(II) are red, and of ytterbium(II) 
are green. Note that the much more intense colours of 
cerium(IV) are not due to f—f transitions, but to a different 
mechanism involving charge-transfer between ion and 
coordinated ligand. 

All the f states, except f? and f!*, contain unpaired 
electrons and are therefore paramagnetic. These elements 
differ from the transition elements in that their magnetic 
moments do not obey the simple ‘spin-only’ formula 
(section 7.10). In the f elements, the magnetic effect arising 
from the motion of the electron in its orbital contributes to the 
paramagnetism, as well as that arising from the electron's 
spinning on its axis. (In the transition metals the orbital 
contribution is usually quenched out by interaction with 
electric fields of the environment— at least to a first approxi- 
mation— but the / levels lie too deep in the atom for such 
quenching to occur.) When the moments are calculated on 
the basis of spin and orbital contributions, there is excellent 
agreement between experimental and calculated values, as 
Figure 11.5 shows. 

The one case in which contributions to the bonding from 


TABLE 11.2 Typical colours of lanthanide compounds 


Хө? Ce(III), Yb(III) uv absorption 

f*orf'* Pr(III), Tm(III) green 

Jf Nd(III) blue-violet 

fr ong Pm(III), Ho(III) pink or yellow 

огу? Sm(III), Dy(III) cream 

JS opp Eu(III), Eu(II), Gd(III), uv absorption 
'Tb(III) 

yj" Er(III) pink 
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FIGURE 11.5 Calculated (—) and experimental (^) »alues of the magnetic 
moments of the lanthanides 


the f orbitals is possible is in complexes of the heavier 
elements in which the coordination number is high. Use 
of the s orbital together with all the р and d orbitals of 
one valency shell permits a maximum coordination number 
of nine in a covalent species. Thus, higher coordination 
numbers imply either bond orders less than unity or else 
use of the f orbitals. In addition, certain shapes (such as 
a regular cube) of lower coordination number also demand 
use of f orbitals on symmetry grounds. These higher co- 
ordination numbers have only become clearly established 
recently, but their occurrence in lanthanide or actinide 
element complexes suggest the possibility of f orbital par- 
ticipation. Examples include the ten-coordinate complexes 
mentioned above, LaEDTA(H,O), and Ce(NO,2- 
or 10-coordinate La,(CO3)3.8H,0;  ll-coordinate 
Th(NO3)4.5H,O (coordination by four bidentate nitrate 
groups and three of the water molecules); and the 12- 
coordinate lanthanum atoms in La, (SO,)3.9H,0—with 
twelve sulphate O atoms around one type of La atom position. 


PROBLEMS 


11.1 Find out the details of one method which was used 
classically to separate the lanthanide elements and one 
method currently used, other than the examples given in 
section 11.3. 


11.2 Investigate the names of the lanthanide elements: how 
far do these reflect their chemical similarities? 


11.3 Compare and contrast the chemistry of lanthanum (a) 
with calcium (see also question 10.1), and (b) with thallium. 


11.4 How far does the chemistry of their hydrides reflect the 
general characteristics of the lanthanide elements? 


11.5 Find out from the literature 


(a) further examples of coordination numbers of 8 or 
more. 

(b) the use of lanthanide ‘shift reagents’ in nmr, 

(c) examples of the application of the narrow-line S—f 


spectrum (eg. as wavelength standards, in estimation, in 
lasers). 


12 The Actinide Elements 


12.1 Sources and physical properties 

АП the elements lying beyond actinium in the Periodic 
Table are radioactive, and many of them do not occur 
naturally. Uranium and thorium are available as ores. 
Although actinium, protactinium, neptunium, and pluto- 
nium are available in small amounts in these ores their 
isolation is difficult and expensive and it is more convenient to 
isolate them from the fuel materials of nuclear reactors. 

There are two main nuclear reactions which are used in the 
synthesis of elements beyond plutonium in the actinide series. 
One is the caputre of neutrons, followed by beta emission, 
which increases the atomic number by one unit. The second 
method is by the capture of the nuclei of light elements, 
ranging from helium to neon, which increases Z by several 
units in one step. 

Atomic piles provide intense neutron sources and samples 
can be inserted into piles for irradiation, so the first method 
is readily carried out, but it is a process of diminishing 
returns as each element has to be made from the one before. 
For example, in the irradiation of plutonium 239, less than 
one per cent of the original sample appears as californium 
259, after capture of thirteen neutrons. The main stages are 


239p +741 pu 22*550m —247Cm —?51С{ +252¢CF 
% of 


original 100 
sample 


30 10 1:5 0:7 0-3 


Neutron capture by a nucleus increases its neutron/proton 
ratio until this becomes too high for stability. Then a neutron 
is converted to a proton, with emission of a fi-particle, and an 
increase of one in the atomic number, for example: 


242 
94 


In the synthesis of heavier elements by successive neutron 
capture, not only does the yield of a heavier nucleus fall off 
sharply as the number of neutron addition steps from the 
starting material increases, but the process is made even less 
favourable by the general decrease in nuclear stability with 
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increasing atomic mass. The heaviest elements may thus be 
obtained only by means which short-circuit the step-by-step 
addition of neutrons. One means is provided by an atomic 
explosion, where there is a vast flux of fast neutrons. A number 
of neutrons are added to the target nucleus simultaneously 
before the intermediate nuclei can decay. Thus, einsteinium 
and fermium were first discovered in the fall-out products of the 
first atomic bomb explosion. 

A second, and more amenable, method for jumping a 
number of places in one operation is to bombard the starting 
material with species containing several nuclear particles. 
Bombardment by alpha-particles is the easiest way of 
achieving this, and many of the actinides, such as 248m; 
249Bk, 249 Cf. and 75°Md, were first made in this way, e.g.: 


253Es--$He = 10? Md + оп 
Alpha-particle bombardment requires the target to be the 
element with an atomic number of two less than the desired 
element, and such target elements will themselves be scarce 
and only obtained in small amounts where the desired 
element is one of very high atomic mass. 'T'o make the very 
heaviest elements, therefore, bombarding nuclei heavier than 
the g- particle are required. The last two actinide elements to 
be discovered were obtained by heavy nucleus bombardment 
in this way: 

B5Cm4?C = 


387Cf+ 3'B 


763No+4on 
= 233Lr+6$n 


Table 12.1 indicates the current sources of each element. 

The ease with which a radioactive element may be handled 
depends on the type and intensity of the radiation from the 
isotope and from its decay products which accumulate in 
the sample. This activity is indicated by the half-life, 
which is a measure of the rate of the decay process. The 
degree of activity of an isotope governs the extent to which its 
chemistry may be studied. In decay processes, the extremely 
energetic emitted particles break bonds and disrupt crystal 
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structures. The energy given out appears largely as heat in the radioactive element is equivalent to a continuous process of 
sample; for example, the heat produced in a millimolar self-reduction. As a result, it may be impossible to prove the 
solution of curium 242 salts in water would be sufficient to existence of an oxidizing state for very reactive isotopes. For 
evaporate the solution to dryness in a short time. The example, the evidence for the oxidizing IV states ofa number 
breaking of bonds by emitted particles in a sample of a of the heavy elements had to await the production of isotopes 


TABLE 12.1 Properties of the actinide elements. 


Electronic 


Mass of most configuration 
Z Element Symbol accessible isotope Half-lives Source Rn 5f 6d 7s 
89 Actinium Ac 227 natural 0 13 
90 "Thorium Th 232-1 232 1-4 х 10:9 у natural Q0 2 2 
(natural mixture) 
91 Protactinium Pa 231 231 3-28 x 10* y — natural and fuel 022 
elements or2 1 2 
92 Uranium U 238-1 235 7:00х 108% y natural j43 2 
(natural mixture) 238 45 x 10? y or3 1 2 
93 Neptunium Np 237 237  2-4x109y fuel elements § 0 2 
94 Plutonium (iv) Pu 239 239 24360у fuel elements 602 
242 — 3:79 x l05y 
244  83x107y neutron bombardment 
95 Americium Am 241 241 433 y fuel elements 7.0 2 
243 7380 y neutron bombardment 
96 Curium Cm 242 242 163 days neutron bombardment $3 l2 
244 244 18-1 y 
247 8x10? y 
248 | 394x105 y 
97 Berkelium Bk 249 247 1400 y ion bombardment 812 
249 320 days neutron bombardment 902 
98 Californium Cf 252 249. 351 neutron bombardment 10 0 2 
252  265y 
99 Einsteinium Es 254 253 20-5 days ion bombardment 110 2 
б 254 1:5 у neutron bombardment 
100 Fermium Fm 253 253 4-5 days neutron bombardment 12:0 2 
К 257 80 days 
101 Mendelevium Md 256 256 90 minutes ion bombardment 13 0 2 
258 53 days 
102 Nobelium No 254 254 3s ion bombardment 140 2 
255 3 minutes 
103 Lawrencium Lr 257 256 35s ion bombardment I4 1 2 


260 3 minutes 
261 39 minutes 
262 214 minutes 


isotopes from fuel elements in gram amounts, as are Am-243 and Cm-244; Ac-227, Bk-249, and ire ad oss hae 
1-10 mg level and Es-253 somewhat less. From fermium onwards, quantities range from micrograms down to atoms (ii) For 
plutonium, the abundance of isotopes in fuel elements is 239 > 240 (half-life 7000 y) > 241 (14 y) > 242 > 238 (88 ) The Msrope 
for a particular study is a balance of abundance, half-life, and type of radiation. dA n 


which were more stable than the very short-lived ones 
originally available. The intense activity of the samples of 
these elements, and of their sources, demands special han- 
dling techniques which involve manipulating microgram 
amounts of the sample by remote control. Such work 
demands specialized facilities and training and is limited to a 
few laboratories in the world, the most famous being at the 
University of California where most of the transuranium 
clements were discovered. 

In a number of cases, neutron bombardment, which is 
readily carried out, does not give rise to the isotope of longest 
half-life. An example is provided by berkelium where the 
most accessible isotope, Bk-249, has a much shorter half-life 
than Bk-247, which is only available in tiny amounts from 
ion bombardment. 

The electronic configurations of these elements gave rise 
to considerable controversy in the early days of work in this 
field. The elements which were available before the advent 
of the atomic pile, especially thorium and uranium, strongly 
resemble the transition metals (hafnium and tungsten) in 
their chemistry, and the heaviest elements were accordingly 
placed in the d block. As new elements were studied, it 
became increasingly obvious that an f shell was being filled 
but it was not clear whether this started after actinium, 
paralleling the lanthanides, or later on in the middle of a 
d series. It became clear, however, that curium corresponded 
to gadolinium in properties and was thus the f 7415? element, 
implying that the series are genuinely actinides. Later, it was 
possible to interpret the very complicated atomic spectra and 
determine the electronic configurations as given in the 
Table. Magnetic studies have also confirmed these. Element 


TABLE 12.2 Chemical properties of the actinides and actinium 
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103, lawrencium, completes the actinide series. Elements 104 
and 105 are discussed in section 16.9. 


12.2 General chemical behaviour of the actinides 
Table 12.2 lists some important chemical properties of the 
actinides, with actinium included for comparison. The 
M**/M?* redox potentials clearly show the increasing 
stability of the III state for the heaviest elements. Diagrams 
of the free energy changes per electron in oxidation-reduction 
reactions are shown in Figure 12.1, illustrating the stable 
oxidation states for the elements. The stabilization of the 
III state to the right of the actinide series is again shown here. 
The most stable oxidation state of the elements up to 
uranium is the one involving all the valency electrons. 
Neptunium forms the VII state, using all its valency elec- 
trons, but this is oxidizing and the most stable state is Np (V). 
Plutonium also shows states up to VII and americium up to 
VI but the most stable states are Pu(IV) and Am(III). Later 
elements also tend to be most stable in the III state. This 
pattern of higher oxidation state stabilities has more in 
common with that ofa d series where all the electrons are used 
in the Group oxidation state, until the middle of the series— 
Mn(VII) or Ru and Os(VIII)—and this state becomes more 
oxidizing across the series. Only for the later actinide elements 
does the III state become dominant and the resemblance to 
the lanthanides appears. Although the IV state of berkelium 
is strongly oxidizing, it is more stable than the IV states of 
curium and americium. In this, it is showing a parallel to the 
properties of terbium, where the IV state, corresponding to 
the f7 configuration, has some stability. Americium does not 
form the II state in aqueous media, but it has been 


Crystal radii (pm) Potential ( V) Ist ionization energy 
Oxidalion 
states Mt M** M** +e= M3* + 3e= (eV: leV= 

Element coordination 6 Gat «B M** M 96.48 kJ mol!) 
Ac IH 126 — 2-13 5:17 

Th (Ш), IV 108 119 —147 6-08 

Pa (III), IV, V (118) 101 115 — 1-49 5.89 

U III, IV, V, VI 1165 103 114 — 0:631 — 1-66 6-05 

Мр III, IV, V, VI, VII 115 101 112 + 0:155 — 1:79 6-19 

Pu III, IV, V, VI, VII 114 100 110 + 0-982 — 2-00 6-06 
Am (П), Ш, IV, V, VI, (VID* 11:5 99 109 +20 — 2-07 5:99 
Ст (ID*, Ш (IV) 111 99 100 +32 — 2-06 6-02 

Bk (II), III, IV 110 97 107 +16 — 1:97 6:23 

Cf (П)*, Ш (IV) 109 96 106 — 2:01 6:30 

Es (II), Ш (108) — 1-98 6:42 
Fm (11), ш = 1-95 6:50 
Md II, HT — 1-66 6-58 

Мо II, 1 — 1:78 6:65 

Lr IH — 2-06 


*Transient only. Stable oxidation states are underlined: unstable states are in brackets. 
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FIGURE 12.1 Free energy changes per electron for actinide element oxidation- 
reduction couples in acid solution 

Here the free energy change (in volts) is plotted against the oxida- 
tion state for all the actinide elements, as far as data are available. 
The uranium and americium diagrams are discussed in section 8.6, 
Figure 8.11. 


reported in a chloride melt, so that there is some slight 
resemblance to europium which attains the / configuration 
in its moderately stable II state. An oxide phase, MO, exists 
for Pu and Am. The heavier actinides, though studied mainly 
by carrier methods, show some evidence for a II state in 
addition to the stable ITI state but attempts to oxidize Md? = 
No?* or Lr?* to the IV state were unsuccessful. These II 
states are distinctly more stable than for the corresponding 
lanthanides, and a significant difference between the two f 
series is evident. In particular, Md(II) is moderately stable 
and No(II) is markedly more stable than No(III), with No?* 
requiring an oxidizing agent comparable with permanganate 
or ceric to form No?*. The /1# configuration would probably 
be attained by No?* but this state is relatively much more 
stable than the analogous Yb?* in the lanthanides. 

The regular trend in ionic radii resembles that shown by 
the lanthanide elements, and it is possible to talk of an 
actinide contraction similar to the lanthanide contraction 
and arising from a similar increase in effective nuclear 
charge due to poor screening by the felectrons. This actinide 
contraction means that the actinide elements should show 
similar ion-exchange behaviour to the lanthanides, and this 
has been made use of in a striking way in the identification of 
the newer heavy elements. The elements beyond curium 
have all very similar properties chemically, and the methods 
of synthesis mean that they are formed in only small amounts 
in the presence of excess target material. The identification of 
the heavier elements depends upon detecting their charac- 
teristic radiation (which can be predicted theoretically), 
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FIGURE 12.2. Elution diagrams for (a) actinide and (b) lanthanide 
elements 


The method which was successfully adopted was to dissolve 
the irradiated targets and pass the actinides in solution 
through an ion-exchange column and count the radiation 
from each fraction. Due to the tiny scale of the experiments, 
the ‘column’ was a few beads of resin and the fractions were 
single drops. The order of elution, and the elution positions, 
of the tripositive actinide ions and the tripositive lanthanide 
ions are the same on the same resin, and this was used 
in the first identification of the elements from americium up 
to mendelevium on a weighable scale (i.e. apart from the use 
of carrier methods). A composite elution diagram of these 
elements is shown in Figure 12.2 along with a similar diagram 
for the heavier lanthanides, The one-to-one correspondence 
in positions is clear. The scale of the operations is made 
evident by the fact that the first identification of element 101, 
mendelevium, was based on the count of five decompositions, 
i.e. of the fission of five individual atoms. 

The actinide metals resemble the lanthanides, are of low 
electronegativity, and are very reactive. The metals are 
produced by electrolytic reduction of fused salts or by treat- 
ing the halides with calcium at high temperatures. They are 
all extremely dense, with densities ranging from 12 to 
20 g/cm?. The direct reactions of the metals (for example, 


with oxygen, halogens and acids) are similar to those of the 
scandium Group elements. The metals also react directly 
with hydrogen with the formation of non-stoichiometric 
hydrides, such as ThgH,5. Phases with idealized composi- 
tions MH; and MH; are most common. These hydrides are 
reactive and often form suitable starting materials for the 
preparation of other compounds. On heating, they de- 
compose leaving the metal in a very finely divided and 
reactive form. 


12.3 Thorium 

Ihorium has been known since 1828. Its principal source is 
the mineral, monazite, which is a complex phosphate of 
thorium, uranium, cerium, and lanthanides. Thorium is 
extracted by precipitation as the hydroxide, along with 
cerium and uranium, and then separated by extraction with 
tributyl phosphate from acid solution. The metal is made by 
calcium reduction of the oxide or fluoride, and pure samples 
can be prepared in the Van Arkel process by decomposing the 
iodide, ThI,, on a hot filament. 

The only stable oxidation state, is the IV state in which 
thorium resembles hafnium. This is very stable and, because 
of the large size, the Th** ion has a low enough charge 
density to be capable of existing without excessive polariz- 
ation effects. This is the highest-charged ion known. The 
hydroxide is precipitated from thorium solutions and gives 
the oxide, ThO;, on ignition. This is also formed directly from 
the metal and oxygen, and on ignition of oxy-salts. It is a 
stable and refractory material (m.p. 3050 C) and is soluble 
only in hydrofluoric/nitric acid mixtures. The anhydrous 
halides, ThX,, are prepared by dry reactions such as metal 
plus halogen or oxide plus hydrogen halide at 600°C. The 
tetrafluoride is involatile but the others sublime in vacuum 
above 500°C. Treatment of the halides with water vapour 
gives the oxyhalides, ThOX;. 

Dilute thorium solutions in strong aqueous acid contain the 
hydrated thorium ion, Th* * nH45O, but hydrolysis takes place 
on concentration or when the pH is raised. Ata pH of about 6, 
the hydroxide, Th(OH),, is precipitated. This has a crystal 
structure containing chains of thorium atoms linked by oxy- 
and hydroxy-bridges and 8-coordinated Th. 

The commonest salt is the nitrate, Th(NO4)4.5H5O 
which is very soluble in water, alcohols, and similar solvents. 
The fluoride, oxalate and phosphate are very insoluble and 
may be precipitated even in strong acid solution (compare 
hafnium and cerium(IV). Thorium also gives а boro- 
hydride, Th(BH,), which sublimes in vacuum at about 
40°С. 

The coordination of thorium(IV) is variable and tends 
to be high. ThCl, and ThBr, have the distorted eight- 
coordination of UCl, while seven-, eight, and nine- 
coordinate Th atoms are all found in ТҺОСІ, (and in the 
isomorphous Pa, U, and Np analogues). Eight-coordination 
to sulphur is found in the complex Th(S,CNEt,)4. Nine- 
coordination, by sharing fluorines, is found in (NH4)J,ThF, 
and in Na, ThE, and the ThF, arrangement is similar to 
that shown in Figure 15.21. 
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An alternative form of nine-coordination is found in the 
oxydiacetato(oda) complex [Th(oda)SO,(H ;O);]. (See Ap- 
pendix B for oda). Here the Th atom is coordinated by 9 O 
atoms in a capped square antiprism arrangement— compare 
Figure 12.5 with a ninth O atom above one of the square 
faces. 

No state other than IV exists for thorium in solution, but 
there is evidence for the tri-iodide, ThI}, formed by heating 
the metal with the stoichiometric amount of iodine in vacuum 
at 555°C. Using a deficiency of iodine gives the di-iodide 
which can also be prepared electrochemically. It has been 
shown that Thl}, and two different crystal modifications of 
Thl;, can be also prepared by heating ThI, with thorium 
metal. The tri-iodide converts to the di-iodide on further 
heating. Both ThI, and Thl, react with water with the 
evolution of hydrogen and formation of thorium(IV). These 
compounds are metallic with bonding which can be ex- 
plained on the same model as that used for the metallic 
hydrides, section 9.4. One non-metallic thorium(III) com- 
pound is the white ThOF, prepared by reducing a 
ThF,/ThO, mixture with thorium metal at 1500 К. 


12.4 Protactinium 

Protactinium .was first identified in uranium in 1917. It 
is a product of uranium 235 decay and, in turn, gives 
actinium by alpha-particle emission : 


335U = $He+33'Th = _fe+3}'Pa = $He+33’Ac 


A further isotope occurs in the decay of neptunium 227, but 
both these naturally-occurring isotopes have low concentra- 
tions in equilibrium. The element is most readily obtained 
by synthesis : 


332Th+4n = 33°Th = 3}3Pa+ _% 


This isotope has a half-life of 27-4 days but is a beta-emitter 
and more readily handled than the alpha-emitting Pa 231. 
The latter is now available from the fuel elements of atomic 
piles and is commonly used. Because of its relative scarcity 
until recently, and because of the strong tendency of its 
compounds to hydrolyse and form polymeric colloid particles 
which are adsorbed on reaction vessels, protactinium chemis- 
try is comparatively less well known. 

The oxide system is complex and compounds range in 
composition from PaO, to Pa;O;. The pentoxide is obtained 
on igniting protactinium compounds in air and is a white 
solid with weakly acidic properties, being attacked by fused 
alkali. On reduction with hydrogen at 1500 °C, the black 
dioxide PaO, is formed. 

Among the halides, two fluorides are known. The penta- 
fluoride PaF; results from the reaction of bromine trifluoride 
on the pentoxide. It is a very reactive and volatile compound. 
The complex anion, PaF2^, is known and was used in the 
classical isolation of the element. In this ion, the protactinium 
is nine-coordinate with Pa linked by two fluorine bridges 
to a neighbour on either side, giving a chain structure. The 
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structure of the PaF, units is the same as that of the КеН2- 
ion shown in Figure 15.21. In the complex Na;PaF, the 
PaF3~ ion is a slightly distorted cube and the sodium ions 
are also eight-coordinated. The Ма МЕ, compounds of 
uranium(V) and neptunium(V) are isostructural. The 
second fluoride, PaF,. is a red, high-melting solid which 
results from the reaction of hydrogen and hydrogen fluoride 
on the oxide. The oxyfluoride, PaO;F, and complexes 
MPaF; and M,PaF, are known. 

In recent studies, all the Ра!“ and Pa" chlorides, bromides 
and iodides of the types PaX4, PaXs, PaOX,, PaOX, and 
PaO;X have been prepared, together with the complexes 
М,РаХ, and MPaX,. PaCl, and PaF, are polymeric 
structures with pentagonal bipyramidal coordination, like 
В-ОЕ;. PaBrs consists of dimeric units with two bridging 
bromines giving six-coordinate Pa, while PaBrg is an in- 
finite polymer with all the bromine atoms bridging pairs of 
Pa atoms giving PaBrg coordination. Pal, exists in the solid 
state. More complex oxyhalides of Pa(V) include Pa;OX, 
(X =F, Cl) and Pa4O;F. 

The solution chemistry is obscure because of the formation 
of colloids, but anionic complexes like (PaOClg)?^ have 
been claimed. Lower oxidation states may be obtained in 
solution by reduction with zinc amalgam. The tetravalent 
state is stable in absence of air but evidence for the III state is 
slight and based on polarographic results. The absorption 
spectrum of PaCl, in water shows three maxima and is 
similar to that of Ce?*, providing some evidence for the 
presence of a single f electron in Pa (IV). 


12.5 Uranium 

Uranium is the longest-known of the actinide elements, 
having been discovered in 1789, but it attracted little interest 
until the discovery of uranium fission in 1939. It is now of 
importance as a fuel, and its chemistry has been very 
fully explored in the course of the atomic energy investiga- 
tions. 

Natural uranium contains two main isotopes, 2280 99-3 
per cent and ??5U 0:7 per cent, and also traces of a third, 
2330. The vital isotope from the nuclear energy point of 
view is 2250 because this reacts with a neutron, not by build- 
ing up heavier elements as in the examples discussed in 
section 12.1, but by fission to form lighter nuclei. This 
fission process releases considerable energy and more neu- 
trons, which, in turn, fission uranium-235 nuclei and allow 
the building-up of a chain of fissions. The energy of such 
nuclear processes is about a million times the energy released 
in chemical reactions, such as the burning of a fuel or the 
detonation of a high explosive. This is the reason for the 
value of atomic fission as an energy source, and for the horror 
of fission as a source of explosive energy in a weapon. A 
typical fission process is: 


333U jn = 32Кг+ ie? Ba + 3n + about 8 x 10? kJ mol~! 


The nuclei formed in fission fall into two main groups, a 
lighter set with masses from about 70 to 110 and a heavier one 
with masses from 125 to 160. Splitting into approximately 


equal nuclei is about a thousand times rarer than splitting to 
an unequal pair such as that shown in the equation. The 
neutrons evolved in the fission are either used in other 
fissions, absorbed by non-fissionable nuclei such as uranium 
238, or escape through the surface of the uranium mass. The 
essence of running an atomic pile is to ensure that onc 
neutron per fission is available to cause another fission. More 
than one leads to a rapidly increasing chain reaction and 
explosion, while less than one means that the process dies out. 
The absorption of neutrons by uranium 238 leads to the 
formation of heavier elements, of which the most important 
is plutonium which is itself a nuclear fuel. In appropriate 
conditions, more plutonium can be produced from the 
uranium 238 than the amount of uranium 235 consumed, 
and such an arrangement ‘breeds’ nuclear fuel in the ‘breeder 
reactor’. 

The major problem of using nuclear power arises from the 
fission products, arising like '*°Ba above. These are neutron- 
rich isotopes which are themselves radioactive. The witches’ 
brew which results is highly radioactive and contains isotopes 
with a wide range of chemical and radiochemical properties. 
At present, the fuel rods are allowed to stand in a strongly 
shielded store for a period to allow the short-lived component 
of the radioactivity to disappear. Then they are treated — all 
by remote control—to recover unchanged uranium, pluto- 
nium and other useful elements. Increasingly, uses are being 
found for some components, see the discussion of technetium 
(section 15.5) for example. No method which is acceptable to 
general public opinion has yet been formulated to deal with 
the remaining mixture of unwanted radioactive material. 
Most of the spent fuel residues from current commercial 
power production remain in temporary storage awaiting a 
long-term solution to the storage problem. It is quite feasible 
to safely store the mixture until the short-lived isotopes have 
decayed to negligible proportions. Twenty half-lives 
reduce the amount of isotope by a factor of about one million, 
so storage for a few years deals with everything with half-lives 
of the order of days, or less. Likewise isotopes with extremely 
long half-lives have very low activities and thus do not create 
a major problem. The great difficulties arise from isotopes of 
intermediate half-lives, especially those of elements which are 
readily taken up by living organisms. Most current work is 
directed towards immobilizing such residues in glasses or 
concrete, with a view to permanent storage deep under- 
ground in a geologically stable formation. This has often 
seemed a good idea —until a proposal arises to locate such a 
store near a particular community! There are general fears 
that radioactive material will eventually leach out and get 
into the environment. There are also justifiable doubts 
whether such stores could possibly be maintained in isolation 
for the thousands of years required. It may be that the 
solution will come from quite different directions—either an 
alternative source of power (possibly fusion power) which will 
remove the need for atomic reactors, or a radically different 
method of dealing with radioactive materials, It may be 


possible to convert the difficult isotopes by further irradiation, 
for example. 


In its chemistry, uranium resembles the three succeeding 
lc ments, neptunium, plutonium, and americium, in having 
four main oxidation states, III, IV, V, and VI. The most stable 
state drops from VI for uranium through V for neptunium, 
ГУ for plutonium, to ПІ for americium. This is illustrated by 
oxides and halides found for these elements, shown in 
е 12.3, and also by the free energy diagrams for the 
hanges in oxidation state in acid solution, Figure 12.1. In 
solution, the VI state is present as the uranyl ion, UO2*, 
| the V state also occurs as an oxycation, UO}. The IV and 
tates are present as simple cations, U** and U?*. Since 
hange from U?* to U**, and that from UO; to UO2* 
ind the reverse changes) involve only transfer of an electron, 
these two pairs of redox reactions occur rapidly. On the other 
hand, oxidations such as U** to UO$* involve oxygen 
transfer as well and are slow and often irreversible. In 
olution, the Ш, IV, and VI states all exist, but UO} has 
ny a transitory existence. However, іп a non-oxide 
medium, such as anhydrous hydrogen fluoride or a chloride 
melt, uranium(V), although still unstable, is well repre- 
sented. 
Uranium metal, produced by reduction of the tetra- 
fluoride with calcium or magnesium: 


UF,+2Ca = U+2CaF, 


s reactive and combines directly with most elements. It 
dissolves in acids but not in alkalis. Direct reaction with 
hydrogen at about 250 °C gives the hydride, UH3, usually in 
a form with a small deficiency of hydrogen. This is a very 
reactive compound which is a useful starting material for the 
preparation of uranium compounds of the III and IV states. 
The normal product is the IV compound, for example: 


UH;+H,Y = UY, (Y = О, S at about 400 °C) 
UH,+HF = UF, 
but UH,;+HCl = UCI; (Cl, gives ИС) 


The uranium-oxygen system is very complex as the 
oxidation states are of comparable stability and non- 
stoichiometric phases are common. The main uranium ore, 
pitchblende, is an oxide approximating to UO; in composi- 
tion. The other stoichiometric oxides аге U Os, which is the 
ultimate product of ignition, and UO; which is obtained 
by the decomposition of uranyl nitrate, UO,(NO3)2, at 
about 350 °С. The trioxide can be reduced to the dioxide by 
the action of carbon monoxide at 350 °C, and it goes to 
U4O, on heating to 700 °С. All three oxides dissolve in 
nitric acid togive uranyl, UO? * , salts. Morerecent studies have 
established U,O, and U4O, as definite compounds. 

The known halides of uranium are listed in Table 12.3 and 
the interconversions of the fluorides and chlorides are shown 
in Figures 12.3 and 12.4, respectively. The hexahalides are 
octahedral. UF, is volatile, sublimes at 56 °C, and has been 
used in the separation of uranium isotopes by gaseous 
diffusion. The compound is a powerful fluorinating agent 
and is rapidly hydrolysed. Two complex fluorideions, UF; and 
ОЕ2-, contain uranium(VI). Uranium pentafluoride and 
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FIGURE 12.3 Reactions and interconversions of uranium fluorides 
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FIGURE 12.4 Reactions and interconversions of uranium chlorides 


pentachloride both readily disproportionate to give the 
hexahalide and the tetrahalide. Uranium(V) also occurs in 
fluoride complexes, СЕЎ and UF . The latter is formed in HF 
solution, and may be the reason for the relative stability ofthe V 
statein this medium. ОСІ, and UBrg have also been prepared. 
The pentahalides all have polymeric structures. The pen- 
tafluoride has two forms. In a-UFs, an octahedron of 
fluorines around the uranium is completed by the sharing of 
fluorine atoms and the formation of long chains of linked 
octahedra. In the B-form of UF, the uranium atom is seven- 
coordinated with three fluorines attached to only one uranium 
and the other four shared with four different uraniums in a 
polymeric structure. In U,Fo, all the uranium atoms have nine 
fluorines at equal distances and this (black) compound 
probably contains crystallographically equivalent uranium 
(IV) and uranium (V) atoms. ОСІ, is a dimer of two ОСЬ 
octahedra sharing an edge, with 2Cl bridges. This is the 
simplest form: polymeric forms also occur. 

The most stable halides of uranium are the tetrahalides, to 
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which the higher halides are readily reduced and the trihalides 
oxidized. The tetrachloride has a distorted eight-coordinated 
structure. ОСІ, (like many other lanthanide and actinide 
trihalides), crystallizes with nine-coordinated U?* ions, in a 
structure where the U atom has three chloride ions coplanar 
with it, three above this plane, and three below. UI,, and the 
tribromides and triiodides of Np, Pu, and Am, have an eight 
coordinated layer lattice. All the halides form U'YX2^. The 
uranium III ion, ОСІ, is also known, though this is very 
readily oxidized. 

Oxyhalides of uranium(VI), UO,X, and UOF, are also 
known. These are made from the oxides or halides by partial 
substitution: 


vo, +2HF 9 € po, r, +H,0 


Added to these are the more complex oxyfluoride phases, 
U50,F,, U;O;F, and U4O;F,. Oxyhalides of uranium (V) 
are UO;X (X = Е, Cl, Br), ООХ, (X = Cl, Br) and for 
uranium (IV), UOX, (X = F, Cl, Br). 

In solution, hydrolysis occurs for all oxidation states, being 
least for the III state. Uranium(III) and (IV) exist as ions in 
strong acid, and uranium(IV) hydrolyses in more dilute 
solution in a similar manner to Th**. The U** ion also gives 
insoluble precipitates with similar reagents—F ^, РОЗ”, etc. 
—as does Th**. Uranium(V) has a strong tendency to dis- 
proportionate to U** and UOZ*. It is most stable in fairly 
acid solution at a pH of about 3. Uranium(VI) also hydrolyses 
in solution, this time giving double hydroxy bridges so that 
polymers of the туре... UO,(OH),UO,(OH), .. . are 
formed. Uranium(VI), as uranyl, forms the only common 
uranium salts, and the most usual starting material is uranyl 
nitrate, ОО, (М№Оз),.лН,О, (n = 2,3, or 6). This is soluble 
in water and in a variety of organic solvents. 

The stereochemistry of uranium, and of the other actinides, 
shows a tendency to high coordination numbers, as illus- 
trated by the halide structures above. 

In U(BH4), 14-coordination of uranium occurs. The 
structure contains two of the four BH, groups bonded through 
three hydrogens to one U atom while the other two bridge two 
U atoms, sharing two hydrogens with each: 
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Thus the total structure is cis (НВН;):О(Н,ВН,) with 14 
U-H-B links. Borohydrides also form with U(III). In 
U(BH;),.3THF, the BH, groups bonded through three 
bridging hydrogens, together with the three THF groups, 
make up 12-coordination around U. 

A tendency to eight-coordination for M** actinideionsseems 
to be general. For example, uranium and thorium form an 
acetylacetonate, M(C,H;O;)4, which has the eight-coordinat- 
ing oxygen atoms at the corners of a square antiprism, as shown 
in Figure 12.5. ((The square antiprism is most readily visualized 
as a cube with the top face twisted 45° relative to the bottom 


FIGURE 12.5 The structure of uranium (or thorium) acetylacetonate, 
U(acac)4 

The uranium (or thorium) atom is coordinated to eight oxygen 
atoms which are arranged in a square antiprism around it. 


one.) Another interesting 8-coordinate species is M(NCS)S . 
When thecationisCs* , theanionstructureisasquareantiprism 
(М = U, Pu). Whena bulkier cation, in (NEty)4M(NCS)g, is 
used, the anion structure becomesa cube (M = Th, Pa, U, Np 
and Pu). (NEt)M(NCSe)s (M = Pa, U) also contains а 
cubic anion. 

Inuranylcompounds, the UO, groupis linear and complexes 
exist in which four, five, orsix donor atoms lie coplanar with the 
uranium atom, giving six-, seven- or eight-coordination overall. 
Anexampleisshownin Figure 12.6, where one form ofhydrated 
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FIGURE 12.6 The structure of uranyl nitrate hydrate, ЧО, (МО). 29,0 
The UO, group is linear and two water molecules and the two 


nitrate groups are coordinated in the central plane to the uranium. 


As the nitrate groups here are bidentate, the uranium has a co- 
ordination number of eight. 


(9) 


uranyl nitrate has two water molecules and the two nitrate 

groups coordinated to uranium through both oxygens, all in the 

central plane, to give the eight-coordinated structure shown. 
For a discussion of M(C&Hg); species, see section 16.3. 


12.6 Neptunium, plutonium, and americium 
The three elements, neptunium, plutonium, and americium, 
which follow uranium, also show the four oxidation states, 


ПІ, IV, V, and VI. In addition, strong oxidation in alkaline 
solution by reagents like ozone, XeO,, or periodate, pro- 
duces plutonium and neptunium in the VII state. Attempts 
to prepare plutonium(VIII) have so far been unsuccessful. 
The VII states exist in strong alkaline solution and have been 
isolated as Lis MO, (M = Np, Pu). On acidification, reduc- 
tion to the VI state occurs rapidly. The redox potential of 
the Np(VII)/Np(VI) couple at pH = 14 has been put at 
0-61 volt at 25 °С. 

The III, IV, V, and VI states are present in solution as the 
M?*, M**, MO}, and MOZ* ions, as in the case of uran- 
ium, and they have a similar tendency to hydrolysis. How- 
ever, the relative stability of the four states varies among the 
clements. The VI state becomes increasingly unstable and 
oxidizing from uranium to americium, and AmO3* solutions 
are as strongly oxidizing as permanganate. The V state in 
solution, as. MO}, is the most stable state for neptunium, 
while PuOZ and AmO}, while less stable than NpO}, are 
more stable than UO}. Thus, UO} disproportionates in 
aqueous solution to uranium(VI) and uranium(IV) (see 
Figure 12.1) while NpO} is stable. In the compound, 
Cs; (NpO5) (NpO3)Cl, 2, the balanceofchargesshows that the 
Np(V) and Np(VI) oxycations coexist. When hydrofluoric 
acid is used instead of water as solvent, the relative stabilities of 
the V states of U and Np reverse and CsUF, dissolves 
unchanged while CsNpFg disproportionates to give NpF4 
+ NpF,. This example is a useful reminder that stabilities 
differ markedly in different media, and our generalizations 
apply only tostabilitiesin aqueoussolutionsinair. The IV state 
is the most stable one for plutonium, while americium 
resembles the following elements in being most stable in the ПІ 
state. 

This behaviour in solution is shown by the free energy 
diagrams, Figure 12.1, and is paralleled in the solid 
state, as Table 12.3 shows. The plutonium tetrahalides do not 
parallel the stability of plutonium(IV) in solution, with no 
bromide or iodide, and PuCl, existing only in a Cl, 
atmosphere. Thus the stability in solution probably reflects 
the high solvation energy of the Pu** ion. Similarly, although 
neptunium(V) is the most stable state in solution, the 
synthesis of NpF,; caused great difficulty. It was finally 
achieved by using very reactive KrF, (compare sec- 
tion 17.9.5) to react with NpF4 in anhydrous HF. Thus the 
general stability of Np(V) must depend on the formation of 
NpOj. 

As found for the transition elements (compare Chapters 14 
and 15), oxyhalides are often found for oxidation states where 
the simple halides are missing, perhaps because of the 
lower coordination demand. We find in the VI state, МО,Е; 
for M = Np, Pu, Am and MOF, for M = Npand Pu: in the V 
state, NpO,F occurs as well as MOF; for Np and probably Pu. 
Plutonium also forms PuOF. 

The first preparations of all the hexafluorides were by direct 
reaction between metal and F ;. Later, it was found that ОЕ; 
will react with any plutonium oxide, oxyfluoride, or lower 
fluoride to form РиЕ, at room temperature. As the hexaflu- 
oride is volatile, this offers a useful means for recovering Puand 
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TABLE 12.3 Halides and oxides of uranium, neptunium, 
plutonium and americium 


Uranium UF, ОР, U,F, UF, UF; 
О.Е, 
ос UCI, UCI, ОСІ; 
UBr, UBr, 
UL Ul, 
UO, UO U,0; UO, UO; 
Neptunium NpF, NpF, NpF, NpF; 


NpCl, NpCl, 
NpBr, NpBr, 

Npl; 
Np3O; №р,О; 

Plutonium  PuFg РЕ, PuF, Puf, 
(PuCl,) PuCl, 

РиВг; 
Pul; 
Pu,03 
AmF, AmF, 
AmCl, 
AmBr; 

Aml, 
AmO, Am;O; 


Americium 


for decontamination from plutonium residues. 

As elements, Np, Pu, and Am closely resemble uranium. 
They are reactive metals which combine with most elements. 
All three form hydrides, but these resemble the lanthanide 
hydrides rather than uranium hydride. Stoichiometric hy- 
drides, МН», are formed and also non-stoichiometric systems 
up to a composition, MH;.;. The properties of the metals 
showincreasing similarities to those of the lanthanide elements, 
the similarity is greatest for americium. Americium is the 
analogue ofeuropium and americium (II) does exist, at least in 
a halide melt and as AmO. 

By heating an s element peroxide with NpO or PuO in a 
stream ofoxygen, a number of compounds containing Np(VII) 
or Pu(VII) have been obtained including 11; МО,, МІМО,, 
and Ваз(№рО;); (M = Np or Pu: М! = К, Rb, Cs). On 
heating, these compounds lose oxygen and revert to M(VI) 
ternary oxides. The compounds are isostructural with their 
heptavalent iodine or rhenium analogues. 

These three elements provide the most striking evidence, 
in their chemical properties, that the heaviest elements are, 
in fact, filling an f shell and are not a fourth d series. While 
thorium and uranium show similarities to hafnium and 
tungsten, neptunium and plutonium are clearly not the 
analogues of rhenium and osmium. Neptunium(VII) is 
strongly oxidizing while rhenium(VII) is stable and there is 
no indication as yet of an VIII state for plutonium analogous 
to osmium(VIII). Even the VI state of these two elements is 
relatively unstable and americium, with its stable III state, 
conforms to the expected pattern and links up with the 
chemistry of the succeeding elements. 
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12.7 The heavier actinide elements 

Although the first characterization was by tracer methods, 
the next four actinides are now available in sufficient quantity 
for their macroscopic chemistry to be studied. Curium is 
available in gram quantities, berkelium and californium in 
tens of milligrams, and einsteinium in tenths of a milligram. 
The oxygen and halogen compounds of these four elements 
are listed in Table 12.4. 


TABLE 12.4 Oxygen and halogen compounds of the 
heavier actinides 


Curium CmF, CmX, (X =F, Cl, Br, I) 
LiCmF, 
Na ,Cm¢F3, 
CmO, Cm,0; 
Cm(OH), 


CmOX (X =F, Cl, Br, I) 


Berkelium — BkF, ВКХ; (X = Е, СІ, Br, I) 


[ВкЕ,)2- 
Na-Bk6F3: 
[BkCl,]?~ Cs,NaBkCl, 
ВКО, Bk,O, 
Bk(OH), 
BkOX (X = CI, Br, I) 
Californium  CfF, СГХ; (X =F, Cl, Вг, I)  [CfBr;] 
Na,CfF3, сп, 
CfO; CRO, 
[stable only COH); 
under high CfOX (X =F, CI, Br, I) 


O; pressure] 
Einsteinium | EsF4(?) EsX, (X =F, Cl, Br, I) EsX, 
Es,03 (X=Cl, Br, I) 
EsOX (X = CI, Br, I) 


The III state, the most stable for americium, is also the 
most stable state for these four actinides. Magnetic measure- 
ments have confirmed the f" configuration in curium (III) 
compounds. Curium (IV) does not exist in solution and, for 
example, attempts to oxidize Cm?* with Na4XeO, (which 
produces Pu(VII)) were unsuccessful. Thus curium, the f7 
actinide, shows a resemblance to gadolinium, the f’ lanth- 
anide, in its solution behaviour. Curium (IV) is found in the 
solid state in the compounds listed in Table 12.4, while a 
good range of curium (ПІ) solid species are reported. For the 
next element, berkelium, the IV state, although strongly 
oxidizing, is rather more stable and is found in solution and in 
the solid state. In solution, green berkelium (III) species may 
be oxidized by bromate to yellow or orange berkelium (IV) 
compounds whose oxidizing power is similar to that of cerium 
(IV). Californium (IV) is relatively unstable and the com- 
pounds listed in Table 12.4 have been prepared only as solids. 

Both Bk(III) and Cf(III) are well established in solution 
and in solid compounds. Einsteinium does not form the IV 
state, the (III) state is stable, and the (II) state is well- 
established in the dihalides. Cf(II) compounds also exist but 
are less stable. These II states are strongly reducing (compare 
the potentials in Table 12.5). 


TABLE 12.5 Standard redox potentials for the later actinides 


(V) 
Es Fm Md No Lr 
M3*+e=M**  —155 —12 —02 +14 
M?* +2e=M —2:20 —24 -24 —24 
M3* +3e=M —-198 —20 —17 -11 -—2?4 


As for the earlier actinides, coordination numbers abo. « six 
are found. For example, the [M,F3,]’~ species have a 
complex structure of linked antiprisms. 

249Bk, while the half-life is only 325 days, is now readily 
available from spent fuels, allowing a more complete stu 
berkelium chemistry. It forms BKE (E = N, P, As, Sb), BE, 
(Е = 5, Se as well as О), both the cubic hydride BkH, , , and 
the hexagonal BkHs, and also the organometallic compounds 
BkCp; and [BkCp,Cl],. In all this chemistry, there is а close 
parallel with the behaviour of terbium, the corresponding 
lanthanide. 

The remaining four actinide elements have only been 
available in much smaller amounts and have been studied by 
carrier methods. In this way the behaviour of these elements 
has been elucidated by finding which one of a mixture of 
metal ions is accompanied by their characteristic radiation 
in the course of a chemical reaction. For example, Md 
accompanies Eu but not La when solutions of the М? * ions 
are reacted with sodium amalgam and extracted. As this 
reaction forms Eu?* but leaves La3* unreduced, the form- 
ation of Md?* is indicated. The scale of the experiments 
decreases very rapidly across these four elements. By the mid- 
eighties, it was possible to work on fermium with about |()!! 
atoms per experiment, for mendelevium using 10° atoms, for 
nobelium 10? and for lawrencium only about 10 atoms. 
Lawrencium chemistry, in particular, is so far based on only a 
handful of experiments each involving the detection (by their 
characteristic disintegrations) of a few atoms. 

For Fm and Md, the (III) states are stable in solution 
and in solids, with a range of fermium solution chemistry 
already well explored. There is also a well-attested, strongly 
reducing Fm(II) state. The reduction potential ranges 
from about —16У to —1-1V depending on the 
medium. This Fm(II) state is more stable than Es(II) and this 
trend continues to Md(II) and No(II). Mendelevium(II) is 
mildly reducing while nobelium(II) is the stable state and 
No(HI) is strongly oxidizing. Potentials are judged by 
reaction with known oxidizing and reducing agents, and also 
by polarography. The current best estimates are shown in 
Table 12.5. While the stability of No(II) could mark the 
completion of the f shell with 14 electrons in No? + these П 
states in the later actinides are markedly more stable than is 
found for the lanthanides. Thus the actinides differ from the 
lanthanides both in the range of higher oxidation states found 
at the beginning ofthe series and in the stability oflower states 


at the end. Evidence for Md * has been reported, but is subject 
to dispute. 


Lawrencium behaves as expected for the /1441;? configu- 
ration by forming only Lr(IIT) — 7409; — and resisting oxid- 
ation or reduction. New lawrencium isotopes 260, 261, and 
262, formed by bombarding ?5*Es with neon ions, have half- 
lives up to 400 times longer than ?595Lr and ?57Lr which were 
the first ones prepared. This should allow Lr chemistry to be 
more fully established— particularly the intriguing possi- 
bility that the electron configuration is 5f*7s?7p! rather 
than 5/f'*6d'7s? because of relativistic effects (see 
section 16.1). 

Recent work, particularly on the heavier elements, has thus 
filled in the picture of the actinide elements as a whole. The 
total view indicates that, while there are useful analogies with 
the chemistry of the lanthanides and of the 5d series transition 
metals, the chemistry of the actinides presents an individual 
pattern reflecting the relatively small difference between the 
5/ and 6d energies for all these elements. 

Post-actinide elements are covered in section 16.1. 


PROBLEMS 


12.1 Reconsider question 8.5 


12.2 Review the structures of compounds of the actinides 
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where the coordination number is more than 6. 


123 It used to be thought that the elements from actinium 
onwards formed the heaviest transition series. How far does 
the chemical evidence support this view 


(a) in matching Th and U with Hf and W, or 
(b) for the elements Th to Pu matching Hf to Os? 


124 The other expected relationship is between lanthanides 
and actinides —which obviously fails for the early elements. 
Discuss critically the parallels between Am to Lr and Eu to 
Lu including both chemical properties and numerical 
parameters. 


12.5 Asan alternative to 12.3 and 12.4, discuss the extent to 
which the chemistry of the elements actinium to lawrencium 
is unique in the Periodic Table. How far are parallels with the 
transition elements and lanthanide elements justified ? 


12.6 Give an account of the halides, oxyhalides and oxides of 
all elements in the Periodic Table with oxidation states of VI 
and above. 


127 Outline the main oxidation states expected for elements 
104 and 105, Unq and Unp. Speculate on the chemistry that 
might be found for element 126. 


15 The Transition Metals: General 


Properties and Complexes 


13.1 Introduction to the transition elements 

The elements of the transition block are those with d electrons 
and incompletely filled d orbitals. The zinc Group, with a 
filled d*° configuration in all its compounds, is transitional 
between the d block and the р elements and is discussed later. 

The Groups of the d block contain only three elements and 
correspond to the filling of the 3d, 4d and 54 shells respec- 
tively. In between the 44 and 54 levels is interposed the first 
level, the 4fshell, which fills after lanthanum. It has already 
been seen (Chapter 11) that the occupation of this level is 
accompanied by a gradual decrease in atomic and ionic 
radius from La to Lu and the total lanthanide contraction is 
approximately equal to the normal increase in size between 
one Period and the next. The result is that in the transition 
Groups there is the normal increase of about 20 pm in radius 
between the first and second members (filling the 3d and 4d 
shells), but the expected increase between the second and 
third members is just balanced by the lanthanide contraction 
so that these two elements are almost identical in size. This 
effect is illustrated by the radii given in Table 13.1, where the 
normal increases in the alkaline earths and in the scandium 
Group contrast sharply with the figures for the succeeding 
Groups. 

As the pair of heavy elements have almost identical radii, 
and therefore very similar characteristics in other ways (e.g. 
ionization potentials, solvation energies, redox potentials, 
lattice energies), their chemistry is very similar. Thus each 
transition Group typically divides into two parts—the 
lightest element with its individual chemistry, and the pair 
of heavy elements with almost identical chemistries, The 
three elements within each Group have a number of pro- 
perties in common, of course. They show the same range of 
oxidation states in general, though not beyond the mangan- 
ese Group, but these differ in relative stabilities. All the d and 

s electrons are involved in the chemistry of the earlier ele- 
ments, so that the Group oxidation state is the maximum 
state shown. Once the 4° configuration is exceeded, there is 
less tendency for all the d electrons to react, and the Group 
oxidation state is not shown by iron (though Os(VIII) and 
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Ru(VIII) exist), nor by any elements of the cobalt, nickel, or 
copper Groups. Since, in the Group oxidation state, all the 
valency electrons are involved and since the properties of the 
elements then depend on valency and size only, there are 
similarities between the properties of Main Groups and 
Transition Groups of the same Group oxidation state. 
Thus sulphates and chromates, both MOŻ”, аге iso- 
structural, while molybdenum and tungsten show higher 
coordination numbers with oxygen (especially six), just as 
does tellurium. The principal differences between the first 
and the heavier elements in a transition Group are those of 
size, and stability of oxidation states. The larger elements 
commonly show higher coordination numbers, and the 
higher oxidation states are more stable for the heaviest 
elements. Thus, chromium(VI) is strongly oxidizing while 
molybdenum and tungsten are stable in the VI state. 

The effects of the lanthanide contraction die out towards 
the right of the d block. In the titanium and vanadium 
Groups, which immediately follow the lanthanides, the 
heavier elements are practically identical and their separa- 
tion is more difficult than the separation of a pair of lan- 
thanides. The next two Groups show clear differences be- 
tween the two last elements, though these are still slight. In 
the platinum metals, the differences are increasing until, in 
the copper Group, there are few points of resemblance 
between silver and gold. Finally, in the zinc Group, the 
pattern approaches that in a p Group and zinc and cadmium 
resemble each other with mercury as the singular member. 

Table 13.2 summarizes this discussion in terms of the 
oxidation states shown by the d elements, and the stabilities 
of these. The general behaviour is also illustrated by Tables 
13.3 to 13.5 which give the oxides, fluorides, and other 
halides of the transition elements. A stable state will show all 
these compounds while a strongly oxidizing state will be 
more likely to have a fluoride than an iodide; similarly, a 
reducing state will be more likely to show a heavier halide 
than a fluoride. 

This division between the lighter transition elements and 
the two heavier Periods is quite marked and is reinforced in 


THE TRANSITION METALS: GENERAL PROPERTIES AND COMPLEXES 185 


TABLE 13.1 Radii showing the effect of the lanthanide contraction (Pauling) 


M?*, pm M?*, pm M** (calc), pm atomic radii, pm 
Са = 99 Sc= 70 Ті = 68 Ті = 132 У = 122 Cr = 117 
Sr = 113 Y= 90 Zr = 74 Zr = 145 Nb = 134 Mo = 129 
Ba = 135 La = 106 Hf = 75 Hf = 144 Ta = 134 W = 130 
rABLE 13.2 Oxidation states of the transition elements 
Ti V Cr Mn Fe Co Ni Cu 
GroupO.S. IV V VI (ox) VII (ox) а 
III (red) IV (V) (d) (УІ) (d) 4! 
(II) (red) III (red) (ІУ) (d) (У) (9) (VI) (ox) 4? 
(II) (red) Ш IV (ox) (V) (ox) d? 
(0) (I) II (red) (III) (ox) (IV) (ox) d* 
(=) (0) (I) II ш (IV) (ox) d5 
(-D) , 0 T) П II (IV) (ox) ds 
(-I) 0 Hi (III) (ox) 4? 
(= П) (= 0 (I) II (III) (ox) 4% 
0 т) п vu? 
0 "TJ d!? 
Zr Nb Mo Tc Ru Rh Pd Ag 
GroupO.S. IV V VI VII VIII (ox) а 
(III) (red) (IV) (d) V VI (d) (VII) (d) d! 
(II) (red) ПІ (red) IV (V) (d) VI 4? 
(П) (red) Ш IV (V) (VI) (ox) d? 
(II) (III) IV d* 
? ш IV 45 
0 I] I IV d* 
0 II d? 
0 (1) п (III) (ox) 4% 
0 (1?) II (ox) d? 
I 4\0 
Hf Ta Ww Re Os Ir Pt Au 
GroupO.S. IV V VI VII VIII (ox) d? 
(Ш) (red) (IV) (d) V VI (VII) а 
(II) (red) ПІ (red) IV (V) VI d? 
(II) (HI) IV (V) (VI) (ox) P 
(1) ш IV (V) (ox) (VI) (ox) d* 
(П) (Ш) IV (V) (ox) d* 
0 (I) (П) Ill IV V (ox) 4° 
0 (1) (II) ms d? 
0 (1) I I d? 
0 (1) p d? 
(-) 0 I 419 


Notes: ox = oxidizing, red = reducing, unstable states bracketed, d = disproportionates, most stable state(s) for any given 
element underlined. State 0 usually in carbonyls and related complexes: the element itself is not counted as a 0 state here. 
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TABLE 13.3 Transition element oxides 


Oxidation state 
Other 
+1 III +1V TV +VI +VII T VIII compounds 
TiO Ti;O, TiO; 
ZrO, 
но, 
УО V,03 VO; V20; 
NbO; Nb;O; 
(TaO;?) Та,О; 
CrO Сг,Оз CrO; CrO, 
MoO; Mo,0; MoO, 
WO; (W205?) WO; 
MnO Mn,0, MnO, Mn;0; Mn30, 
TcO, TcO; Tc,0, Also Tc;S4 
Ке,О;* ReO; (Ке,О;) ReO; Re;O; Re,S, 
FeO Fe;O; Fe4O, 
Ru;O,* RuO; (RuO;)* RuO, 
OsO; (OsO3)* OsO,; 
CoO (Со;О;)* (CoO;)* Co40, 
RhO Rh;O; RhO; 
Ir;O; о, (IrO3) 
NiO (Ni,O3)* (NiO;)* 
PdO (PdO;)* 
(PtO)* (Pt,O3)* PtO; (PtO3)* РО, 
CuO 
Cu;O 
AgO (Ag203?) Ag; O 
Au;O yu 
273 Au;O 


Most stable compounds underlined. 
* Hydrous oxides of these states are reported. 
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TABLE 13.4 Transition element fluorides 


Oxidation state 
Notes and other 
+11 t HI IV +V *VI +VII compounds 
TiF, TiF, 
(ZrF3) ZrF, 
HEF, 
VF, VF; VF, УЕ; 
МЕ; (NbF,) NbF; Nb6F; s 
ТаЕ; 
CrF; CrF; CrF, СгЕ; (СгЕ,) (CrF) 
MoF; MoF, MoF; МоЕ, 
WF, WF.d) МЕ, 
MnF, MnF; MnF, 
ТсЕ; ТСЕ, 
ReF, КеЕ; ReF, ReF, 
FeF, FeF, 
RuF; RuF, RuF; RuF, 
OsF, OsF 5 ОѕЕ, (OsF;) Note No OsFg 
СоЕ, CoF; 
RhF, RhF, (RhF;) RhF, 
ГЕ; ГЕ, (IrF 5) ПЕ, 
МЕ, 
PdF, [РаЕ,] PdF, PdF, = Pd?*(PdF,)?- 
РЕ, РЕ; Р‹Е, 
CuF; 
AgF; Ag;F, AgF 
AuF3. (AuF 5) 


Most stable compounds underlined. d = disproportionates. ( ) = compound well established but unstable at room 
temperature. 


Structures: MF; rutile or distorted rutile 
МЕ; ReQ,, i.e. octahedra linked through all corners; M = Au linked planar AuF, units with longer bonds to next layers completing a distorted 


octahedron 
MF, octahedra sharing edges; M = Zr, square antiprisms linked through all F 
MF, octahedra sharing corners; chains or closed rings 
MF, octahedron 
MF; pentagonal bipyramid 
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TABLE 13.5 Transition element halides* 


Oxidation state 
tI +III +1V +V +VI Notes 
TiX, TiX, TiX, 
(ZrX;) ZrX, ZrX, ZrCl - 
HfCl;, Вг, HfCl,, Br, НҰХ; also НЕСІ? 
УХ, УХ; УСІ, Br, VBr, very unstable 
(NbBr;) NbX,; NbX, NbX; NbgX;,,4, Төх, : 
TaCl, TaCl;, Br; TaX, Тах; all = (MeX,5)** (Хт), (а) 
Nb3Brg, МЬ;1,, Nb,I,, 
CrX, CrX, 
MoX; мох; Мох; Мос; MoX, and.WX, 
WX, WX; WX, WCl,, Br; WCI,, Bre = (M6Xs)** Xz 
MnX, 
TcCly (TeCl) ? 
(ReX;) ReX, ReX, ReCl,, Вг; (ReCl,) ? ReCl;, ReCl, are trimers 
ReX, in complexes only 
FeX, FeCl, Br, 
RuX, RuCl, 
OsX4 OsCl, OsX3.5 
Сох, 
RhX, 
(IrCl,)? IX; (IrCl4) 
NiX, Platinum trihalides 
Рах, may be mixtures of 
PtX, Р:Х;? PtX, Pt(II) + Pc(IV). 
PtCl, structure consists 
of Pt&Cl, units 
CuCl,, Br; Also CuX 
AgX 
AuCl,, Br, AuCl, I 


Most stable compounds underlined. 


* The symbol X is used when the chloride, bromide and iodide all occur. 


(a) All species MgX73 (X 7), forn = 2,3and4occurforM = Nb, X = Cl; M = Ta, X = CI, Br. NbgI,, = 


practice by the relative inaccessibility of most of the heavier 
elements. The latter have therefore been less fully studied, 
especially the less available member of the pair (for example 
Hf, Nb, Tc) In addition, there are strong horizontal 
resemblances, especially among ions of the same charge, and 
horizontal trends in properties, with increasing number of d 
clectrons in a given oxidation state, that make it convenient 
to divide the discussion of the transition block into two 
sections, one on the first row elements (Chapter 14) and one 
(Chapter 15) on the heavier elements of the second and third 
rows. Selected transition metal topics of active current 
interest are reviewed in Chapter 16. 

The pattern of oxidation state stabilities outlined above is 
complex and there are exceptions to most of the generaliza- 
tions which can be made about it. The picture is complicated 
by the use of the term ‘stability’ in a number of different 


(NbsI4)** (I7)3 


senses. In the most general sense, it is used to mean that a 
compound exists in air at around room temperatures: that is, 
that it is thermally stable at room temperature, that it is not 
oxidized by air, and that it is not hydrolysed, oxidized or 
reduced by water vapour. In turn, terms such as thermal 
stability, may cover a number of processes. Thus a higher 
oxide such as MO, might decompose thermally to M +03 
or to MO+40, and the free energy change of each process 
would have to be evaluated before conclusions could be 
drawn about the stability. Similarly, a compound may exist 
for a long time at room temperature, not because it is 
thermodynamically stable with respect to decomposition, 
but because the decomposition process occurred at a 
negligible rate. Thus, whether a compound can be kept 


‘in a bottle’ depends on a wide variety of thermodynamic 
and kinetic factors. 
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Despite these difficulties, some attempts are being made 
to examine, predict, and rationalize stabilities, although 
most treatments to date are either limited in scope or are 
empirical. One example of a general approach which may 
be quoted is that of Sheldon who proposes that the pre- 
ferred oxidation state of a transition element (defined 
as that which, in simple binary compounds such as the 
oxides or halides, is the most stable under normal labora- 
tory conditions) is related to the quantity 7/7/40. Here, 
т is half the interatomic distance and H the heat of atomiza- 
tion of the metal—both well-known quantities. This ex- 
pression leads to the following predictions for the most stable 
oxidation states of the transition elements: 


VI for W, Re, Os, Ir 

V for Nb, Mo, Tc, Ru, Ta 
IV for Ti, V, Zr, Rh, Hf, Pt 
III for Cr, Fe, Co, Ni, Pd, Au 
II for Mn, Cu, Ag. 


If these predictions are compared with Tables 13.2 to 13.5, 
it will be seen that they are surprisingly accurate for such a 
simple formula. The only really poor predictions are those 
for nickel, palladium and silver where the states predicted 
to be stable are non-existent or very unstable. 

À much more fundamental and searching analysis is that, 
discussed in the next Chapter, on the stability of trihalides of 
the first row of transition elements, but this is limited to one 
particular decomposition reaction. Further work on rigorous 
thermodynamic analysis should lead to a greatly increased 
understanding of stabilities and Periodic trends. 


13.2 The transition ion and its environment: ligand field 
theory 


In the discussion of the energy levels of an atom given in the 
earlier chapters, the levels of a given р, d or f set were treated 
as of equal energy. This is true of isolated atoms, or of those 
in an electric field which is spherically symmetrical around 
the atom, but is not true when the atom lies in an unsym- 
metrical field. This may be readily seen by considering an 
atom which is strongly coordinated to two other groups in a 
linear configuration. If these groups lie in the + 2 directions, 
the orbitals which point along the z axis will lie in the field 
of these ligands and be perturbed by them more than 
orbitals lying in other directions. As ligands are regions of 
negative charge (they coordinate through lone electron pairs 
and also have negative charges or the negative end of a 
dipole directed towards the central atom or ion) the z- 
directed orbitals on the central atom will be in a region of 
higher negative field than the non-z orbitals and electrons 
will avoid entering them as far as possible. This means that 
such orbitals as p,, 4,2 and, to a lesser extent, d,, and d,., are 
of higher energy than the remaining ones and the degeneracy 
of the p and d set is split in such a z-directed field in the man- 
ner shown in Figure 13.1. The size of such a splitting will 
depend on the size of the ligand field and this, in turn, 
depends on the distance to the ligand and thus on the 
intensity of the attraction between the central atom and the 


ligand. Such ligand fields occur in all chemical environ- 
ments. Their effects are generally negligible, except for d 
orbitals, either because the fields are small (as in the case of 
f orbitals) or because the orbitals are equally populated as is 
usually the case for p orbitals. Thus our discussion of ligand 
fields is confined to d element chemistry. 

The strength of the ligand field effect is marked in the case 
of the transition elements as their ions are small, and the 
M?* and M?* ions are thus centres of high charge density 
and are strongly coordinated by lone pair donors such as 


йау 


free atom ML; 


FIGURE 13.1 Energy level diagram for a linear field 

The z axis is taken as the direction of the coordinated groups. The 
ligands are regions of high negative charge density, so orbitals on 
the central atom with components in the + 2 direction are less 
stable than those with no such component. Among the d orbitals, 
the d,2 orbital is most strongly destabilized as it has the greatest 
density in the z direction. The atom levels are those of an atom in a 
spherically symmetrical field of the average effect of the ligands. 


water or ammonia. The case of the first row of the transition 
block is particularly interesting as the energy differences 
introduced by ligand field splittings are of the same size as the 
various energy losses involved in electron pairing. The 
effects of the fields of different ligands on ions of differing 
numbers of d electrons, and in different environments, show 
up in the numbers of unpaired d electrons. These are 
readily determined by magnetic measurements. Ligand 
field effects are also seen in a number of other properties 
such as ionic radii, lattice energies, reaction mechanisms, 
and electronic spectra, but it was the magnetic effects which 
first attracted attention and gave rise to the current interest 
in ligand field theory. The application of the theory may be 
examined in more detail in the case of octahedral complexes 
of the first row transition elements. This is the commonest 
coordination number shown by these elements, in solution, 
in solvated or coordinated individual ions, and also in solids 
such as the oxides or fluorides. In later sections, the extension 
of the theory to other coordination numbers and to the 
heavier elements will be discussed. 
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13.3 Ligand field theory and octahedral complexes 

Regular six-coordination is most readily pictured by placing 
the ligands at the plus and minus ends ofthe three coordinate 
axes. In the xy plane, the positions of such ligands relative to 
the d orbitals is shown in Figure 13.22, while the correspond- 
ing diagrams for the xz and yz planes are shown in Figures 
13.2b and c. In the xy plane, the orbital d,, lies between the 


L +y 
d, 2-2 
(a) L ES. M 
xy plane ~* m b. 
dy, 
LI-y 


(b) 


xz plane 


(c) 
22 plane 


LI-z 


FIGURE 13.2 Positions of ligands and d orbitals in an octahedral complex: 
(a) the xy plane, (b) the xz plane, (c) the yz plane 
The d,,, d,,, and d,, orbitals are indicated by shading. 


ligands while d,2_ „2 points directly at the ligands. An electron in 
the 0,2 уз orbital is therefore most affected by the field of the 
ligands and is raised in energy relative to an electron in the 
d,y orbital. Similarly, electrons in d,2 are less stable than ones 
in dy, or dy, (Figure 13.2b and с). If the alignments of the 
three orbitals, d,,, dy, and dyz, relative to the ligands are 
compared, it will be seen that these are identical. It follows 
that in the full three-dimensional case, electrons in these 
three orbitals are identical in energy and are stabilized 
relative to the other two. Electrons in orbitals 4.2 and d,,_,; 
arc also identical in energy and are destabilized. (It is easier 
to accept this if it is recalled that d;: is compounded of two 
orbitals similar to d,2_,2.) The combined energy level 


atom in 
octahedral field 


atom in 
spherical field 


FIGURE 13.3 Energy level diagram for the d orbitals in an octahedra! field 
Note that electrons in the d levels of the free atom would be more 
stable than when the atom is in a spherical field, The energy gop AE 
is often labelled 10 Dq. 


diagram is therefore composed of two upper orbitals, of equal 
energy, and three lower orbitals, which are also degenerate 
(Figure 13.3). The energy zero is conveniently taken as the 
weighted mean of the energies of these two sets of orbitals: the 


lower trio are thus stabilized by —2/5AE while the upper 
pair are destabilized by 3/5AE, where AE is the total energy 


separation. The e, and tog symbols are symmetry labels 
arising from Group Theory and are now the most commi nly 
used symbols. It may help in remembering them that e 
signifies a doubly-degenerate state and t, a triply-degenerate 
one. 


Consider the case of a d! system in an octahedral field, for 
example the hydrated titanium(III) ion, Ti(H,0)3*. The 
orbitals are split as in Figure 13.3, and the single d electron 
naturally enters the lowest available one, here one of the 
tag Set. In doing so it gains energy, equal to —2/5A£, 
relative to the energy it would have had if the octahedral 
splitting had not occurred. In this case the energy gain is 
equal to about 90 kJ mol~!. This energy gain, relative to the 
case of five equal d orbitals, is termed the ligand field stabili- 
zalion energy, or, since it was first remarked in crystals, the 
crystal field stabilization energy or CFSE. This was first 
observed when it was found that calculations of the lattice 
energy of simple transition element oxides and fluorides, by 
the electrostatic method which was so successful for s element 
salts, gave answers which did not agree with the experi- 
mental values. Including the effect of the crystal field on the 
d orbital energies (section 13.7) led to full agreement. The 
CFSE is an additional energy increment to the system which 
has to be added to the other attractive and repulsive energics, 
= in solids and in calculation of solvation energies and the 
ike. 


The size of AE is most readily measured spectroscopically 
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by observing the energy of the electronic transitions between 
the 15, and e, orbitals. The energy usually lies in the visible 
or near ultra-violet region of the spectrum and it is such d — d 
transitions which are responsible for the colours of most 
transition metal compounds. The magnitude of AE depends 
on the ligand and on the nature of the transition metal ion. 
One of the simplest examples is that of titanium(III) com- 
plexes, where the configuration is d'. The transition from 
the t2, to е, level of the single electron, gives rise to a single 
absorp ption "band in the visible region (Figure 13.4). The 


frequency (cm~! x 10-3) 
20 


o—o—o L = Cl 


FIGURE 13.4 Representation of the electronic spectra of ТҮП) complexes 
The full line ( ) isa (slightly simplified) representation of 
the spectrum of ie O)3* with a maximum at 20 300 cm '. 
The broken line ((-o-0—0-) gi the spectrum of TiCl3~ 


with a maximum У 13 000 cm ^ !. The steeply-rising portion of the 
curve for the hydrate is the edge of the strong, allowed, charge- 
transfer transition in the ultraviolet. 

position of this band gives the size of AE, compare the dis- 


cussion in sections 7.5 and 7.6. When the ligand in ТЇ! 
changes from L = Н,О to І, = Cl", the position of the 
absorption band moves to lower energy, thus AE for Cl~ is 
smaller than for Н,О. By examining a whole series of 
complexes with different ligands, L, the size of AE for each 
ligand may be determined, both for titanium(III) and for 
other metals in various oxidation states. It is found that the 
order of increasing ligand effects is approximately constant 
from one transition ion to the next and increases in the order: 


I «Br «Cl < F^ < H,O < NH; < en < NO; 
< CN^ (en = ethylenediamine). 


The ligand field increases by a factor of approximately two 
from halide to cyanide. A large number of other ligands are 
to be fitted into this series, of course, but these are representa- 
tive ligands, and cyanide has the strongest ligand field of all 
common ligands. The series is termed the spectrochemical 


series. The main effects of the transition metal ion are those 
due to charge and to Period. The splitting increases by about 
30 per cent between members of the same Group in succes- 
sive Periods, and there is an increase of roughly 50 per cent 
on going from the divalent to the trivalent ion ofany element. 
These trends are illustrated by the values shown in Table 
13.6. The d—4 transitions for configurations other than d' 
are rather more complicated and are discussed in section 
13.11. 


TABLE 13.6 Values of the ligand field splitting AZ in 
octahedral complexes 


Ion 6017 6H,O 6NH; 6CN- 
(AE, kJ то] !) 
Te? 34! 243 
yat 3d? 226 
Qrt 3d? 163 213 259 314 
Мп?* 3d* (250) 
Fe?* 345 162 
Go** 3d° 222 296 406 
Mo(III) 44? 230 
Rh(III) 4495 243 322 406 
(ШШ) 549 297 
PIV) 54 347 
wee 34? 151 
CHA 34* (170) 
Mn?* 345 92 approx.100 
Fe?* 34$ 126 393 
Cor 3d7 113 121 
Ni?* 34% 88 100 130 
Cu** 3d° (150) (180) 


Values for d^ and d? configurations are approximate because 
of distortion in these octahedral complexes. 


In the case of titanium(IIT), there is no ambiguity as to the 
location of the d electron, and this is so for the d? and d? 
configurations also. The d electrons enter the t;, set of 
orbitals with parallel spins to give CFSE values of —4/5AE 
for d? and —6/5AE for d?. However, in the case of d*, two 
alternative configurations are possible. The first three elec- 
trons enter the three tz; orbitals while the fourth may either 
remain parallel to the first three, thus producing maximum 
exchange energy, and enter the higher-energy e, level, or it 
may pair up with one of the electrons already present in the 
t3, level and produce maximum crystal field stabilization 
energy. The first configuration is termed the high-spin or 
weak field configuration, while the arrangement with the 
paired electrons is the low-spin or strong field case. In the 
case of d*, the CFSE for the tel configuration is —6/5AE 
+3/5AE = —3/5AE, while the CFSE for the low-spin t2, 
configuration is — 8/5AE, so that the adoption of the low- 
spin configuration means the gain of AE in excess of the 
CFSE in the high-spin configuration. On the other hand, the 
exchange energy of four parallel electrons is 6K (see section 
8.2) while that of the three parallel electrons in the low-spin 
configuration is only 3K. Which configuration is actually 
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TABLE 13.7 Crystal field stabilization and exchange energies in octahedral configuration 


Number of Electron configuration CFSE Exchange energy' 
d electrons lag ey AE K 
1 1 — 2/5 0 
2 T xh —4/5 1 
3 TOT —6/5 3 
4 high-spin т ht 1 —6/5+3/5 6 
4 low-spin Lb 1m —8/5 3 
5 high-spin Ж ШО КҮ —6/5+6/5 10 
5 low-spin TW TL — 10/5 3+1 
6 high-spin tb T T T T — 8/5 4- 6/5 10 
6 low-spin BL th fl — 12/5 343 
7 high-spin TI TE А ПТ — 10/5+6/5 10+ 1 
7 low-spin TU. Ди N 1 — 12/5 4- 3/5 64-3 
8 А T — 12/5-r 6/5 104-3 
9 TA TL RD ТЕ —12/5+9/5 10+6 
10 i Ite. ИРИ — 12/5 + 12/5 10+10 


Exchange energies shown separately for the parallel and antiparallel sets. 


adopted therefore depends on the relative sizes of AE and K. 
The К values are difficult to determine but remain approxi- 
mately constant for atoms of the same quantum shell. In the 
case of the first transition series the loss of exchange energy 
usually lies within the range of values found for AE. Thus, 
for any configuration where alternative electronic arrange- 
ments are possible, there will be a particular value of AE 
where the change from high-spin to low-spin values takes 
place. A large value of AE obviously favours the low-spin 
arrangement, hence the alternative name of strong field 
configuration. Alternative electronic configurations are pos- 
sible for 4%, d5, 46 and 47 ions in octahedral complexes. 
Table 13.7 lists the values of the CFSE and exchange energy 
for all the d configurations, while Table 13.8 shows the 
differences for high- and low-spin configurations in the 
states d^ to 47. Notice that there are no examples known of 
intermediate configurations such as Че. In all cases the 
electrons are either paired as far as possible or parallel as far 
as possible. Table 13.9 gives the approximate magnetic 
moments, based on the ‘spin-only’ formula for each con- 
figuration. The ‘spin-only’ formula is usually a good ap- 


TABLE 13.8 Balance of exchange and crystal fields energies 


for states of alternative configurations in the 
octahedral field 


Gain in CFSE Loss in exchange energy 


Number of of low-spin relative to of low-spin relative to 
d electrons high-spin configuration high-spin configuration 
4 AE 3K 
5 2ДЕ 6K 
6 2AE 4K 
7 AE 2K 


TABLE 13.9 ‘Spin only’ magnetic moments for octahedra! 
arrangements 


e—a 25 


Number of Magnetic moment, Bohr magneton: 
d electrons High-spin Low-spin 
1 1-73 
2 2-83 
3 3:87 
4 4:90 2:83 
9 5:92 1-73 
6 4-90 0-00 
7 3-87 1-73 
8 2-83 
9 1-73 
10 0-00 


‘Spin only’ moment equals 2,/[S(S+1)], where 
S=in= number of unpaired spins x spin quantum number. 


proximation for transition metal ions although orbital 
coupling occurs to a small extent in most cases and is marked 
in the cases of Co?* and Co? *, Apart from such exceptions, 
experimental magnetic moments usually agree with those 
calculated by the ‘spin-only’ formula (section 7.10) to within 
ten per cent, quite close enough to distinguish high-spin from 
low-spin configurations, 

The crystal field stabilization energy and the possibility 
of alternative electronic configurations are the main pheno- 
mena which the theory of bonding in compounds of d 
elements has to treat. This theory may be formulated in two 
independent ways, as an electrostatic theory or as a molecular 
orbital theory. The results of these two approaches are very 
similar so that either may be used as seems most appropriate 
and the combined theory is termed the ligand field theory. 
The term crystal field theory is sometimes reserved for 
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Wary = Ost MA (6) (Le +l-x+ly+l-y+l+l-:) Pau = Ф, + MA (2) 0L) 
(a) (d) 


m 


Vus = Фә, EM) 7L) Ve, = Фаг 1/243) (25 2L.,—1,—1 1,1.) 
(b) (e) 


-z 


Vus = py + LN (2) (,—1-,) Ve, = daa pM EL 717 Ly) 
(c) (f) 
FIGURE 13.5 The six bonding molecular orbitals formed by the six ligand orbitals and the s, p, and d;> and d,- у> orbitals on the central atom in an octahedral 


complex еер A 
The symbols jy, thy etc. are symmetry-indicating labels. Here they are used as a convenient way of distinguishing the orbitals. Note that there 


are three levels in sets labelled t and two in sets labelled e. 
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specific application to the electrostatic version, but usages 
vary among different authors. 

These approaches will be examined briefly in turn. In the 
electrostatic approach, the bond energy is held to arise 
purely from the electrostatic attractions between the central 
ion and the charges, dipoles and induced dipoles on the 
ligands, with the repulsions between dipoles, induced di- 
poles, and charges, on different ligands taken into account. 
To these forces is to be added the CFSE arising from the d 
electron arrangement in d orbitals split by the ligand field. 
The situation is similar to the electrostatic treatment of ionic 
crystals with the addition of the crystal field stabilization 
energy. As no covalent bonds enter into this treatment, the 
energy level diagram is simply that of the atomic energy 
levels in the transition element, of which the vital part is the 
d electron diagram as shown in Figure 13.3. This approach 
has the major advantage that the electrostatic calculations 
can actually be carried out, without drastic approximations, 
so that energies of formation and reaction mechanisms or 
stabilities can be predicted. The disadvantage of the theory 
is that it neglects the clear evidence that some covalent 
bonding does occur in transition metal compounds and it can 
throw no light on those cases, such as nickel carbonyl, where 
the central element is in a low, zero, or even negative 
oxidation state when the electrostatic forces would be weak 
or non-existent. 

Covalent bonding is incorporated in the molecular orbital 
theory. This constructs seven-centred (in ап octahedral 
complex) molecular orbitals from the six ligand orbitals 
holding the lone pairs which are to be donated to the central 
atom, together with six orbitals of suitable energy and 
symmetry, on the central atom. In a transition metal of the 
first series, these six atomic orbitals are the 3d,2_ y2, 3d,2, 45, 
and the three 4р orbitals. These are the metal orbitals 
directed towards the ligands and of the right energy. The 
bonding molecular orbitals from these combinations of 
atomic orbitals with ligand orbitals are shown in Figure 13.5; 
the numerical constants are chosen to weight the 
contributions of the ligand orbitals so that each adds up to 
unity. The antibonding orbitals corresponding to these six 
are those with the sign reversed between the central orbitals 
and the ligand combinations. Some of these are shown in 
Figure 13.6, which also illustrates that orbitals such as 4, 
cannot form sigma bonds with any ligand combination. It 
will be noticed that these are delocalized polycentric sigma 
orbitals, similar to those discussed in section 4.7. The six 
atomic orbitals combine with the six ligand orbitals to form 
six bonding molecular orbitals and six antibonding molecular 
orbitals, while the remaining three 34 orbitals are non- 
bonding. The energy level diagram of the molecular orbitals 
in the octahedral complex is shown in Figure 13.7. 

Let us place the 12 electrons from the ligand lone pairs in 
the six bonding orbitals. Then the nonbonding t», set of 3d 
orbitals and the antibonding c£ pair are the next five orbitals 
available to accommodate the d electrons on the metal. Thus 
the descriptions in the electrostatic and molecular orbital 
theories are very similar. Both theories produce five orbitals 


We, = 6, MA (2) („—1-.„) 


$4,,~ no c-bonding combination possible 


FIGURE 13.6 Some non-bonding and antibonding combinations in an octa- 
hedral complex 

Figures (a) to (c) are antibonding combinations of the з, one p, and 
one d orbital, with ligand orbitals, corresponding to some of the 
bonding orbitals in Figure 13.5. Figure (d) shows how the d, 
orbital is wrongly aligned to form any sigma bond; the other two 
ta, orbitals are similarly non-bonding. The labels af, etc. are used 


to distinguish the antibonding orbitals corresponding to the bond- 
ing orbitals of Figure 13.5, 
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metal molecular ligand 

orbitals orbitals orbitals 
FIGURE 13.7 Energy level diagram for the bonding, non-bonding, and anti- 
bonding molecular and atomic orbitals in a sigma-bonded octahedral complex 


The levels are labelled as in Figure 13.5 and 13.6. 


in a lower set of three and an upper set of two, separated by 
AE, to accommodate the d electrons. In the electrostatic 
theory these sets are, respectively, the atomic d,,, dyz, and 
а, orbitals and the 4,2 and 4,2 _ у atomic orbitals, while, in 
the molecular orbital theory, the lower set are the same 
atomic orbitals and the upper set are antibonding molecular 
orbitals composed of the 4,2 and d,2_,2 atomic orbitals with 
ligand orbital contributions. 

Thus in their essential description of the varying magnetic 
properties and d—d transitions, these two theories are 
identicai. The molecular orbital theory has the advantage 
that it is easily extended to include z-bonding and it gives a 
prediction of the alteration of energy levels in such a case. It 
is also more useful for the interpretation of spectra as it 
provides information, not only about the d levels, but also 
about the higher energy antibonding orbitals to which 
excitations occur when higher energy quanta are absorbed. 
On the other hand, the molecular orbital theory suffers from 
the disadvantage of all wave mechanics, that it is impossible 
to calculate bond energies, heats of formation and the like 
directly, 

In practice, these two theories may be used interchange- 
ably, as most convenient. Both rely on experimental data to 
fix the energy levels; for example, AE is usually determined 
spectroscopically. 


13.4 Coordination number four 

Two configurations other than octahedral are common 
among the elements of the first transition series. Both involve 
four-coordination and are the tetrahedral and square planar 
configurations. The square planar configuration may be 
considered as derived from the octahedral one by removing 
the ligands on the z-axis. An elongation of the M-L distances 
on the z-axis leads to a decrease of the interaction between the 
ligand field and those metal orbitals with components in the 
2 direction. The energy levels therefore split as indicated in 
Figure 13.8a with the 4,2 level and the dy; and d,, levels 


d,i-,1 


was AE =| AE xe 
d;, 
AE. 4,2 


d 
== 4, 
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field field field 
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FIGURE 13.8 Effect on orbital energies of removing ligands on the z axis, 
starting from an octahedron: (a) the tetragonal field with non-equivalent z 
ligands, (b) the square planar field with no z ligands 


falling below the others. The d,:.,: and dy, levels rise 
slightly as the metal-ligand distances in the xy plane 
shorten a little because of the decrease in repulsion from the 
z ligands. Such an intermediate case corresponds to elonga- 
tion of the metal-ligand distances on the z-axis, to un- 
symmetric substitution on the z-axis in a complex such as 
MX4Z;, (both of which are tetragonal distortions) ог to the 
case of the five-coordinated square pyramidal configuration. 
If the z ligands are removed completely to give the square 
planar configuration, the energy level diagram of Figure 
13.8b results. Here, the 4.2 and d,, levels have crossed over. 
Notice that, as the configuration in the xy plane is similar to 
that in the octahedron, the energy separation between 
4,2 уз and dy, remains practically the same as the octahedral 
AE. 

In the tetrahedral arrangement, the d orbitals are split 
into a lower set of two (called e in this symmetry) and an 
upper set of three (tz). No orbital points directly at a ligand 
in the tetrahedral case, but the d,, type lies closer to the 
ligand than d,2_,2 or 0,2. Figure 13.9 shows that the dis- 
tances are as half the side of a cube compared with half the 
face diagonal. This lack of direct interaction between 
orbitals and ligands in the tetrahedral configuration reduces 
the magnitude of the crystal field splitting by a geometrical 
factor equal to 2/3, and the fact that there are only four 
ligands instead of six reduces the ligand field by another 2/3. 


| 
| 


LE Sas 


(a) (b) 


FIGURE 13.9 Alignment of the d orbitals and the ligands in a tetrahedral 
complex: (a) the da. уг orbital, (b) the d,, orbital 
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TABLE 13.10 CFSE values in a tetrahedral field 


CFSE 

Number of Electronic configuration (as AE ere) (as AE.) 
d electrons éz log (assuming AE, = 4/9 AE.) 

1 1 — 3/5 = 0:27 

2 t a —6/5 — 0-53 

3 T^ 1 — 6/5 4- 2/5 — 0:36 

4 Tt [Т T ^R — 6/5 4-4/5 —0-18 

5 їс 1 T me — 6/5 4- 6/5 0-00 

6 TL. sf P xut — 9/5 4- 6/5 —0-27 

7 (Мы ТАШЫ: tmt —12/5+6/5 — 0:53 

8 О T. —12/5+8/5 — 0:36 

9 flan T TT —12/5 + 10/5 —0-18 

10 IL th dp —12/54- 12/5 0-00 


The total splitting in the tetrahedral case is thus approxi- 
mately 2/3 x 2/3 — 4/9 of the octahedral splitting. In theory, 
alternative electron configurations are possible for the cases 
43, а“, d5 and d$ in the tetrahedral field but the gain in 
CFSE is reduced by the smaller size of the splitting, and the 
loss of exchange energy is never counterbalanced. Thus all 
tetrahedral complexes are high-spin. The CFSE values for 
these high-spin configurations are given in Table 13.10. 

If Table 13.10 is compared with Table 13.7, it will be seen 
that the CFSE in an octahedral configuration is always 
greater than that in the corresponding tetrahedral con- 
figuration, except in the cases of d°, 45 and d!? where both 
values are zero. The configurations with the next smallest 
CFSE loss in the tetrahedral field compared to the octa- 
hedral field, are d! and d if the octahedral state is high-spin. 
The adoption of four-coordination rather than six-co- 
ordination is expected, in general, to be accompanied by loss 
of energy of formation as only four interactions occur instead 
of six. In addition, there is commonly a loss of CFSE as well. 

These considerations, and the data for the CFSE values, 
allow a prediction of the most probable cases in which four- 
coordination will be found for transition elements of the first 
series. The tetrahedral configuration is expected to be un- 
favourable compared with the octahedral one, except in the 
case of large ligands with low positions in the spectro- 
chemical series, or in the ions with 0, (1), 5, (6), or 10 d 
electrons. The larger ligands will experience steric hindrance 
to formation of six-coordinated complexes and the inter- 
actions will also be reduced due to the increased metal- 
ligand distances. The low position in the spectrochemical 
series ensures that any loss of CFSE is not too serious due to 
the low intrinsic value of AE (similarly, a low charge on the 
transition metal ion affects the AE value so divalent ions 
should form tetrahedral complexes more readily than tri- 
valent ones, and a fortiori for lower charges). Finally, the d 
configurations listed are those with lowest CFSE differences. 
In practice, tetrahedral complexes are typically formed by 
the halides (except fluoride) and related ligands. 

The case of the square-planar configuration is rather 


different. Because the bond distances in the xy plane are 
essentially the same in octahedral and square planar con- 
figurations, steric effects are negligible and the increase in 
attractions due to forming six bonds rather than four will 
normally overwhelmingly favour the regular octahedral 
complex. Changes in CFSE for low numbers of d electrons 
either favour the octahedral case or are small. Consider, 
however, the case of d8. In an octahedral complex, there are 
two electrons in the e, level, while the square planar con- 
figuration allows these to be paired in the d,, orbital (Figure 
13.10) with a gain in CFSE of about 2ДЕ. (This is only 
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FIGURE 13.10 The configuration of electrons in a d* complex: (a) octa- 
hedral, and (b) square planar 


approximate as the lower levels in the square planar case do 
not match the octahedral tz levels, but they are quite close.) 
This is offset by a reduction in exchange energy from the 13А 
of the octahedral case to 12K for two sets of four electrons. 
However, if AE is sufficiently large, it is possible for the gain 
in CFSE to overbalance the loss in bonding interactions and 
the small loss in exchange energy. It is found that square 
planar complexes are indeed formed by d* ions with ligands 
to the right of the spectrochemical series: for example Ni?* 
forms a square planar cyanide complex, Ni(CN)2  , while its 


hydrate or ammine аге octahedral, eg. Ni(NH;)2*. The 
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larger ДЕ values of heavier elements ог of more highly- 
charged elements extend the scope of formation of square 
complexes. Thus all complexes, even halides, of platinum(II) 
and gold(III) (both d$) are square planar. 

This extra CFSE found in square planar complexes of d® 
elements also occurs for the d? and d? configurations. How- 
ever, the CFSE gain is only AE. Table 13.11 lists the species 
which typically form square planar complexes. While such 
square complexes of the first row elements are comparatively 
rare, those formed by heavy transition elements are the 
majority of the representatives of these oxidation states, 
especially for the d? configurations. 


TABLE 13.11 Species forming square planar complexes 


d electron 
configura- Approx — Unpaired 
tion Species CFSE electrons 
d! Ni(II) Pd(II) РП) 2АЕ„ 0 
Rh(I) Ir(I) 
Au(III) 
d? Cu(II) Ag(II) AE, — 0l (ind. yi) 
d? Co(II) АЁ. 1 (in d,y) 
d® Fe(II) TAE ose 2 
d* Cr(II) IAE t 


The Cr(II) spin corresponds to one electron in each of the four stable 
orbitals, and the Fe(II) value indicates two filled and two half-filled 
orbitals. The CFSE are with respect to the octahedral configuration, those 
for d* and 4° being for the weak field configuration. 


In configurations other than d”, the CFSE gain relative 
to octahedral is small, and most of these configurations are 
distorted in the octahedral case, so it is often difficult to 
decide what has happened. For example, copper(II) com- 
pounds often show four short bonds in a square plane with 
two longer ones, or even three sets of pairs of bonds with 
different lengths. 

The distortion mentioned in the last paragraph arises 
whenever the @ and dy. у: orbitals are unequally occupied. 
If, for example, there is one electron in the d,2 orbital, ligands 
on the z axis are more shielded from the nuclear field 
than are ligands on the x and y axes. The ligand-metal dis- 
tances in the z direction are therefore shorter than those in 
the xy plane. If the electron is, instead, in the d,2_,2 orbital 
the four distances in the xy plane are shorter. Such distortions, 
which are less simple than described here, are one manifesta- 
tion of the Jahn-Teller Theorem, which states that if a 
system has unequally-occupied, degenerate energy levels it 
will so distort as to raise the degeneracy. Cases where distor- 
tions are expected are d* high-spin, d? low-spin, and Ф. 
Distortions involving t3, levels are normally too small to be 
detected. 


13.5 Stable configurations t | 
With all the factors discussed in the last three sections in 
mind, it is possible to make some general remarks about the 


stabilities of various d configurations. These apply particu- 
larly to the first row elements which only occasionally show 
coordination numbers other than four or six (sce section 13.6). 
The extent to which these apply in practice will become clear 
when the chemistry of the individual elements is discussed. 

The traditionally stable configurations of the empty, half- 
filled, and filled shells should still be stable for d elements; the 
stability in the last two cases stemming from the high ex- 
change energy as well as from the general symmetry of the 
electron clouds. In octahedral environments, dî will be un- 
usually stable only in the high-spin arrangement. Hence, it 
should be more stable in the divalent ion Mn?* than in the 
trivalent 4° element, Fe? * , and also more stable with ligands 
of relatively low field in each case. The configurations 4° and 
d'° may well be found in stable tetrahedral complexes. 

In the octahedral configuration, the states d? and low-spin 
d^ are also expected to have special stability as they cor- 
respond to half-filled and filled t}, orbitals. In this case, 
stability increases with increasing AE and should be most 
marked for trivalent ions, here Cr? * (d?) and Co?* (45). 

It will be noted that the d* configuration in an octahedral 
environment lies between two others that are especially 
stable, so that d* species are expected to be unstable, both to 
oxidation to d? and to reduction to 45. In particular, the 
M?* d* state should readily oxidize to the M? +43 ion where 
the increase in charge increases AE and the CFSE, while the 
M?*4* ion should be readily reduced to the M2*d° ion 
which is favoured by the reduced AE. Such behaviour is 
indeed found, the ions in question being respectively Cr^* 
and Мп?*. 

At the d configuration, there is competition between the 
square planar and the octahedral arrangements. In nickel (II) 
the latter is more common but the former is dominant for 
Pd(II), Pt(II), and Au(III). In both configurations, dê 
tends to be more stable than either d? or 4? which have 
neither the CFSE of square planar d°? nor the equally- 
occupied e, arrangement of octahedral dë. There is some 
tendency for d? to go d'° but a number of factors come into 
play here as the oxidation states of the copper Group elements 
show. It might be noted that 4!? species have some tendency 
to linear configurations as Cu(I) and Au(I), as well as 
Hg(1I), show. This is in addition to their ready adoption of 
tetrahedral structures, and the two-coordinate species are 
found for relatively low charge densities on the ions, either 
in large ions or in M* species. 

The discussion is summarized in Table 13.12. 


13.6 Coordination numbers other than four or six 

While the majority of compounds of the first row elements 
exhibit octahedral, tetrahedral or square planar coordina- 
tion, there are now well-established examples of a range of 
other coordinations. For the heavier transition elements, 
octahedral and square planar configurations are common, 
but higher coordination numbers are well known. An 
alternative form of six-coordination, the trigonal prism of 
Figure 13.11 is also found but is rare. It is the configuration 
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TABLE 13.12 General stabilities of d configurations 


Number of 
d electrons Comments 
0 Stable in earlier Groups as the Group oxidation state. 
; ) Tend to reduce to 49, e.g. Ti?*, Ti*, V3*. 
3 Stable, especially for trivalent ion, e.g. Cr?*. 
4 Unstable, e.g. Cr?* oxidizes to Cr?* ; Mn?* reduces to Mn?*. 
5 Stable, especially Mn?* ; Fe?* is also relatively stable. 
6 


Stable in spin-paired state, e.g. Co?* (except in hydrate); Fe?* is also 


relatively stable. Pt(IV) very stable. 


7 Relatively unstable, Co?* oxidizes except as hydrate or halide complex; 
Ni?* is scarcely known. 
8 Stable, Ni?* as octahedral and square planar complexes; Pd( II), Pt(II), 
Au(IIT) very stable square planar species. 
9 Relatively unstable except in case of Cu(II). 
10 Stable, e.g. Ag* ; zinc Group never show states above II. 


О ligand 


(a) e metal 


of arsenic in NiAs (Figure 5.10c) and is found for 
molybdenum in MoS,. 

Coordination numbers greater than six are most usually 
found among the compounds of the second or third row 
transition elements, and also for the lanthanides and actinides 
as illustrated in Chapters 11 and 12. For these higher co- 
ordination numbers, it is usual to find several alternative 
shapes, and the energy differences between them are com- 
monly very small. There is at present no generally accepted, 
unambiguous, method available for predicting which shape 
will be adopted, either for the higher coordination numbers 
or for five-coordination. 

Coordination Number Two. This is found in 419 configurations 


О ligand 


(b) [ menal 


FIGURE 13.11  Lower-symmetry coordinations (a) trigonal prism form of 
six-coordination (b) square pyramid. | form of five-coordination 

Trigonal prismatic coordination is often found when the donor 
atoms are sulphurs, as in MoS, or in the dithiolene complexes 
M(S;C;R;), where М = V, Mo, Re. In the square pyramid, note 
that the metal atom lies above the base plane making the base- 
L/metal/apex-L angle greater than 90°. 


such as copper(I), silver(I), gold(I) and mercury(II). The 
arrangement is always linear, as in Ag(NH,); or AuCh , 
and is simply that derived from the electron pair repulsion 
theory. 

Coordination Number Five. Five-coordination is known for most 
of the first row elements, but is uncommon for the heavier 
transition metals. As well as the trigonal bipyramid (Figure 
4.4), square-pyramidal five-coordination is found for transi- 
tion metal compounds. As the discussion of five electron pairs 
in Chapter 4 showed, there is little energy difference between 
the trigonal bipyramid and square pyramid, and the balance 
of stability is readily tipped one way or the other by addi- 
tional stabilizations arising from the d electron configuration, 
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the shape and properties of the ligands, or from interactions 
in the solids. The square pyramid configuration has the 
central metal atom raised above the plane of the four base 
atoms (Figure 13.11). Notice that this increases the bond 
angles at the central atom, and is the opposite distortion from 
that found in ABsL species, like BrF,, derived from the 
octahedron, where the repulsion of the lone pair decreases 
BAB angles so that the central atom lies below the base plane. 
(Compare BrF, with Figure 14.12.) 

Fhe small differences in energy between the two shapes is 


strikingly illustrated by the compound 

(Cr епз) ENi(CN);)], 3H30, 
whose crystal structure contains both d pens pyramidal and 
distorted trigonal bipyramidal Ni(CN)3^ ions. Table 13.13 
gives some illustrative examples of P nk 
chosen either for their relative simplicity or because a family 


of conipounds of one type exist. In some of the structures, 
distortions from the ideal shapes occur, while many other 
cases are known where the structure is intermediate between 
the two geometries. 

Coordination. Number Seven. Seven-coordinate complexes are 
commonly found in one of three shapes. The most symmetric is 
the regular pentagonal bipyramid adapted by ReF;, OsF; 
and by the ions МЕЗ” (M = Zr, Hf) in their sodium salts. 
As the in-plane angle is only 72°, some distortion of the five 
equatorial ligands is likely to reduce steric interactions, 


TABLE 13.13 Examples of five coordination 


either by buckling out of the plane or by variation of the 
M —F bond lengths in the equatorial plane. Some uranyl 
compounds, such as ОО,Е{ 7, also show this shape as the 
UO, unit has to be linear and the other five substituents lie 
in a plane at right angles to this, around the uranium atom 
(compare Figure 12.6 for the corresponding UO,L, situa- 
tion). 

A second seven-coordinate arrangement found, is that 
formed by inserting an extra substituent into the triangular 
face of an octahedron, and spreading out the three ligands 
forming this face. Such a positioning is termed capping the 
face. One example is NbOF2- illustrated in Figure 15.4a 
(which emphasises that the seventh ligand is on the three-fold 
axis). 

The third shape found for seven-coordination is that 
obtained by inserting a substituent above one of the rect- 
angular faces of a trigonal prism. This structure is shown in 
the ammonium salt of ZrF}~ (Figure 15.1) or by MF3~ 
(M = Nb, Ta). These structures are all very similar in 
energy and change from one to another is readily induced, 
for example by the change of counterion in the hepta- 
fluorozirconium complexes. 

Coordination Number Eight. While the eight-coordinate shape 
of highest symmetry is the cube, this is common only in 
extended structures like the ionic CsCl or CaF, structures 
or in metallic body-centred cube forms. A smaller repulsion 
between ligands results when one face of the cube is twisted 


Trigonal bipyramid 


Square pyramid 


titanium (IV) TiCl; , TiOCI; (NMe3); 
(IIT) A 


vanadium (ІУ) 
(IIT) 
niobium (V) 
tantalum(V) 
chromium(IIT) 
(11) 
molybdenum (V) 
manganese (11) 
rhenium (V) 
iron (0) 

(П) 

(IIT) 
cobalt (IT) 
nickel (II) 
platinum (II) 
copper (II) 
zinc(II) 


a. M"X,L, (X = halogen, L 
= [M' (tetra N)Br]* where tetra N = 
= (terpy)M"Cl, (terpy = 


VOCI,(NMes3) 2 

A 

МЬСІ, (in gas phase only) 
ТаСі, (in gas phase only) 
A 


B 

Мос, (in gas phase only) 
B 

ReOX; (X = CI, Br, I) 
Fe(CO); 

B 


B 
Ni(CN)2- (a), B 
Pt(SnCl,)3~ 

B, Cu(bipy) 2X 
B 


= ligand like NMes). 


Y,TiO, 


УО (асас); (Figure 14.12) 


Mo3O$s includes Mo"O, units 
C 


[s 
Fe(S,CN Et5);Cl 
e 

Ni(CN)3- (a) 


[Си (МО): (CSH;NO);];, Cu(acac); quinoline 
C, see also Figure 13.11 


(Me;NCH;CH;)5N, compare Appendix B. 
terpyridyl, compare Appendix В). 
e Решшсуапош Н is found in both shapes in the Cr(en)3* 


compound. 
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by 45° relative to the opposite one to form the square anti- 
prism. This structure is shown by TaF}~ (Figure 15.4b) and 
КеЕз `, or by Zr(acac), and U(acac), (Figure 12.5). 

The other common eight-coordinate structure, the dodeca- 
hedron or bis-bisphenoid (bisdisphenoid), may also be 
derived from the cube. As every second corner of a cube 
defines a tetrahedron (as can be seen in Е igure 13.9), the 
cube may be regarded as two interpenetrating tetrahedra. 
Ifone of these tetrahedra is flattened and the other elongated, 
the eight-coordinate structure of Figures 15.2 or 15.17 results, 
A tetrahedron distorted in this way is called a bisphenoid, 
hence the name bisbisphenoid. If the distortions are equal 
and produce equilateral triangular faces, the structure is a 
regular dodecahedron, shown in Figure 13.12 where the 
vertices labelled A define one bisphenoid, and those labelled 
B, the other. A number of structures approximate to a 
regular dodecahedron, for example the MF§~ species of 
Figure 15.2, but quite distorted forms also occur. These 
result particularly from the presence of bidentate ligands (see 
section 13.7) where the two donor atoms are close together. 
Thus Co(NO;)3~, with two oxygens bridging Co to each 
nitrate, forms a distorted dodecahedron with the Co—O 
bond lengths equal to 204 pm in the elongated bisphenoid 
and averaging 255 pm in the flattened one. A similar dis- 
torted structure is found in the chromium(V) peroxy com- 
pound K,Cr(OO), where both oxygens of the O—O group 
are bonded to Cr. 

The eight-coordination of UO,(NO;),.2H,0, Figure 
12.6 shows a fourth shape—the hexagonal bipyramid. This 
is only found for such MO, species where the O- M—O 
group has to be linear. 

Coordination Number Nine. The one configuration found for 
nine-coordination is that formed by placing one ligand above 


ligand atoms at A and B 


@ metal atom 


FIGURE 13.12 The dodecahedron 

This eight-coordinate shape is related to that of the cube by elon- 
gating one of the interpenetrating tetrahedra (A vertices) and 
flattening the other (B vertices). For the regular figure, all the faces 
are equilateral triangles. 


each of the three rectangular faces of a trigonal prism. This 
structure is illustrated in Figure 15.21 for Re H2~ and is also 
shown by the lanthanide hydrates like Nd(H,0)3* ment- 
ioned in Chapter 11. 
Higher Coordination Numbers. As a transition element of the 
d block has only nine valence shell orbitals (five d plus one s 
plus three f) the maximum coordination number is limited 
to nine unless metallic bonding (compare close-packed 
structures with coordination number twelve, Chapter 5), 
purely electrostatic bonding, or electron deficient bonding 
(compare section 9.6) occurs. One example is Zr(BH4), 
which forms two hydrogen bridges to each BH, group at 
room temperature, but transforms to a three-bridge struc- 
ture at — 160°C, Zr(H) BH. Thus the Zr is twelve-coordinate 
in the low temperature form. 

If f orbitals are available, this restriction no longer holds 
as illustrated by the ten-coordinate La(H,0), EDTA com- 
pound mentioned in Chapter 11. 


13.7 Effect of ligand on stability of complexes 

The type of ligand has a distinct influence on the stabilities 
of complexes and this must be discussed in more detail. The 
spectrochemical series gives one classification of the ligands 
and some points about this should be noticed. In an extended 
form of the series, it is seen that position depends largely on 
the donor atom in the order: 


HalgenorS <O <N<P<C 


Thus, nitrate which donates through O is much weaker than 
nitrite which donates through N. An even more striking 
example is the thiocyanate group, SCN, which is sometimes 
found coordinated through S, when it has a weak ligand 
field, and sometimes coordinates through N, when it shows a 
much stronger field. A similar example is shown by the iso- 
meric form of nitrite, nitrito, which coordinates as ONO, 
donating through O, instead of the NO, form of nitrite 
which donates through N. The nitrito form has a weaker 
ligand field than the nitrite form. These features govern the 
effect of the ligands by way of their contribution to the 
crystal field stabilization energy, but this term may be only a 
minor contribution to the overall stabilization, and it is 
necessary to take care not to equate strong crystal field 
unthinkingly with stability. 

A number of attempts have been made to find general 
relationships which indicate overall stability. One of the 
most extensive is Pearson's classification into hard and soft 
ligands and metal ions (or, using the Lewis nomenclature 
where a lone pair donor is a base and an acceptor is an acid, 
the metal ions are classified as hard or soft acids, and the 
ligands as hard or soft bases). In this, a ligand is a hard base 
if it is non-polarizable as for most ligands with a first row 
donor atom, and the ligand is a soft base if it is polarizable, 
as with sulphur or phosphorus ligands. Similarly, a metal 
ion is a soft acid if it has easily polarizable electrons, or is 
large, or has a low charge, while a hard acid is a metal ion 
of high charge, small size and with valence electrons which 
are not polarizable. The classification extends. beyond 
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transition elements and some examples of hard and soft 
ligands and metal ions are given in Table 13.14. 


TABLE 13.14 Classification of ligands and ions under hard/ 
soft formalism 


Ligands or bases 

Hard H;O, ROH, R;O, ОНТ, OR”, NO;, RCO;, 
SO}~, COZ~, C2047, РО} - (donors through О) 
NH;, NR;, NHR;, NH,R, Cl~ 

Soft R5S, RSH, RS~, SCN™ (S donors) 
К;Р, R3As, I~, CN, H^, R^, $02- 

Borderline py, Вг”, №, 502-, NO; 

Metal tons or acids (charges are formal only) 


Hard Mn?*, Cr?*, Fe>*, Cot m** vot vot. 
Zi** , MoO?* 
Н“, all s element ions, M?* for M = Al, Ga, 
In, Sc, Y, Toi 
Soft Cu*, Ag*, Au*, Hg2*, Hg?*, Pd?*, Pi2*, 
pit* 
"TI^ EIS 
Borderline Fe?*, Co?*, Ni?*, Gu? eZ? Ras?) 
Rh?*, Ir?* 


Sn?*, pp? Sp3 n pis 


The most important generalization about stabilities is then 
that soft ligands form stable complexes with soft metal ions, 
and hard ligand-hard ion complexes are also stable. Mixtures 
of hard ion-soft ligand or soft ion-hard ligand are less stable. 
A second general trend is, that the substitution ofa ligand of 
à particular type tends to make the metal ion behave more 
as that type of acid. Thus a borderline ion like Fe? *, becomes 
harder when a number of hard ligands are coordinated so 
that the intermediate Ее(Н,О)2 + (say) is more likely to add 
further water molecules than would a ferrous ion coordinated 
by soft ligands, 

This hard-soft classification has been greatly extended and 
ramified, and some features are still subject to controversy. 
However, the basic predictions derived from the simple 
version are most useful. One example is provided by thio- 
cyanate, SCN”, which can bond through S or through № 
(in isothiocyanates). The S-bonded form is a soft ligand, and 
is preferred in complexes of soft ions such as Hg?*. The 
N-bonded form is harder and is most usually found in first 
tow complexes, A neat example is HgCo(NCS), which is an 
extended lattice formed of Hg — SCN — Co links. 

The next effect is the chelate effect. If a ligand contains 
more than one donor atom it may coordinate to more than 
one position on the cation giving ring formations. The 
existence of such chelation in a complex is accompanied by 
increased stability and this is shown by increased heats of 
formation and resistance to substitution, and also by the 
higher position in the spectrochemical series of the chelating 
ligand as compared to an analogous non-chelating ligand. 
An example is provided by the case of ethylenediamine, 
H,NCH,CH,NH,, where both nitrogen atoms can donate, 


forming a five-membered ring. Such a reagent with two 
donor atoms is termed bidentate. It is observed that the 
treatment of ammonia complexes with ethylenediamine 
results in the displacement of the ammonia: 


Co(NH;)3* +3 en = Co(en)}* - 6NH, 
(en = ethylenediamine) 


The driving force of such a replacement is probably the 
entropy change. The equation above has four particles on the 
left hand side and seven on the right, so that reaction pro- 
ceeds with increase of entropy. For example, the change in 
free energy in the copper complexes is: 


Cu(en)}* – Cu(NH3)2* 
difference in AG = 18:0 kJ mol™! 
difference in AH = 10:9 kJ mol^! 

difference in TAS = —7:1 kJ mol^! 
(Recall that AG = AH— TAS) 


This entropy term thus provides about 40 per cent of the 
free energy change, whereas the substitution of one mono- 
dentate ligand by another, for example the exchange of 
ammonia for water, usually has only a small entropy effect 
which is commonly neglected in calculations. The optimum 
ring size for elements of the transition series appears to be a 
five-membered ring. Thus the substitution of 1,3-propane- 
diamine for ethylenediamine, increasing the ring size to six 
atoms (Figure 13.13b), results in a loss of free energy of 


H 
Ha N, 
Н.- Б yii 
А HrC M 
Hr | 
M HyCy 
(a) H; (b) ы 
2 
н; 
i H, 
/ 
нес / ЗИ 
Bs NS 
H;-C 
2 by M 
(c) н, (9) 


FIGURE 13.13 Some chelating ligands: (a) ethylenediamine (en), (b) 
1,3-propanediamine, (c) diethylenetriamine (trien), (d) 8-hydroxyquinoline 
(oxine), (e) salicylaldoxime, (f) x-benzoinoxime (cupron) 
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formation of 16.3 kJ mol ^! in the case of the copper complex 
above and 35.6 kJ mol"! in the case of the nickel complex 
Ni(diamine)3* . 

The chelating effect is increased still further if the chelat- 
ing molecule has more donor atoms. The triamine (trien) 
H,NCH,CH,;NHCH,CH,NH, forms an even more stable 
complex than ethylenediamine. Chelating agents with up to 
six donor atoms are available, an example of the latter being 
ethylenediaminetetra-acetic acid, EDTA, shown in Figure 
10.4. The common complexing and precipitating agents of 
analysis are nearly all chelating agents which form five- or 
six-membered rings with the metal atom which is being 
determined. Some examples are shown in Figure 13.13. 
Polydentate chelating agents may give rise to complexes of 
unusual coordination, for example, the less common five- 
coordination in the zinc complex shown in Figure 13.14. 

Quantitative indication of the process of forming a complex 
comes from the evaluation of the stability constants which 
characterize the equilibria corresponding to the successive 
addition of ligands. That is, we can consider the steps 


M+L= ML 
ML+L=ML, 


and so on down to 
ML,-,+L=ML, 


These are characterized by equilibrium constants K,, K; 
«+» K, such that 


Kı = (ML)/[M][L] 

К, = [ML;]/[ML][L] 
and, 

K, = (ML,J/[ML,- ,][L]] 


These constants K, are termed Stepwise formation constants. An 
alternative ,ormulation is to consider the overall formation 
reaction 


M+nL = ML, 


FIGURE 13.14 A five-coordinated zinc complex, NN'-disalicylidene- 
ethylenediamine zinc hydrate 

The quadridentate ligand coordinates through its two nitrogen 
atoms and two oxygen atoms to the zinc, giving a structure of 
a shallow square pyramid, with the zinc atom 34 pm above the 
NNOO plane. The water molecule is coordinated on the opposite 
side of the zine with the Zn — OH, bond in the direction of the axis of 
the pyramid, 


characterized by the nth overall formation constant |, 
B, = [ML,J/[M][L]" = K,K;...K, 


In most preparations, the complex is formed in aqueous 
solution, and the stability constants refer to steps «here L 
replaces coordinated water. The evaluation of formation 
constants usually calls for a good deal of experimental in- 
genuity and will not be discussed here. We may simply note 
some values and their interpretation. For example, the 


logarithms of the successive formation constants of various 
nitrogen complexes formed in aqueous solution are shown in 
Table 13.15. 

The values in Table 13.15 illustrate a number of {eatures 
which give a quantitative indication of the stability proper- 
ties discussed above. There is first a general tendency for 
К values to fall as the number of ligands increases. ‘his is 
probably due, at least in part, to the statistical efto: that 
the number of sites for substitution is reduced as substitution 
proceeds. 

The values for nickel show a steady progression to 
Ni(NH3)* and zinc, similarly, goes steadily to Zn(NH,)3*. 
The cobalt values show that the sixth ligand is unstable, 
probably reflecting the effect of the e, electron, and this is 
even more marked for copper where the fifth NH, is only 
added in presence of a large excess of ammonia and the sixth 
is not taken up at all. This reflects the general tendency of 
the d? ions to form four strong bonds and two, much longer, 


weaker ones. 

It will also be noted, comparing K, values for example, 
that the stability order for M?* ions increases to copper. 
This is part of a more extensive sequence, the Irving- 


TABLE 13.15 Stepwise formation constants of some nitrogen 


complexes 
Ligand Co?*  Ni?* Cu?* ne 
NH, log Ку 21 2:8 42 24 
log K; 16 2:2 3:5 2:4 
log К, Il 1:7 2:9 2:5 
log Ка 08 1-2 21 2:2 


log К, 02 0:8 -0:5 
log K, —06 0:03 


en log К, 60 75 106 57 
lgK; 48 63 91 47 
Іов Ку 31 43 -19 1-7 
trien log Ку 81 10:7 16:0 8:9 
6-en log К, 158 193 294 16:2 


еп = ethylenediamine (Figure 13.132): trien = diethylene- 
triamine (Figure 13.13c). 

6-en = pentaethylenehexamine, the analogous 6-nitrogen 
molecule (compare Appendix B) 
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Williams order, which shows that stability constants vary 
Mn(H) < Fe(II) < Co(II) < Ni(II) < Cu(II) > Zn(II) 


towards a particular ligand. 

The values also illustrate the effect of chelation on the 
stabilities. If we compare log fl; for NH, with log K, for 
H;NCH;CH;NH;, we are comparing values where two № 
atoms are coordinated in each case. As fl; = K,.K>, 
log f, = log К, +log K2. It will be seen that log К, for the 
ethylenediamine complexes is uniformly greater than log ff; 
for ammonia, and likewise log K, and log K, for en are 
greater than the corresponding log fj, and log 6, values for 
NH. Similarly, the tridentate chelate, trien, gives a value 
of log X, which exceeds log £, for the analogous NH; species. 
Finally, the hexadentate ligand pentaethylenehexamine has 
a value of log Кү (coordination of all six nitrogens) which is 
greater than log fl, for the M(en)$* species and than 
log f for ММН) ё“. It is also noteworthy that while copper 
fail to become six-coordinated to ammonia, they do 
form six-coordination to nitrogen when the ligand is a 
chelating amine. 

The effect of chelate ring size is illustrated by the values for 
1,3-propanediamine (Figure 13.13b) which has log К; = 
10:0 end log K, = 7-2 for the copper compounds. 

Anomalous changes in stability constants may often indi- 
cate electronic changes. One example is provided by the 
Cr(11) dipyridyl values where log K, = 4-5, log K; is 6:0, 


and zi 


instead of the expected decrease, and log Ky is 3:5. In this 
case, the d^ Cr?* species is high-spin in its hydrate, and low- 
spin in Cr(dipy)$*. The anomalous value for K, suggests 


that spin pairing occurs as the second dipyridyl is added. 

A full set of stability constants is to be found in the 
Chemical Society special publication no. 25, of that title, 
which is given in the references. 

The properties of the ligands affect the replacement re- 
actions which they undergo. It has already been seen that a 
chelating ligand will replace a monodentate ligand with the 
same donor atom. Such chelating ligands also commonly 
come higher in the spectrochemical series than the corre- 
sponding simple one: en lies above ammonia for example. 
However, care must be taken, in general, to avoid equating 
high ligand field strength with high energy of formation or 
high stability of a complex. Obviously, in all configurations 
where there is some ligand field stabilization energy, the size 
of the field of a given ligand is an important factor in its 
reactions, but the CFSE varies with the metal atom, as has 
been scen. It is safe to expect a general correlation between 
stability and ligand field strength, for example, cyanide is 
expected to replace water in general, but the detailed 
behaviour in any one case is a balance of different effects. A 
most marked example of this is the case of the transition 
metal complexes containing metal-hydrogen bonds, such as 
(R3P),PtH,. Hydrogen lies high in the spectrochemical 
series with AE values approaching those of cyanide, yet 
many of its compounds with the transition metals are un- 
stable and isolable compounds containing 0-М —H bonds 
(as opposed to metallic bonds in non-stoichiometric hy- 


drides) are found only in the presence of a few stabilizing 
ligands. This instability may arise from the fact that, when 
metal-hydrogen bonds dissociate, hydrogen atoms are pro- 
duced. These are very reactive and combine readily with 
each other. By contrast, when the normal metal-ligand bond 
dissociates, stable lone pair entities like water, ammonia, or 
halide ions are produced and the metal-ligand bond can 
reform in equilibrium with small quantities of ligand. 

This is an extreme case, but it is common to find an 
unthinking equation of high ligand field with stability of 
complexes. This does not follow, particularly when com- 
paring ligands of similar strength. Thus Co(NH)3* is pre- 
pared in water and is stable indefinitely to exchange of the 
coordinated ammonia for water, while Cr(NH;)3* can only 
be prepared in liquid ammonia and rapidly exchanges the 
ammonia groups for water when dissolved in water. 


13.8 Isomerism 

The use of polydentate chelating agents aids the study 
of stereoisomerism in complexes. In octahedral complexes, 
both optical and geometrical isomerism is possible, as 
illustrated by the ethylenediamine complexes of cobalt in 
Figure 13.15. The existence of optical isomers may be shown 
by rotatory dispersion measurements and by the resolution of 
isomers in favourable cases. The scheme for the resolution of 
the tris-ethylenediamine complex of cobalt(III) is shown in 
Figure 13.16, making use of naturally occurring d-tartaric 
acid to separate the isomers. The existence of geometrical 
isomersis generally noticed when two compounds of different 
properties are found to have identical molecular formulae. 
In favourable cases the identity of the isomers may be 
determined by experiment, as in the separation of the 
optically active forms of the cis-Co(en),X} compound 
shown in Figure 13.15. It is also possible to distinguish geo- 
metrical isomers in some cases by substitution reactions with 


X 
€ 
X 
X 
e 
X ) 
trans (a) es 


FIGURE 13.15 Optical and geometrical isomerism in octahedral complexes: 
the example of Colen) X} 

Figure (a) shows the geometrical isomers, cis and trans forms, while 
Figure (b) shows the non-superimposable optical isomers of the cis 
form. The trans form has a plane of symmetry and is inactive. 
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dl-[Co(en);]Cl, 


silver d-tartrate 


AgCI 4 [Co(en)4]CI tartrate 
in solution 


evaporate to 
crystallization 


crystals solution 
d-form I-form 
> evaporate 
+KI | recrystallize further 
+KI 


а-{Со(еп) ›]1› {-[Со(еп)›]1› 


FIGURE 13.16 Resolution into optical isomers of Co(en) 313 
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е 26045 еп 
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cis—violet form of [Cr(en),Cl,]* 


Cl 


en en ——————— no oxalato complex 


СІ 


trans— green form of [Cr(en),Cl,]* 


FIGURE 13.17. Differentiating between geometrical isomers by a replace- 
ment reaction with a bidentate ligand 


[PiCI]? - 
[vis 


N 
[PICI(NH,)] Нз, pig) BCL [PtCl,(NH,),] 
a 


|" “вото 


[P(NH;);en]?* [Pt(NH3),(OH),] 0 substitution (piC],'OH al 
a base B base 


[со 
no substitution 


[coz 
[Pt(NH4);C,0,] 
Hence the a form of [РЕСІ (NH );] is cis and the ff form is trans. 


FIGURE 13.18. Stereoisomerism in square planar complexes of platinum 
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with Co—O-N-0O bond 


with Co- N^ 
“O 
nitro- and 


FIGURE 13.19 Linkage isomerism: 


cobalt(II) 


nitrito-peniammine- 


a bidentate ligand. Such a ligand can replace two mono- 
dentate ligands lying cis but not two lying trans, as they are 
too far apart. Figure 13.17 shows an example of such a 
reaction scheme. It must be noted that such proof of con- 
figuration by reaction are not fully definite, as chang* of con- 
figuration may occur during reaction. The final proofs 
depend on structural evidence, usually from crystallography, 
although other techniques such as nmr may be uscful on 
occasion. 

Stereoisomerism is not confined to octahedral coordina- 
tion, of course. Figure 13.18 illustrates a classic case of iso- 
merism among square planar platinum complexes. 

Other types of isomerism occur among complexes. The 
case of linkage isomerism in which a ligand can coordinate 
through one or other of alternative atoms has been exempli- 
fied above by the cases of nitro-nitrito and thiocyanate- 
isothiocyanate. The nitro-nitrito isomerization occurs in the 
same compound, for example, both forms of the cobalt- 
pentammine are known, Figure 13.19. Another example is 
provided by the NCS group, which is found bonded through 
either N or $ in certain compounds of palladium, platinum 
and copper. A good example is provided by the series 
LCu(NCS), which is brown, LCu(NCS)(SCN) which is 
yellow-green, and LCu(SCN), which is deep green. Here, 
L may be one of a number of bidentate nitrogen ligands. 

A number of other types of isomer have been defined but 
the names are of little importance. Some examples are given 
in Table 13.16. 


TABLE 13.16 Further types of isomerism in complexes 
эры qc nd MM NNNM 
(a) [Co(NH;)4Cl;]NO; and [Go(NH,),4Cl(NO,) JCI 


[Pt(NH,),Cl,]Br, and [Pt(NH,),Br,]Cl, 


(b) [Co(NHs)6][Cr(CN),] and [Cr(NH )4][Co(CN),] 
СРН (NH;),J[ P CI,] and (Pr (NH, ),CI; [Pi CL,] 


(c) [Pt(NH,),Cl,] and [Pt(NH,) 4] P(CI,] 
——ÓÀ a — 
a) is the case of isomers with one group either as a ligand or as а counter-ion; 
b and €) show different cases of polymerization or coordination iso- 
merism. Here, isomers of the same analytical formula contain species of 
different coordination, oxidation state, or degree of polymerization 
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13.9 Mechanisms of transition metal reactions 
A number of different classes of reaction of transition element 
complexes exists and we review some of the better-established 
cases. 

The simplest type of reaction is that of oxidation-reduction 
by electron- i-transfer. For example, if a mixture of ferricyanide, 


Fe(CN)$ 7, and ferrocyanide, Fe(CN)é~, is made, and if an 
існа В lost from the Fe(CN)$ ion and gained by the 
Fe(CN)2~ ion, an oxidation-reduction reaction has taken 


place, even though there is no change in the overall composi- 
tion of the mixture. The presence of such reactions is most 
readily demonstrated by making one of the components with 
a radioactive isotope. If the radioactivity is found, at a later 
time, to be spread between both components the reaction is 
indicated (star indicates the radioactive isotope) 


*Fe(CN)$^ --Fe(CN)2- = *Fe(CN)2- + Fe(CN)é- 


As there is no nett change in the reaction mixture, there is no 
heat change in such a reaction. There is, however, a require- 
ment for activation energy. This is because the Fe— CN bond 
length in ferricyanide is shorter than that in ferrocyanide. 
Thus the simple electron. transfer between ions in their 
equilibrium configurations would produce ferrocyanide ions 
with compressed bonds, and ferricyanide ions with extended 
ones, that is the product ions would be vibrationally excited. 
The electron transfer takes place between matched ions, thus 
there is an activation energy required to stretch the bonds in 
ferricyanide and compress those in ferrocyanide to the inter- 
mediate matching configuration, by vibrational excitation. 
The matched anions must approach closely, but they do not 
have to be in actual contact for the electron transfer to occur. 

Similar electron transfer reactions occur for a variety of 
matched ions, such as MnO; /MnO2^ p 
ganate), IrCl2~/IrCl3- or Mo(CN)g~/Mo(CN)$~. The 
indications of the electron transfer mechani are, first, that 
the reaction is second order (that is, the rate is a function of 
the concentration of each ion) and, second, the reactions are 
much faster than ones involving ligand exchange which are 
discussed below., Electron transfer reactions are favoured by 
the presence of ligands like cyanide or phenanthroline which 
allow electron delocalization from the metal through a con- 
jugated system. 

A slower group of electron transfer reactions is that 
exemplified by the Co(H50)2 * /Co(H;O)2* system. Here, 
not only are the bond lengths different in the two oxidation 
states, but cobalt(III) is spin- paired with configuration tS. 
While cobalt(II) is high spin in the hydrate, configuration 
tog е2. Thus electron transfer between the ground state con- 
figurations would yield excited electronic states in the 
products as shown by the first row of configurations below 
the equation. 


*Co( H,0)2 + + Со(Н,0)2+ = та *Co(H,0)2* +Co(H ,0)3* 
ground state initial configurations 
ts DA ове 5% 
pre-excitation needed 
6 
ti е6 


То overcome this, a further excitation energy is needed 
to produce an excited electronic configuration, such as that 
shown in the second line below the equation, in addition 
to the vibrational excitation needed to adjust the bond 
lengths. Thus, electron transfer reactions which involve 
changes in spin pairing need a higher excitation energy, and 
are slower than those which require only the matching of 
bond lengths. 

A related class of reactions is that where oxidation- 
reduction takes place by electron-transfer accompanied by transfer 
of a ligand. In the transition state, the transferred ligand 
(sometimes in conjunction with other species) forms a link 
between the two metals, e.g. L&Cr— Cl — CoL,. This type of 
mechanism is often termed inner sphere or bridged. Such 
reaction mechanisms are most readily established when the 
complex to which the ligand is transferred is substitution-inert. 
The rates of substitution processes vary enormously. For 
most d configurations substitutions take place very rapidly, 
but one or two configurations are substitution-inert, that is 
to say, reaction times are measurable in hours or days rather 
than in fractions of a second. Note that this inertness has 
nothing to do with the thermodynamic stability of the 
reactants or products but is a question of the reaction rate. 
The most common inert configurations are d? and 4$, for 
example Cr(II), Co(II), Mo(III), W(III), Re(IV), 
Rh(III), Ir(III), Ru(II), Os(II), Pd(IV), and Pt(IV). One 
striking example, used by Taube, is the study of the oxidation 
mechanism by using chromium(II) oxidized to chrom- 
ium(III). As the latter is substitution-inert, any transfer of 
an atom or group during the oxidation process will be 
detected by its appearance in the chromium(III) complex. 
For example, in the reaction 


Cr(H,O)2* + Co(NH4),X?* 


Cr(II) Co(II) 
= Cr(H,0),X?* + Co(NH3)5(H20)?* 
Cr(III) Co(II) 


the transfer, in the oxidation process, of the group X has 
been demonstrated for X^ = halide~, NCS~, №, 8027 
and PO}~. Although the equation has been balanced by 
giving the cobalt(II) product as the pentammine hydrate, 
exchange in the labile cobalt(II) complex means that the 
hexahydrate would be recovered if the reaction was carried 
out in water. 

The electron transfer reactions make up one group of 
transition metal reactions, the other major class are ligand 
substitution reactions. The mechanisms of ligand replacement 
reactions may be discussed in the light of ligand field theory. 
Two limiting modes of reaction for an octahedral complex are 
conceivable: either a ligand may be removed, leaving a five- 
coordinated intermediate which then picks up the substitut- 
ing ligand, or else the incoming ligand may become coordi- 
nated to the original complex, giving a seven-coordinated 
intermediate, which subsequently expels one of the original 
ligands. That is, either: 


MX, 22% мх, X MX,Y (13.1) 
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or, 


MX,4-Y 2 MX,Y > MX,Y (13.2) 


The first labelled Syl (substitution, nucleophilic, first order) 
and the second Sy2, as it is second order. That is, the rate of 
Syl reactions is governed by the first, dissociation, step which 
is far slower than the subsequent uptake of Y, so that the rate 
law is simply 


d[MX;Y] 
dt 
It should be noted that reaction (13.1) is almost in- 


distinguishable from that in which the solvent, S, enters the 
sixth position and is then displaced by the incoming ligand 


= [MX] (13.3) 


МХ,+5 “> MX,S “5 MX,Y (13.4) 
The rate law for (13.4) would be 
му] = K[MX,][S] (13.5) 


and, as the concentration of the solvent is effectively constant, 
K[S] may be replaced by a constant А”, giving equation 
(13.5) the same form as (13.3). 

In the 5,2 reaction, again making the reasonable assump- 
tion that the first step is slow and the expulsion of a ligand 
from the seven-coordinate intermediate is fast, the rate law 
would be 


МХЗ] L Mx qp] 


(13.6) 
Whether a given Y will replace any particular ligand is 
governed by the usual balance of energies with the additional 
factor of the change in CFSE. If the latter is an important 
factor, it will allow not only a prediction of whether the 
substitution will occur but also a prediction of the path. The 
CFSE of the five- and seven-coordinated intermediates may 
be calculated and the most likely path determined. Consider 
the case of substitution in a low-spin cobalt(III) complex 
(which has six d electrons and a strong CFSE contribution). 
It may be shown that the possible intermediates have the 
CFSE values shown (all given in terms of the octahedral 


splitting AE) : 


pentagonal trigonal — square 

Shape: octahedral — bipyramid bipyramid pyramid 
(7) (5) (5) 
СЕ$Е: 24 1-55 1-25 20 


The square pyramid therefore corresponds to the lowest loss 
of CFSE of all the possible intermediates in this case, the loss 
being equal to about 92 kJ mol~! if the ammine complex is 
the case in point. It can be calculated that the total activation 
energy for substitution in the cobalt(III) hexammine complex 
ion ranges from 521 kJ mol"! for the trigonal bipyramidal 
intermediate, through 431 kJ mol`! for the pentagonal bi- 
pyramid, to a range between 25 and 395 kJ mol"! for the 


square pyramid depending on whether the empty site in the 
last case is occupied by a solvent molecule or not. Thus the 
CFSE variation accounts for about 50 per cent of the total 
activation energy in each case. It would be predicted that the 
mechanism involving the five-coordinated square pyramidal 
configuration for the intermediate is the most likely and the 
activation energy found by experiment, about 140 kJ mol^ !, 
appears to bear this out. 

It must be borne in mind that, while the kinetic study of 
reactions is a valuable guide to mechanisms, the order of the 
reaction is not necessarily the same as the molecularity of the 
critical step in the reaction path. One example is provided 
by systems where a rapid equilibrium is first set up 


slow 


MX, Y = MX,.Y 0% MX.Y+X ... (13.7) 


and the slow step is the elimination of X from the inter- 
mediate, associated, species МХ,.Ү. The actual rate- 
determining step is the slow one, which is unimolecular but 
the rate law will involve the constants for the forward and 
reverse steps of the equilibrium and the concentration of both 
MX, and Y: that is, the rate law will have the overall form 
of a second order reaction. In this case, the MX,.Y does not 
involve coordination of Y to M but denotes some association 
with a definite lifetime, such as the formation of an ion pair. 
Such species become especially important when reactions 
are carried out in less polar solvents than water, such as 
acetone or methanol. 

A further important class of reactions exists which are 
apparently Sy2, but where the basic step is unimolecular, 
and the overall kinetics result from the combination of this 
step with a pre-equilibrium. This is the class of reactions 
where the attacking ligand is ОНТ and there is a replaceable 
hydrogen present in the ligands on the metal. Thus the reac- 
tion 
Co(NH3)sCl?* +ОН- = Co(NH;),OH?* +C17 
obeys the rate law 

d[Co(NH;),CP * ] 

dt 
(note that in the rate equation the square brackets indicate 
concentrations). Such reactions are about 10° more rapid 
than most ligand replacements. It is believed that this 
reaction is not S42, but instead involves the initial abstraction 


of a proton from one of the ammonia ligands in a fast 
pre-equilibrium, 


(13.8) 


= К[Со(№Н,),СР * [ОН] (13.9) 


Co(NH,),CI^* +ОН- = Co(NH;),(NH;)CI*  H,O 
(13.10) 


and this is followed by a slower, rate-determining step 
involving the expulsion of chloride from this amide complex 
ч x + Юм &. { ion 
Co(NH;),(NHj)CI* —> Co(NH3),(NH;)?* + Cl 
(13.11) 


and the five-coordinate amido-intermediate rapidly reacts 
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with water to give the hydroxy complex 


f 
Co(NH;)s(NH3)?* +H,O = Co(NH;),(OH)?* (13.12) 


Thus the rate-determining step is unimolecular, but the rate 
law is second order, with a constant which is a combination 
of the forward and backward constants of reaction (13.10) 
and the constant for the slow step (13.11). Thus, the overall 
reaction (13.8) is the sum of (13.10), (13.11) and (13.12) 
obeying the overall rate law (13.9) but the critical step is 


lecular. As the amido-complex Co(NH;), (NH;)CI* 
conjugate base (see Chapter 6) of the starting complex 


Co(NH,);Cl?*, this mechanism is usually known as the 
Su! CP (substitution, nucleophilic, unimolecular, conjugate 
base) mechanism. Such reactions are found whenever OH ^ 
attacks a complex ion which contains ionizable hydrogen 


© remarks about mechanisms apply, of course, to 
coorcimations other than the octahedral one. In square 
planar complexes, an additional effect, the (rans effect, be- 
comes important. In reactions of square planar complexes of 
the general form: 


(MLX;)+Y = (MLX,Y)+X 


the group X which is displaced may be cis or trans to the 
ligand L and two isomeric products are possible, one or both 
of which may be observed. The common ligands may be 
arranged in an order of increasing ability to direct incoming 
substituents to a position trans to themselves: 


H,O < NH, < CI” < Вг- < NO; < CN- 


The knowledge of trans directing powers opens up methods 
of synthesizing desired compounds. Consider the method of 
synthesizing the cis and trans isomers of [Pt(NH3)2(Cl)2]. If 
the cis isomer is required, the starting material must be the 
tetrachloroplatinate ion: 


Cl al- [a NH Cl мн 
S o 9 0 
жар 


PN 
Cl N 


3 


н, 


The first ammonia enters to give Pt(NH)Cl3 and then, as 
the trans effect of the chloride ion is greater than that of 
ammonia, the second ammonia molecule enters trans to 
chlorine giving the cis isomer. To prepare the trans isomer, 
the starting material must be the tetrammine. In the inter- 
mediate Pt(NH3)4CI*, the trans effect of the chloride is 
greater than that of the ammonia, and the second chloride 
enters (rans to the first to give the trans isomer: 


HN мнр [нм а т (нї a 
® м л луч гн 2 А 
Pt —» Pt Pt 


ta bx 
н br. uw ^i] cl NH, 


The examples given serve only to illustrate the type of work 
which is being carried out in this field and are by no means 
even a complete summary of the known results. The field is 
obviously of importance for the understanding of transition 
metal chemistry as all reactions of transition elements in 
solution are reactions between complexes. Thus, when simple 
reactions involving transition metal ions in solution are 
discussed, the species actually involved are the complexes 
formed between ion and solvent molecule. 

For octahedral complexes, Syl mechanisms and electron 
transfers with or without ligand transfer are well established, 
together with those involving ion-pairing or conjugate base 
pre-equilibria which are unimolecular in their rate-deter- 
mining step, although following a second order rate law, 
such as equation (13.6) for the overall sequence of reactions. 
There is, however, little firm evidence of true Sy2 mechanisms, 
going through a seven-coordinate intermediate, for ligand 
substitution in octahedral complexes. In square planar 
complexes, and also in five-coordinate species, there is little 
steric hindrance to an increase of coordination number, and 
both Syl and S42 mechanisms are available for these lower 
coordination numbers. 

One mechanism which is related to this question is that 
of oxidative addition in which an increase in oxidation state is 
accompanied by an increase in coordination number. This 
occurs most readily where a low coordination number is 
stable in a low oxidation state of an element while a higher 
one is the preferred one for a higher oxidation state. One 
striking example is provided by platinum where the +11 
state is d? and found in square planar configurations while 
the +IV state is dê and most stable in the octahedral 
configuration (Table 13.12). Thus a change 


Р, +X, = POVL,X, 


is particularly favoured, compare section 15.8. Such a 
reaction may lead to oxidations by relatively unreactive 
species under very mild conditions, as in the reaction at 
room temperature and normal pressure 


Ir(CO)Cl(PPh;),+H, = Ir(CO)(H);Cl(PPh,),. 


13.10 Structural aspects of ligand field effects 

If the radii of divalent ions in a given Period are considered, 
it is found that the change of radius across a transition series 
follows a curve with two minima, such as that shown for the 
first transition series in Figure 13.20. A similar effect is 
observed for trivalent ions but the minima come one element 
later. A smooth curve may be drawn through the values for 
the radii of the d?, 45, and 4! ions representing the fall in 
radius with increasing number of d electrons as the increase 
in nuclear charge is imperfectly balanced by the shielding of 
a d electron (similar to the lanthanide contraction discussed 
in Chapter 11). The actual radii for the ions with empty, 
half-filled, and filled shells lie on this curve, as the d electron 
clouds are spherically symmetrical. The radii of ions cor- 
responding to other d configurations lie below this curve, 
and the largest differences are found for those ions with the 
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ionic radii 


Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn 


FIGURE 13.20 Radii of the divalent (----) and trivalent (——) ions 
of the First Transition Series 


largest excess of tz, over e, electrons. (The discussion and 
Figure refer here to high-spin configurations in the octa- 
hedral field —extensions to other cases are obvious, though 
less well documented.) Consider first the case of Ti?* 
(divalent scandium is unknown). In this ion, there are 
two d electrons and these lie in the ty, level, that is, іп orbitals 
which are directed away from the ligands. Electrons in such 
orbitals have only a slight effect in screening the nuclear 
charge of the transition ion from the ligands—a much 
smaller screening effect than if they were disposed in a 
spherically symmetric shell. It follows that the metal-ligand 
distance is shorter than if these two electrons were spherically 
distributed, thus the octahedral radius is shorter, when meas- 
ured, than that found by interpolation between the spherical 
4° and d* configurations. (It will be recalled from Chapter 2 
that ionic radii are derived from measured ion-ion or ion- 
molecule distances.) The difference between measured and 
interpolated radii is even greater for V* where there are 
three electrons in the t3, orbitals, and then the difference 
decreases for Cr?* with one electron in the e, set which is 
directed at the ligands. In (ће d* ion, Mn?*, the configura- 
tion is (3—2 which is symmetrical, and the radius lies on the 
d? —4'? curve, A similar pattern is repeated from d* to 4!9. 

Such a variation in radius will contribute a corresponding 
variation to the lattice energy of isostructural compounds ofa 
given formula involving transition metal ions. Such a lattice 
energy curve is shown in Figure 13.21. The lattice energy 
rises as the ionic radii fall, as the lattice energy is inversely 
proportional to the interionic distance, Thus, the points for 
the d°, 4%, and 41° ions lie on a smoothly rising curve, and 
those for intermediate configurations lie above this curve, If 
the crystal field stabilization energies are subtracted from 
the experimental values, the resulting points lie on the curve. 
Notice that the CFSE values and the effects on radii both 
result from the ligand field splitting and the resulting electron 
configuration. Whether the lattice energy values are re- 
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FIGURE 13.21 The lattice energies of the difluorides of the elements of the 
First Transition Series 
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FIGURE 13,22 The hydration heats of the divalent (----) and trivalent 
(——) ions of the First Transition Series 


garded entirely as an effect of CFSE or the radial effects are 
included depends on whether calculated or experimental 
values are used (calculated values already take account of the 
variation in radius). 

A similar curve is found if other thermodynamic values are 
considered. Figure 13.22 shows the hydration energies of the 


divalent and trivalent ions of the first row, that is the energy 
of: 


Mig + 6H;0,,, = M(H;O 


n+ 
| 6i gas) 


In each case, a curve with two maxima and à minimum at the 
4* configuration is observed, and the values fall on a smooth 
curve rising from d? to d'° when the CFSE values are sub- 
tracted from the experimental values. Notice that such à 
curve may be used in reverse to find the crystal field stabiliza- 
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tion energies for different configurations, and hence the 
value of AE. Such thermodynamically determined values of 
the ligand field splitting agree closely with those derived 
from spectroscopic data. 


13.11 Spectra of transition element complexes 

When only one d electron is present, a simple spectrum 
consisting of a single band is observed (Figure 13.4). The 
band is relatively broad both because the excited and ground 
states interact to some extent with their environment (usually 
with molecules of the solvent) and because the equilibrium 


bond lengths in the excited state would be greater than those 
in the ground state so that the upper state is produced with 
vibrational modes excited. These vibrational levels are too 


close to be resolved into individual bands but they give a 
general broadening of the d—d absorption. 

he offect of an octahedral ligand field on the d! ion may 
be shown as in Figure 13.23a. The to, and e, levels are 
separated more widely as the ligand field increases. The 
symbol ^D at the left is a symmetry label which describes 
the 4' configuration in the absence of the ligand field 
splitting. We shall use such symbols here simply as labels 
and readers who study this subject further will find out how 
they are derived and their full significance. 

Consider now the d? configuration in the octahedral field. 
We cen describe this ina way which is related to the descrip- 
tion of d' and use this as a method of determining the d? 
splitting diagram. In the ground state, d? can be regarded 
as derived from the filled 419 shell by forming a single hole 
in the e, levels. Thus d' has a single electron in the ty, level, 
outside a filled shell configuration, and d? has a single hole 


> 


ы 
о 


ЕМЕКСҮ 


(t3)! 
*4— — Increasing ligand field ——> 


FIGURE 13.23a Energy level diagram for the d' configuration in an 
octahedral field 
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FIGURE 13.23b Energy level diagram for the d? configuration in an 
octahedral field 
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in the e, level. In d?, when a ty, electron is excited to the c, 
level, the latter level becomes filled and the hole appears in 
the tj, level. Thus, the excitation may be described as the 
transition of a hole, that is, an electron vacancy, from the e, 
to the t5, level, while the 4! transition is described as the 
transition of an electron from t, to e,. Thus the transition 
in d? is shown on an energy level diagram which is the 
reciprocal of that for d! , as shown in Figure 13.23b. 

Consider now a tetrahedral field. Here, the lowest level is 
the doublet e level and the upper state is the triplet t, level. 
Thus the energy level diagram for d' configuration in a 
tetrahedral field is the reverse of d! octahedral, and there- 
fore qualitatively the same (though the AE value is only 
about 4/9) as that for d° octahedral. Similarly, d? tetrahedral 
is qualitatively the same as d' octahedral. 

Yet another related configuration is that of dî high spin. 
Here, each d orbital is singly occupied and the sixth electron, 
in the octahedral field, is in one of the tj, orbitals with an 
opposed spin. Now, transitions which require spin reversal 
are formally forbidden, and give rise to very weak bands if 
they can be observed at all, so that we may neglect any 
transition of one of the set of five electrons with parallel 
spins. Thus the only band we are likely to observe is that due 
to the excitation of the single antiparallel electron from the 
t3, level to the e, level. Thus the energy level diagram for d? 
high spin in the octahedral field is the same as that for d! in 
an octahedral field. 

In a similar manner, the high spin d* configuration in the 
octahedral field may be described, by the hole formalism, in 
exactly the same way as d° octahedral. Furthermore, d° 
tetrahedral and d* tetrahedral are qualitatively described 
by the same diagrams as, respectively, d* octahedral and d° 
octahedral. 

Thus, to summarize, by combining Figures 13.23a and 
13.23b into one, as shown in Figure 13.24 we can describe 
all those configurations with one electron in excess of an 
empty or half-filled d shell and, by the hole formalism, all the 
configurations with one electron less than a half-filled or 
filled d shell. This description applies both to the octahedral 
field. and to the tetrahedral field which causes the reciprocal 
splitting. Thus Figure 13.24 describes qualitatively the effect 
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FIGURE 13.24 Combined energy level diagram for single-electron or single- 
hole configurations in octahedral and tetrahedral fields. 

The zero crystal field level is shown at the origin and the left portion 
is the reciprocal of the right hand one. Such diagrams are termed 
Orgel diagrams after their originator. 
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of the ligand field on d' octahedral, 4° octahedral, 4* tetra- 
hedral and d? tetrahedral, by the portion to the right of the 
origin, and on d* octahedral, 4? octahedral, d! tetrahedral 
and 4° tetrahedral by the portion to the left of the origin. 
For all these configurations, there is only one state above the 
ground state, separated by AE, so that there is only one 
transition and it occurs at a position in the spectrum corre- 
sponding to AE. 

If the d? configuration is now considered, the energy level 
diagram is found to be more complicated. This is because, 
while the spin and orbital quantum numbers of a single 
d electron give rise to only one state, the 7D state above, the 
combinations of these quantum numbers for two d electrons 
give rise to four different states. Some of these have the two 
electron spins antiparallel, so that transition to them would 
involve spin reversal. These states may therefore be neglected 
and we are concerned with two states for d?, which are 
labelled ?F (the ground state) and ?P and are shown in the 
centre of Figure 13.25. In an octahedral field, the ?F state 
splits up, in a similar manner to the ?D state in Figure 13.23, 
but into three components while the ?P state remains unsplit. 
Furthermore, interaction between the levels derived from 
ЭЕ and ЭР causes some of these levels to curve away from each 
other, to give the dependence of energy level on ligand field 
which is shown in Figure 13.25. This interaction depends on 
a single parameter, B—the Racah parameter—and this may 
be evaluated in the course of the assignment. Thus, the 4? 
diagram, for an octahedral field, has three states above the 
ground state to which an electron may be excited without 
changing its spin. This means that the spectrum of a 4? 
complex contains three bands, in place of the single band of 
d', and the positions of these three bands together give the 
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FIGURE 13.25 Combined Orgel diagram for two-electron and two-hole 
configurations in octahedral and tetrahedral fields. 
The multiplicities are, for d? and d, п = 3 and for d? and 47, 
n = 4, States of lower multiplicity are omitted. On the d? octahedral 
side of the diagram, the upper state which is derived from the *P 
interacts with the highest level derived from the *F and these levels 
curve away from each other. The other two levels derived from *F 
do not interact with any other and vary linearly with the ligand 
field. 

On the d? octahedral side of the diagram, the same two states 
also interact (derived now from °P and °F) but, as the ЗЕ state is 
now the lowest onc, the interaction is less marked. 
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cm^! 
FIGURE 13.26 The electronic spectra of Ni(H,O)2* (———) and 
Ni(NH3)é* (----). 


Each shows the three bands expected for a d* system, correspor iding 
to AE = 8500 cm“! for the hydrate and AE = 11 300 ст ' for 
the ammine. The curve is idealized: the experimental spectrum 
shows a splitting for the middle band. 


value of the ligand field for the complex. By the same argu- 
ments that applied to d', the energy level diagram is 
qualitatively the same for d? octahedral and for d” octahedral 
(high spin) and also for d? tetrahedral and d? tetrali гаї, 
while the reciprocal diagram applies to d? and d? octahedral 
and also to d? and 4 tetrahedral. All these levels arc shown 
in Figure 13.25. A d? spectrum is illustrated in Figure 13.26. 

Finally, the d? high spin configuration has all 4 orbitals 
half-filled with parallel spins in the ôS state. Any electron 
transition must involve spin reversal so that the d—d bands 
in a d? complex, such as a manganese(II) compound, are 
very weak. There are four excited states which involve only 
one spin reversal, and these split up into a total of ten states 
in the ligand field. Thus, а 25 complex might show anything 
up to ten very weak absorptions in the visible and ultraviolet, 
but since these transitions are formally forbidden, their 
intensities are about 100 times weaker than normal 4—d 
transitions in an octahedral field. Hence most d? compounds 
look almost colourless, witness the very pale pink of the 
majority of manganese(II) species. 

A further point about intensities is the difference between 
octahedral and tetrahedral complexes. A further sclection 
rule forbids transitions between states with the same sym- 
metry with respect to a centre of inversion (see Appendix C) 
and this applies to octahedral complexes but not to tetra- 
hedral ones as the tetrahedron has no inversion centre. Thus 
tetrahedral complexes are commonly more strongly coloured 
than octahedral ones, as in the case of the cobalt(II) com- 
plexes where the blue of the СоС127 species is much more 
intense than the pink of the octahedral aquo complex, 
Co(H;O)$*. All these intensities are much less than those of 
fully allowed transitions, see section 7.6, so that 4—4 transi- 
tions are only observed where allowed bands of the ligands 
or of the total complex are sufficiently far into the ultra- 
violet that they do not swamp the weaker d—d bands. 

Low spin complexes may be analyzed in a similar way to 
the above, although the detailed arguments are more difficult 
and will not be treated here. Further effects found in the 
spectra must also be considered in a full discussion. For 
example, Jahn-Teller effects may cause absorption bands to 
split, as also will interaction between orbital and spin angular 
momentum. However, all these effects may be taken into 
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account and it is found that experimental spectra agree well 
with those predicted by application of ligand theory. 

The major effects in the spectra of transition complexes 
may be summarized as follows. For configurations d" where 


n = |, 4, 6 and 9, one band is expected and its position gives 
AE directly. Configurations with n — 2, 3, 7 or 8 give rise 
to three bands whose positions depend on two parameters, 
АЁ and B, the latter measuring the interaction between 


energy levels derived from F and P states. As there are three 
bands depending on only two parameters, both AE and B 
may be evaluated unambiguously. Finally, when л = 5, a 

:rger number of transitions may be observed which 
may be analyzed to give the value of AE. Low spin con- 
figurations for л = 4, 5, 6 and 7 may be similarly analyzed 
to give AE values, though the treatment is more complicated. 


much 


Apari from allowed transitions, the most intense absorptions 
are found in tetrahedral complexes, those in octahedral 
species are weak, while transitions in any d? high spin 
complex are extremely weak indeed. 


1312 х bonding between metal and ligands 

Phe molecular orbital discussion of section 13.3 is readily 
extended to include x bonding between metal and ligands. 
Such л bonding helps to account for a number of the 
properties we have discussed, such as the positions of some of 
the members of the spectrochemical series and the existence 
of complexes of metals in low oxidation states where the 
charge would not provide the attractive forces required in the 
crystal field theory. 

Let us consider an octahedral complex: similar consider- 
ations will apply for other shapes. 

л bonds may be formed between ligand orbitals of suitable 
symmetry and metal d orbitals of the tg, set or metal р 
orbitals. The most important interaction is with the t», set, 
and Figure 13.27 shows typical examples of the in-phase 
bonding components formed with ligand p or d orbitals. 
Clearly such orbitals will concentrate electron density 
between the metal and the ligands and form л bonding 
orbitals. The corresponding out-of-phase interactions will be 
antibonding. 

Other л interactions are possible, such as those of tiu 
symmetry involving the metal p orbitals (Figure 13.31), but 
these are less significant and can be neglected in a simple 
treatment. There are also combinations of the ligand z 
orbitals (labelled tig and tgu) which are the wrong symmetry 
to combine with any metal orbitals. We neglect these also, 
and discuss only the three ligand combinations of the t5, set. 

There are two cases to consider (a) where the ligand 7 
orbitals are empty and of relatively high energy and (b) 
where the ligand 7 orbitals are filled and relatively stable. 
Examples of (a) include phosphines, PR3, or sulphur ligands 
like SR, where the ligand л orbitals are the empty 3d 
orbitals on P or S. Examples of (b) are fluoride or oxide 
where л bonds can potentially be formed using the filled p 
orbitals not involved in sigma bonding. 

(a) Acceptor п ligands When the ligand л orbitals are empty, 
they will commonly be of higher energy than the metal d 
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FIGURE 13.27 л bonding involving t», orbitals 
(a) with ligand p orbitals, (b) with ligand d orbitals. Similar 
components occur in the xz and yz planes. 


orbitals. The appropriate energy level diagram is shown in 
Figure 13.28. The effect of the 7 interaction is to produce the 
orbitals, labelled z, which are more stable than the originally 
non-bonding metal t», levels together with the corresponding 
л* orbitals which lie among the other antibonding levels. The 
precise relationships among these orbitals will, of course, vary 
from one compound to the next. 

Since the ligand л orbitals are empty, there are no more 
electrons to place in this scheme than there were in that of 
Figure 13.7, where only sigma bonds were formed. 

Thus the effect of the additional л interaction in this case is 
to increase the separation, AE, between л and ef compared 
with that between ty, and еў in the simple case. Thus ligands 
with empty orbitals capable of forming л bonds will have a 
large value of ЛЕ, and lie to the right of the spectrochemical 
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FIGURE 13.28 Energy level diagram for the molecular orbitals in an 
octahedral complex where pi-bonding to acceptor ligand orbitals occurs 

The important effect of pi-bonding is to lower the to, orbitals and 
thus increase AF, 
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FIGURE 13.29 Pi-bonding involving acceptor orbitals on the ligand 
(a) СМ”, (b) phosphine. 


series. This explains the positions of ligands such as the 
phosphines, ог of CN~ which accepts into the empty z* 
orbitals (Figure 13.29). Note in this latter case that although 
the л* orbitals are antibonding as far as the interaction 
between C and N is concerned, the total M—C—N л 
interaction is bonding overall—the increase in M-C 
stabilization exceeds the loss of C —N stabilization. 

This type of interaction involves the transfer of charge 
from the metal to the ligands as electrons which would have 
been entirely on the metal in to, non-bonding orbitals are 
now shared in the л orbitals. Thus the metal can be regarded 
as a donor and the ligands as charge acceptors. This inter- 
action clearly serves to offset the build up of charge on the 
metal which occurs in the sigma bonding. We come back to 
this in the discussion of carbonyl compounds in Chapter 16. 
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FIGURE 13.30 Energy level diagram for molecular orbitals in an octahedral 
complex where pi-bonding occurs from donor ligand orbitals 

Here (contrast Figure 13.28) the pi interaction lowers the filled 
ligand pi levels to the molecular л orbitals, leaving the molecular z* 
orbitals to hold electrons originally in the tg, level. Thus AE is 
decreased. 


(b) Donor x ligands When the ligand л orbitals are filled, 
they will commonly be of very similar energy to the sigma 
levels, and will be more stable than the metal tog levels. The 
appropriate change from Figure 13.7 is thus that shown in 
Figure 13.30. The ligand z orbitals interact with the tog level 
to form л orbitals in the complex which are more stable than 
the ligand level and z* orbitals in the complex which are less 
stable than to. The energy gap, AE, between z* and ex is 
thus less than that between tog and ef. 

Let us place electrons in this energy level diagram. The 
sigma bonding levels are filled as before (section 13.3). Since 
the ligand z levels are filled, we have these six electrons to 
accommodate and, if we regard them as entering the 
molecular z level, their stabilization compared with the 
ligand z levels will be the main driving force in forming the 
complex. However, the remaining non-bonding metal d 
electrons must enter z* and ef, corresponding to the 
situation of weak ligand field complexes. 
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FIGURE 13.31 Possible n bonding involving p orbital. 
One component of the t,, set. tens 
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This type of reaction involves transfer of charge from the 
ligand to the metal both in the sigma and in the pi 
interactions. It is therefore favoured by a high formal charge 
on the metal, ie. by a high metal oxidation state. It is not 
always clear whether z donor behaviour occurs, but it is more 
likely to contribute in, say, the nickel(IV) species NiF2~ than 
in the nickel(II) one, NiFé7. 

The discussion above applies to other shapes, such as 
square planar or tetrahedral, with differences in detail but 
with the same general effect on AE: (a) empty z orbitals on 
the ligand increase AE, correspond to ligands to the right of 
the spectrochemical series, and are commonly involved with 
the lower oxidation states from III downwards, (b) if full л 
orbitals on the ligand are delocalized onto the metal AE is 
decreased corresponding to ligands on the left of the spectro- 
chemical series, and such л bonding commonly occurs for 
high oxidation states especially in oxyanions such as CrOZ 7 
or MnO,. 

in all shapes, z bonding can also involve the metal p 
orbitals, or molecular orbitals derived from them like the t;, 
levels of an octahedral complex. An example is shown in 
Figure 15.31. Such interactions are less significant as they 
involve less stable orbitals and so contribute less to the 
stabilization. They are included in more detailed treatments, 
particularly of excited states. 


PROBLEMS 


This chapter is mainly concerned with the properties of the а" 
electrons of a transition element while Chapters 14 and 15 
discuss their detailed chemistry. A great deal of reference 
back and forward between these chapters will be needed. 

A first reading should concentrate on sections 13.1 to 13.5. 


13.1 General: for each oxidation state of each element (as 
discussed in Chapters 14 and 15), decide the d configuration 
and hence use Chapter 13 to determine the expected 
configuration, stability, magnetism, reactivity and spectro- 
scopic properties. Conversely, from Chapter 13 decide which 
configurations are expected to be stable or otherwise and 
determine from 14 and 15 how far these predictions are 
reasonable. 


13.2 Draw a diagram analogous to Figure 13.1 for the case 
ML, where the ligands form an equilateral triangle around 
M (choose z as the axis perpendicular to the ML; plane). 


13.3 Would Figure 13.3 be altered by choosing new x and y 
axes at 45° to the ones used in Figure 13.2? 


13.4 Calculate CFSE values for M(H,0)3* and М(СМ)$ 7 
ions of the first series elements (compare Tables 13.6 and 
13.7). Estimate the corresponding values for M(H,0)3* 
(tetrahedral). 


13.5 Calculate the change in CFSE on oxidizing М?* to 
M?* in water for V, Cr, Mn, Fe and Co. 


13.6 The experimental magnetic moments (Bohr mag- 
netons) of a number of complex ions are listed. Comment 
on (a) the d electron configuration and (b) the validity of the 
‘spin only’ formula. 


Moment Complex 
1:8 ті(Н,О) + 
r8 Со(№О,)- 
2.9 Mn(CN)é* 
3-8 Cr(H,0)3* 
48 Cr(H,0)2* 
51 Co(H;O)2* 
5:9 Mn(H,0)2* 


13.7 Draw out each of the orbital combinations of a square 
planar complex ML,, as was done for octahedral ML, in 
Figures 13.5 and 13.6. Thus draw up a full qualitative orbital 
diagram for ML, corresponding to Figure 13.7. 


13.8 Itis thought that the crossover point between high- and 
low-spin Co(III) comes just at Co(H,0)3*. Use this to 
evaluate K (Table 13.8). Assuming K is constant for the 
elements of the first transition series, decide which of the 
complexes in Table 13.6 are likely to be low spin. 


13.9 It is valuable to see the relations across the transition 
series of the major energy parameters. For the elements Ca to 
Zn, plot Ist, 2nd, and 3rd ionization energies (from Table 2.8) 
against atomic number. Compare the curve for /, with figures 
13.20 to 22. 


13.10 Thecurves for /, and /; in question 13.9 are less regular 
than the discussion of this chapter would indicate. One reason 
arises from the variation in electron configuration between the 
4s and 3d orbitals. While /; is for the loss ofa d electron for each 
element, Z, arises from 3d"4s! to 3d4s° for Ca, Sc, Ti, Mn, Fe, 
and Zn but for the remaining elements, there is no electron in 
the 4s orbital in the M* ion and the ionization refers to the 
loss of a d electron. By plotting the 45! loss for the above six 
elements, and assuming a smooth curve, estimate the energy 
differences between the 3d"4s! and 34" * !45? configurations 
for the other elements. 

Plot the sum of /, +/, against atomic number. Which 
elements are anomalous? What is your estimate ofthe relevant 
excitation energies? 


13.11 Carry out the same exercise as in questions 13.9 and 
13.10 for the second transition period, and discuss the results. 


Note to questions 13.9 to 13.11. After you have completed these 
exercises, consult the valuable article by P. F. Lang and B. C. 
Smith in Education in Chemistry, March 1986, 50—53. (Note: 
these authors use the ionization number derived by dividing the 
ionization energy in wavenumbers by the R ydberg constant to 
get a dimensionless number, which is often convenient.) 


14 The Transition Elements 


of the First Series 


14.1 General properties 

The transition elements of the first series, dealt with here, are 
those elements, from titanium to copper, where the 34 level is 
filling. Table 13.2, in the last chapter, shows their oxidation 
states, while Tables 13.3—13.5 give their oxides, fluorides, 
and other halides. Other properties which are listed earlier 
include the electronic configurations, Atomic Weights and 
Numbers (Table 2.5) and the Ionization Potentials (Table 
2.8). Some values of the Redox Potentials, especially of 
species used in quantative analysis, are given in Table 6.3. 
The free energy diagrams of all the elements are shown on a 
small scale in Figure 14.1 so that a general comparison may 
be made. The individual diagrams for important systems are 
given on a larger scale in the later sections. 

The lists of the oxides and halides and the free energy 
diagrams give largely complementary pictures of the stabili- 
ties of the various oxidation states, in the solid state and in 
aqueous solution respectively. At titanium, the Group 
oxidation state of IV is the most stable and the lower states 
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FIGURE 14.1 Oxidation state free energy diagrams of =i 
the First Transition Series elements 

It is clear that the Group Oxidation state be- * 
comes increasingly unstable towards man- 
ganese. Thereafter, all states above III are 
unstable, and the variation in the relative 
stability of the II and III states (and I for 
copper) is of most importance. (Compare section 
8.6.) 


become increasingly reducing. Moving along the series, the 
Group oxidation state becomes more unstable and more 
oxidizing so that, at manganese, only a few compounds of the 
VII state are known and all are strongly oxidizing. Beyond 
manganese, the Group state disappears and only a few, un- 
stable, strongly oxidizing states greater than III exist. Among 
the lower states, either the II or the III state is the most 
stable state from chromium onwards, and the relative 
stability of these two states varies with the number of d 
electrons as was indicated in the last chapter, with the II 
state finally becoming the most stable at nickel and copper. 
This variation in stability is shown up in the free energy 
diagrams by the increasing height above zero of the Group 
state up to manganese, and by the increasing instability of the 
III state at the right of the Figure. (See also section 14.10.) 
Oxidation states which lie between the Group state and the 
П or ПІ states have a tendency to disproportionate. Some of 
them, such as Cr(IV) and (V), and Mn(V) and (V1), are 
very rare and poorly represented. The one state of moderate 
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stability among these intermediate ones is manganese(IV), 
which owes part of its importance in chemistry to the in- 
solubility of MnO, in neutral or basic solution. 

All the elements of the first transition series are common 
and all are important commercially, titanium and copper in 
their own right, and the others largely as constituents or 
coatings of iron and steel. Most are produced in the blast 
furnace, and very pure nickel is produced in the Mond 
process (section 14.8). High grade copper for electrical 
applications is prepared by electrolysis. 

The metals are reactive and electropositive with both pro- 
perties decreasing towards the right of the series. However, a 
number form a thin layer of coherent and impermeable oxide 
on the surface and so resist attack. In particular, this is the 
action of chromium, hence its use in chromium plating to 
protect iron. 

The 3d cations are relatively small, so that the charge 
density on an ion like Fe?* is high. In water, the ion is 
strongly hydrated as Fe(H5O)2 *, and the cation withdraws 
electron density from the water molecules to allow ionization: 


Fe(H4O)2* + H,O = (H,O),Fe(OH)* - HO*. 


As a result, hydrates act as acids and their existence 
depends on the charge density. In particular, no transition 
element forms a simple M** ion and M(H;O)$* species 
require strong acid media to prevent deprotonation. The 
divalent hydrates do exist in more neutral media. Thus, while 
itis often convenient to write M?* or even M** species, this 
should be seen only as а shorthand for all the 
hydrated/hydroxy species in solution. When more than one 
OH group is present, a water molecule may be eliminated, 
forming an oxy species. Thus the di-hydroxy-vanadium (IV) 
ion, [V(OH);(H,O),]?*, goes to [VO(H5O)s]?*, often 
written simply as VO?* [called vanadyl(IV)], and the 4- (V) 
species [V(OH),(H,O)4]* gives the vanadyl (V) species 
[VO;(H;O),]* or VO}. The OH groups, or the О group 
formed by water elimination, may bridge between two metal 
atoms leading to progressively more complex and polymeric 
species until eventually the hydroxide, or hydrated oxide, 
precipitates. Thus in moderately basic media, 
chromium(III) exists as hydrated Cr(OH)?*, Cr;(OH)2*, 
or Cr3(OH)3*. 

The transition elements form non-stoichiometric hydrides, 
carbides, oxides, and similar compounds—often termed 
interstitial—where the small atoms are incorporated into the 
metallic lattice. It is now known that, although the metal 
atom arrangements in such compounds are commonly in one 
of the forms characteristic of metals (cubic or hexagonal close 
packed or body-centred cube), the arrangement of the metal 
atoms in the interstitial compound is rarely the same as that in 
the metal itself. The best theory of these compounds regards 
the included atoms as ‘metallic’. They show larger coordin- 
ation numbers than normal—e.g. six for carbon in TiC— 
and contribute valency electrons to the common pool of 
delocalized electrons in the metallic bonding (see also the 
discussion of metallic hydrides, section 9.4). Interstitial 
compounds show many metallic properties—hardness, met- 
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allic appearance, high conductivity with negative tempera- 
ture coefficient, high melting point—which support this 
view. The interstitial compounds are among the hardest 
known and show extremely high melting points, ¢.g.: 


m.p., °C hardness, mohs 
Tic 3140 8-9 
НГС 4160 9 
WC 3130 9-10 


The binary compound 4TiC + ZrC has the highest recorded 
melting point of 4215 °C. (The hardnesses given above are 
on Moh’s scale on which diamond = 10). The earlier 
metals, of the titanium, vanadium, and chromium Groups, 
form interstitial compounds with small metal-nonmetal 
ratios, such as MC, M,C, MN, or MH, (all the formulae are 
idealized, nonstoichiometry marks most of these phases), 
and these have regular structures. Thus the MN and MC 
compounds are sodium chloride structure and the M,C ones 
have defect NaCl structures. These compounds are very 
unreactive. 

The elements of the later Groups form less well-defined 
compounds with complex metal-nonmetal ratios such as 
Fe4C or Cr;C3. Such compounds are similar in general 
physical properties but are much more reactive chemically. 
They are attacked by water and dilute acids to give hydrogen 
and mixtures of hydrocarbons. 

Borides, and also silicides, are similar to the carbides and 
nitrides in structures and properties. These provide a link 
between the interstitial compounds and metal alloys. 


14.2 Titanium, 30/2452 

The free energy diagram for titanium is shown in Figure 14.2. 
The titanium(IV) state is the most stable one and is well- 
characterized with a wide variety of compounds. The III 
state is reducing but reasonably stable; in water, it is a 
reducing agent somewhat stronger than tin(II). The П 
state is very strongly reducing. The only solid compounds are 
unstable polymerized solids and it rapidly decomposes 
in water. 

Titanium metal is used in high-performance situations 
where a high strength/weight ratio is needed. It is also 
resistant to corrosion in harsh environments. Titanium is 
prepared by calcium or magnesium reduction of TiCl,. Since 
Ti reacts readily to form the nitride, carbide, or hydride, 
which are all brittle compounds which ruin the metal quality, 
the final step in the commercial reduction is carried out in an 
atmosphere of argon. This was the first large-scale use of a 
rare gas in industrial metallurgy. 

While titanium is inert at ordinary temperatures, it does 
combine with a variety of reagents on heating: see 
Figure 14.3. 

Apart from the use of the metal, the other major industrial 
production of titanium compounds is that of TiO, which is an 
excellent white pigment. TiO, is prepared by purifying the 
major ore, rutile, or by hydrolysis of TiCl,. An alternative ore 
is ilmenite, an iron-titanium oxide. 
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FIGURE 14.2 The oxidation state free energy diagram of titanium 

The IV state is stable and the lower states reducing. Titanium redox 
potentials are uncertain: the Ti (IV) potential (A) is for Ti(OH)?* 
and the value (B) is for TiO}. 
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FIGURE 14.3 Reactions of titanium 


Titanium compounds play an important role in Ziegler- 
Natta catalysis (see section 17.4.3). As well as the long- 
standing use of TiCl, in the original catalysts, ‘second 
generation’ catalysts based on TiCl,, often supported by 
MgCl), give better molecular weight distributions and easier 
work-up, while homogeneous catalysts have been developed 
using (С;Н;):ТІК, (ог R = Cl or alkyl) plus AIR3. 


14.2.1 Titanium(IV) 

Titanium dioxide is weakly acidic and weakly basic, dissolv- 
ing in concentrated base or acid but easily hydrolysing on 
dilution: 


1О,.лН,О 
сопс H,SO,7H,0 н, 


(TiO)SO; 
titanyl sulphate 


conc KOH 


2TiO3;.xH,0 
potassium titanate 


No definite hydroxide, such as Ti(OH),, exists, the com- 
pound produced on hydrolysis being a hydrated form of the 
oxide. The titanyl group, TiO? * , does not exist as the simple 
monomeric cation. It is present in acidic solutions, but is in 
equilibrium with oligomeric species such as hydrated 
Ti,O$*. The TiO?* moiety may be distinguished only in 
solids, as in TiOCIZ~, and in the [TiO (ring)] species where 
ring = porphyrin or phthalocyanin (see Appendix В). in this 
behaviour, titanium(IV) contrasts with V(IV) and Cr(V), 
where the MO"* unit does exist on its own. The structure of 
titanyl sulphate, for example, consists of (TiO)2"* chains held 
together in the crystal by the sulphate groups. The alkali 
metal titanates do not contain discrete anions but consist of 
TiOg octahedra linked into layers or three-dimensional 
arrays and holding the alkali metals in sites of high coordin- 
ation (7 up to 10). Thus they are mixed oxides, not 
oxytitanium anions. 

Titanium(IV) forms peroxy compounds which are the 
formula analogues of the oxy-compounds as shown in Figure 
14.4. The yellow colour in acid is extremely intense and is the 
basis of the colorimetric determination of titanium. A more 
detailed study of the acid solutions shows that the principal 
species at pH <1 is T(O—O) (OH)*, and at pH = 1-2 
are the ions 


О О 
54) (ОН)2-* (х = 1 106) 


which then precipitate TiO,nH,O (n = 1 or 2). 

The titanium halides may all be made by direct reaction 
of the metal and halogen, and TiCl4 may be converted to the 
others by the reaction of the hydrogen halide. All the tetra- 
halides are readily hydrolysed, although TiF, is more stable 
than the others, and the intermediate oxyhalides may be 
isolated under careful conditions: 


Tix, “29 тох, #22 tio, aH,0 


Titanium tetrachloride forms the hexachloride in concen- 
trated hydrochloric acid, and salts, М, TiCl,, are known but 
are very unstable. The hexafluoride TiF? ~, is readily formed 
and is very stable. The shape is regular octahedral. 

An interesting series of compounds, illustrating the three 
ways of linking octahedra by bridging groups, is provided by 
the species formed by the action of TiF, on TiF2- in liquid 
SO, as solvent. As the ratio varies from 1:3 through 1:1 to 
3:1, the ions Ti F}; , Ті,Е25 and Ti;F; are formed, with the 
structures shown in Figure 14.5 suggested by fluorine nmr. 

The oxyfluoride may also accept F^ ions, giving complexes 
like TiOF;, and, just as there are peroxy analogues of 
oxyanions, so peroxyfluoroanions such as [Ti(O,),F,]?~ and 


H505/acid 


OH- 


yellow solution —— — — — ——»5 yellow solid 


H,O 


+ 
Ti(O—O)?* compound == approx. Ti(OOH)(OH), 
probably a hydrated 

peroxy form of the oxide 


peroxytitanyl 


FIGURE 144 Peroxy compounds of titanium(IV) 
[Ti(O5) £;]?^ exist. Ifthe O—O unit is seen as occupying an 
O position, then these are pseudo-tetrahedral and -octa- 
hedra! respectively. Alternatively, since the O—O unit is 
bonded edge-on (compare, for example Figure 14.11), then 
these peroxyanions may be described respectively as 6- or 7- 
coordinated. 

The tetrahalides act as acceptors to a wide variety of donor 
ligands such as К;Р, R,O or py, to give complexes TiX4L;. 
These are usually in the cis configuration unless the ligands 
are bulky. Ti,Cl{g has the same structure as the fluoride 
(Figure 14.5b). Among five-coordinate complexes are the 
unusual hydride derivative TiCl,.AsH3, where the arsine 
molecule is thought to occupy an equatorial position in a 
trigonal bipyramid, and the compound Et,N*(TiCl;) 7 
where the ‘LiCl; ion may be trigonal bipyramidal like the 
isoelectronic ЅпС15 ion. The oxychloride also forms a five- 
coordinate species ТІОСІ,.М№Мез. 

‘Two further simple titanium(IV) compounds are of 
interest. In the anhydrous nitrate, Ti(NO)4, the nitrate 
groups form a tetrahedron around the titanium, but are each 
bonded through two oxygen atoms so that the titanium is 
eight-coordinate. The coordination is nearly regular 
dodecahedral. Although the perchlorate ion, ClOg, does 
not usually coordinate, it is found that TiCl, reacts with 
anhydrous HCIO, to form Ti(ClO4)4 which is a volatile solid. 
It has an 8-coordinate structure analogous to Ti(NO3)4. The 
only other volatile perchlorate is Cu(ClO,);. 


14.2.2 Titanium (ШІ) and lower oxidation states 
Titanium(III) compounds are readily formed by reduc- 
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FIGURE 14.5 The dinuclear flvorotitanium anions 
(а) (а) Ti; Ff, , (b) Ti;Fio , (c) TF . 
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blue, stable to air green 
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FIGURE 14.6 Preparations and reactions of titanium( IIT) compounds 


tion and, as they contain a d electron, are coloured. Some 
preparations are shown in Figure 14.6. The existence of 
differently-coloured hydrates of titanium trihalides arises as 
both water and halide may be directly coordinated to the 
titanium ion. The violet trichloride is [Ti(H5O)s]* * Clg 
while the green form is [Ti(H,O);Cl]?* Clz . 

Titanium(III) is much more basic than titanium(IV) and 
the purple, hydrated oxide, Ti;O;.nH;O, which is precipi- 
tated from titanium(III) solutions by base, is insoluble in 
excess alkali. Anhydrous TiOCI is formed by heating TiO; 
with TiCl, at 700°C. The pure compound is stable in air. 

The titanium(III) ion is a d! system with the electron in 
a tg, orbital. Only опе d—d transition is possible, Figure 
13.23a, and a simple spectrum with one band in the visible 
region is observed, Figure 13.4. Magnetic measurements on 
titanium(III) compounds give values close to the spin-only 
value of 1-73 Bohr magnetons for one unpaired electron. 

An interesting structure is found for Ti(BH4)3, which is 
volatile at room temperature. Each BH, group is linked to Ti 
by three bridging hydrogens, giving 9-coordinate Ti(III) and 
the overall structure is a shallow pyramid, which is reason- 
ably explained if the single d electron is occupying the apex 
position. 

Titanium(II) is a very unstable state represented only by 
solid compounds. The dihalides may be made by heating the 
trihalides, as indicated in Figure 14.6 above, but the dihalide 
disproportionates to metal plus tetrahalide at a temperature 
below that of its formation so that it is never obtained un- 
contaminated by metal. The oxide, TiO, is made by heating 
the dioxide with titanium. 

The titanium-oxygen system is, in fact, an extremely 
complex one with at least twenty phases with different 
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structures recognized. Some of the main ones are as follows: 
Up to TiO. Ті atoms hcp with О in trigonal prismatic 
sites so TiO .33 is anti-Bil, and TiO,., is 
anti-CdI, (layer structures with О in the Bi 
ог Cd sites —see Table 5.3). 


Around TiO NaCl structures but defective with equal 
numbers of cation and anion sites empty 
(Schottky defects, see section 5.10). At 
TiO,.9, at room temperature, one-sixth of 
the sites are vacant. 

TiO, corundum structure (Figure 5.4b) 

TiO; Ti,O; — TiOg octahedra sharing edges forming 

etc to TigO;g — sections of rutile structure joined by shared 
faces. 

TiO; Rutile (Figure 5.3b) together with two 
other forms. 


Thus TiO, and Ti,O; are stoichiometric phases but 
distinct species exist between these Ti(III) and Ti(IV) 
oxides. TiO is part of a range of structures while the ‘lower’ 
oxides —formally Ti in oxidation states of I or less —are better 
understood in terms of hcp Ti metal taking up oxygens and 
filling sites in a regular manner. 

Titanium(II) is thought to be the active intermediate in 
one of the few reversible systems of nitrogen fixalion so far 
announced. A number of halides (including TiCl,) yield a 
species which fixes N, gas when reduced by organometallic 
compounds but these produce only NH; on hydrolysis with 
the concomitant destruction of the active intermediate (see 
under nitrogen, section 17.6). In a recent study, it was shown 
that nitrogen could be fixed and converted to ammonia by 
à cycle, involving titanium alkoxides, which also regenerated 
the starting reagent so that an overall catalytic system is 
possible. The main steps of the reaction are 


Ti(OR)4+2Na = Ti(OR);--2RONa (14.1) 

Ti(OR); + №, = [Ti(OR);N;], (14.2) 
[Ti(OR),N,],+4Na = [intermediate]+6ROH = 

2NH;+Ti(OR),+4RONa (14.3) 


Thus, the overall reaction is 


N,+6e” +6ROH = 2NH,+6RO- 


The sodium source in equations (14.1) and (14.2) is the 
naphthalide complex, Na*C, Hg. In this, the valency 
electron of the sodium is transferred to the lowest antibonding 
п level of the aromatic hydrocarbon, where it is readily 
available for reductions but is in a more manageable form 
than if the metal was used alone (compare section 10.3). The 
critical step is the uptake of N ;, from the gas phase at normal 
temperature and pressure, by the titanium(II) alkoxide, The 
formulation of the reduced intermediate is still uncertain. 
This cycle does not consume titanium and is thought to 
model the biological nitrogen-fixation process which also 
probably acts through the reversible formation of a low 
valency transition metal intermediate to which the nitrogen 
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FIGURE 14.7 2,2'-dipyridyl, and its titanium(0) compound, 'Vi(dipy)g 
becomes coordinated. A model for the coordinated nitrogen 
is a sideways-bound N; (compare section 15.6), and such a 
unit is involved in nitrogen fixation by the organotitanium 


system (CsH;); TiCl;-Mg which gives № as the initial fixed 
form. 

One compound of titanium in the oxidation state O has 
been reported. This is the compound Ti(dipy),. where 
dipy = 2,2"-dipyridyl (Figure 14.7). The oxidation states —I 
and — 11 are reported in the same system, in the compounds 
Li(Ti аіруз)3.5ТНЕ and Li,(Ti dipy3).5THF respectively. 
These compounds result when TiC, is reduced in the 
presence of dipyridyl by lithium in tetrahydrofuran (THF). 


14.3 Vanadium, 30°45? 

The free energy diagram for vanadium is shown in Figure 
14.8. There are five valency electrons and oxidation states 
from V to —I are known, with the ones from II to V of 
importance. Vanadium(V) and (IV) are both stable, with 
the former mildly oxidising and represented mainly by 
oxy-species. Vanadium(IV) is stable, but shows dispro- 
portionation reactions in the solid when volatile species, 
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FIGURE 14.8 The oxidation state free energy diagram of vanadium 
(Compare section 8.6) 


like VF, can be driven off. Vanadium(III) is reducing 
but less so than Ti(III); it is stable to water and is only 
slowly oxidized in air. Vanadium(II) is strongly reducing; 
it attacks water and is rapidly oxidized in air. Again, in the 
solid state, its compounds tend to disproportionate, yielding 
vanadium (III) and the element. The oxidation state free 
energy diagram shows that none of the intermediate states 
disproportionates in solution. 

The metal resembles titanium in readily forming carbides 
and nitrides, but as it is seldom used alone this is less of a 
disadvantage. Its main use is in steels and it is usually pro- 
duced by reducing a mixture of УО; and Fe,0, with 
aluminivm to form ferrovanadium which is added directly in 
the steel manufacture. Vanadium metal is prepared by 
reduction with calcium of the pentoxide, V,05. Pure samples 
of the metal are best prepared by the van Arkel process in 


which the iodide is decomposed on a hot filament under 
vacuum. Гле pure metal resembles titanium in being rela- 
tively unreactive at low temperatures. Although it is thermo- 
dynami a strong reducing agent, vanadium easily 
become ive and reacts readily only with oxidizing agents 


such as ~ acid. When heated, vanadium does react, as 
shown in Figure 14.9. Note that only О, or F, give the (V) 


state. 


nitri 


14.3.1 Vanadium (V) 

Simple compounds found in the V state are V205, VFs, 
VO,X (X=F, Gl) and all the oxyhalides, VOX4. The 
pentoxide is prepared, and reacts, as shown in Figure 14.10. 
It is amphoteric, dissolving in acid and base to give a variety 
of species. In strong base, the mononuclear vanadate ion, 
УОЗ, is present and, as the pH is reduced, these units link up 
into binuclear species, and then into polynuclear ions until, at 
pH about 6, У,О,.пН,О is precipitated. In more acidic 
solutions, this dissolves to form cationic vanadyl species. The 
approximate species present at different pH values are shown 
in Table 14.1, together with the colour changes. 

While the lower vanadium oxide systems are similar to the 
titanium species, being based on VOg units, vanadium(V) 
oxide and the vanadium(V) oxyanions are based оп VO, 
tetrahedral units; An extensive series of polyvanadates is 


TABLE 14.1 Vanadium(V) species in basic and acidic solutions 
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FIGURE 14.10 Preparation and reactions of vanadium pentoxide 


known, not all with determined structures. One species which 

has been characterized is HV,O3;. This is formed of four 

VO, tetrahedra linked into a ring by sharing oxygen. The 

V —O- V bridges have relatively open angles at oxygen of 

132-146°. The Н protonates one of the non-bridging 

oxygens. Anhydrous MVO; species (М = alkali metal) have 

infinite chains of linked VO, tetrahedra while KVO,. H;O 
has chains of edge-linked VO, units. 

This example of polymerism in solution and in the solids is 

@ an extreme instance of a general tendency to form polymeric 


pH above 12 12-9 той E 
number of V atoms 1 y4 Е =$ " vid © E 
approximate formula (VO, [V;O«(OH)? (V309) VsOj4 *, VsOig * 
colour Te = red > red-brown 
pH 6.5—2-2 below 2-2 


number of V atoms eo 
V,05.nH,0* 
brown 


approximate formula 
colour 


* These species are representative of solids precipitated at the appropriate P 
with them in solution. The other formulae apply in solution; the Vio species 
the data 


101 (V, being favoured as the pH is lowered) 
УО: VO} (or VO?*) 
yellow 


= 
—-— 


RM 


Н; they do not necessarily correlate with the formulae of species i in equilibrium 


is rather well established and, for example, Vo or V,, give a much poorer fit to 
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oxyanions in this region of the Periodic Table. Titanium and 
chromium behave similarly, e.g. in the chromate-dichromate 
equilibrium, but many fewer species are known. The other 
elements with a strong polyanion-forming tendency are 
molybdenum and tungsten. 

Vanadium forms a red peroxy cation in acid peroxide 
solution and this is probably the peroxy-analogue of the 
vanadyl cation, V(O — O)?* . In alkaline solution, a yellow 
pervanadate is formed with two peroxy groups per vanadium; 
the simplest formulation is [V(O — O),05]?". The use of 
stronger base and 30%, Н.О, gives the blue, fully-substituted 
[V(O3),]?^ and also blue [V(O5)]". 

Other ligands are found in peroxy complexes, as in 
[VO(O,),(C,0,4) j^ (Figure 14.11) and the related com- 
plex with bidentate CO2^ replacing the oxalate. In these 
complexes, the VOO triangles are unsymmetric with the 
shorter V-O bonds /rans to the oxalate. Similar ions are 
known with F or Cl as ligands in [TVO(O;);X]?^. Treatment 
of the pentoxide with НО, іп presence of F^ in strong base 
gave deep blue [V (O5) 3F]?  , and the corresponding chloride 
is known. Thus from one to four O atoms in a vanadium- 
oxygen species may be replaced by an О ~ О group. 

The only pentahalide of vanadium is VF. This results 
from fluorine plus the metal at 300 *C or by disproportiona- 
tion: з 

УЕ, Gods VF,T-- VF; 
№, 
The pentafluoride is a volatile white solid melting at 20 °С. 
The crystal structure is composed of chains of VF, octahedra 
with two bridging fluorines in cis positions to each other. 
Such a structure is indicated by the useful nomenclature: 
VF4(F2)2) to show the four Е atoms bonded only to one 
vanadium and two F atoms shared between two vanadiums, 
and also the overall six-coordination. A related structure is 
shown by the oxyfluoride ion, VO,F3~, which also contains 
six-coordinated vanadium with cis fluorine bridges in the 
structure VO;F;(F;/,). The О atoms are trans to the bridging 
fluorines. The hexafluoro- complex ion also exists and is 


[9] 


FIGURE 14.11 The structure of the peroxy (oxalate) vanadate (V), 
K,VO(O,)3(C,0,) 

Bond lengths to peroxide oxygens (a) are 186 pm, (b) are 192 pm. 
The four peroxy O atoms and one oxalate O lie approximately in a 
pentagon, with the second oxalate O and the V = O completing a 
pentagonal bipyramid 


made by reacting УСІ; and an alkali halide in liquid BrF, 
which acts as a fluorinating and oxidizing agent: 


СІ- +VCl,+BrF,; = VFg --CIF--BrF 


Vanadium pentafluoride reacts with air to form the oxy- 
fluoride, which also may be made by oxidizing or fluorinating 
suitable compounds: 


VF;+0, VF; 


ir E 
VOFS 


m.p. 300 °C, very reactive 


VOCI, + HF 


The oxychloride is made by the reaction of chlorine on any 
of the vanadium oxides, and the oxybromide similarly. The 
oxyhalides are relatively volatile. An electron diff action 


study shows VOCI, is a trigonal pyramid in the gas phase, 
and the monomeric structure probably persists in the solid. A 
second oxyfluoride, VO;F, is now established, together with 
the Cl analogue which adds C17 to give the tetrahedral ion 
VO,Cl;. 


VOCI, is violently hydrolysed by water and is inert to 
metals, even to sodium. It shows no reaction with salis and 
dissolves many non-metals which suggests possible uses as a 
non-aqueous solvent. 


14.3.2 Vanadium (IV) 

Vanadium(IV) is readily prepared by mild reduction of 
vanadium(V), for example by ferrous salts. The oxide, УО), 
is formed from V5O, in this way and is dark blue. It reverts 
to the pentoxide on heating in air. It is also mildly ampho- 
teric, but is much more basic than acidic. It dissolves in acid 
to give blue solutions of the vanadyl(IV) ion VO2*, and a 
variety of salts containing this cation are known. It dissolves 
in alkali to form vanadites which are readily hydrolysed and 
relatively unstable. A number of vanadate(IV) anions are 
known, such as VO$^, УО”, and V,02>. These are 
generally prepared by reaction of VO, with alkali, or alkaline 
earth oxides in the fused state. The best known vanadyl (IV) 


s salts are the sulphate, VOSO,, and the halides, VOX;. A 


number of complexes of vanadium (TV) are known, all derived 
from the vanadyl ion. Examples include the halides, VOX ', 
and corresponding oxalate and sulphate compounds. Neu- 
tral complexes are formed by the enol forms of B-diketones as 
in vanadylacetylacetonate, УО (асас 2; Which has the square 
pyramidal coordination shown in Figure 14.12. Lone pair 
donors can coordinate weakly in the sixth position to com- 
plete the octahedron as in VO(acac 104H4N 


H,C CH, 


FIGURE 14.12 Structure of vanadylacetylacetonate, NO ( acac 1 


The tetrachloride is formed by direct reaction and gives the 
tetrafluoride with HF. In an unusual reaction, a product with 
two different complex chloride ions of vanadium(IV) was 
formed when УСІ, was treated with PhyP*CI~ to give 
(РЬ.Р); (УСІ) (УСІ5) . The УСЫ; ion is a trigonal 
bipyramid. The (V5Clg) ^ ion has a structure often found for 
M,R. species where three R groups bridge the two M, 
completing six-coordination at each (alternatively described 
as two octahedra sharing a triangular face-compare 
Figures 14.5(c) and 16.3(d) ). In (УСІ) there is also a long 
weak У... V interaction. Hydrolysis of the tetrahalides leads 
to VOX,. The interrelationships are summarized іп 
Figure 14.13. The tetrabromide is very unstable and VI, is 
known only in the vapour above VI}. VCI, contains one d 
electron, which might be expected to lead to some distortion 
in the shape, but the molecule is tetrahedral in the gas. The 
liquid is dimeric. Notice, in Figure 14.13, the tendency for 
these halogen compounds of the IV state to disproportionate 
to give the III state. 


14.3.3 Vanadium (Ш) 

Vanadium (III) is produced by fairly strong reduction by 
hydrogen or red-hot carbon. It resembles other trivalent ions 
such as chromium or ferric in size and general properties, 
apart from reduction behaviour. The solid oxide and tri- 
halides are known and the state exists in aqueous solution as 
the green V(H,O)3* ion. 

This state has no acidic properties: the action of alkali on 
the solution of V3* precipitates hydrated V (OH); which has 
no tendency to redissolve. The green hydroxide oxidizes 
rapidly in air, and the solutions are also oxidized in air. 

All four trihalides exist. УВгу and VI; are the products of 
direct combination with the metal while VF апа VCl; 
result from the disproportionation of the tetrahalides, as 
shown in Figure 14.13. The trichloride itself disproportion- 
ates on heating and some of the vanadium chloride relation- 
ships are given in Figure 14.14. It will be seen that heating 
with removal of chlorine gives УСІ», while heating in excess 
of chlorine gives the tetrachloride. УСІ, forms a 2:1 adduct 


у 
Cl, [heat 
VF, 4 VF, «heal vr, + VOL emp V Ch Ch 
н,о hic 


V:0; cl, VOCI; «Hi voci, 


green solution HBr 
Br,/S,Br, 
HF VOBr, 
VOB HE, vor, heat 
yellow, solid — yellow, insoluble Bro E 
VOBr, ——* VOBr 
|? € 
VOBr + Br 


FIGURE 14.13 Preparation and reactions of vanadium tetrachloride and 
oxychlorides 
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FIGURE 14.14 The vanadium-chlorine system 


with trimethylamine, VCl;.2NMe3, which is a trigonal 
bipyramid with axial NMe, groups. The triiodide also 
disproportionates 


VI; = VI;4 Vl (decomposes) 


The structure of VI, is a layer lattice like Bil, (Figure 5.10). 

Vanadium(III) also forms a triacetate which exists as а 
dimer. Its structure is a sandwich one, with four bridging 
acetates and one terminal one on each vanadium, 
AcOV(OAc)4VOAc. This is similar to the chromium(I1) 
acetate (Figure 14.19) or copper acetate structure (Figure 
14.33) with terminal acetates in place of the two water 
molecules. 

Oxyhalides, VOX, are reported for X = F, Cl and Br. 
VOF has the rutile structure with both F and O in the oxygen 
positions of TiO. The corresponding TiOF is isostructural. 

The V?* ion forms a variety of complexes, typical of 
transition ions. All the complexes are labile as expected of a 
d? ion where the empty ty, orbital presents a low-energy path 
for attack. The commonest shape is octahedral and most 
complexes contain vanadium coordinated to oxygen, 
nitrogen or halogen. The hexafluoride and related complexes 
are stable, eg. УЕ and VF,(H,O);, but other halogen 
complexes are more readily oxidized. A cyanide, V(CN)2 ^, 
can be made in alcohol but precipitates V (CN), on addition 
of water. A second cyano-complex is V(CN)$^, an example 
of the relatively rare coordination number seven. It has a 
pentagonal bipyramid structure with the five equatorial 
ligands close to a pentagon with bond angles averaging 72". 
The axial C — V — C angle is slightly bent at 171^. While the 
pentagonal bipyramid structure is found for molecular IF; 
(p. 342), 7-coordinate complexes commonly show one of the 
alternative structures of Figure 15.1 or Figure 15.2. 

Among the complexes formed by the heavier 
vanadium(III) halides is (УСІ)? and the corresponding 
bromide. This has the face-sharing octahedral structure, 
which we met above for the analogous vanadium(IV) 
complex (V3Cls) ^, except that the structure is fully sym- 
metrical with no V--V interaction. Analogous M(IIT) 
dimeric chloro-complexes are now known for Ti, Cr, and a 
number of heavy transition metals. The structure type recurs 
in a vanadium (II) species, formed by reducing УСІ, with Zn 
in THF. This yields the [V,Cl;THF,]~ ion which has the 
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structure (THF),V(CI)V(THF),, again with three Cl 
bridges. 


14.3.4 Vanadium (II) and lower oxidation states 

The vanadium(II) state is strongly reducing and evolves 
hydrogen from water, although it is more stable in acid 
solution. The oxide, VO, is made by reaction of the pen- 
toxide with vanadium and is commonly non-stoichiometric. 
All four halides, VX, exist. The chloride and iodide result 
from disproportionation of the trihalides, the dibromide 
from reduction of VBr4 with hydrogen. VF; is made by the 
action of HF оп УСІ, or by the reduction of VF; by H;/HF 
at 1200 *C. VF; forms blue crystals with the rutile structure 
while VI, exists in the CdI, layer lattice (see Figures 5.3 and 
5.10). The dihalides dissolve in water to give violet solutions, 
from which V(OH), is precipitated by alkali. The solutions 
soon turn green due to formation of V(H,O)3*. All these 
compounds are unstable and readily oxidized. The divalent 
ion in solution is probably octahedral and a few complexes 
are isolable, including the cyanide, K,V(CN)&. 7H5O. 
K,[V(CN),] is quantitatively reduced by potassium in liquid 
ammonia, first to K4[V (CN)g] and then to the vanadium (I) 
species K;[V (CN),]. 

Low oxidation states are represented by a few compounds 
including dipyridyl complexes of vanadium I, 0, and —1, 
V(dipy)3, V(dipy)3, and V(dipy)3, the latter being iso- 
lated as the etherate of the lithium salt, as in the case of 
titanium. The carbonyl, V (CO),, is known and differs from 
the sequence of first row carbonyls in being monomeric in the 
gas and therefore in not having 18 electrons on the vanadium. 
The anion, V(CO)¢, is also known and is a further case of 
V(—I). In all the low oxidation state compounds, the 
geometry is octahedral. 

Several vanadium compounds, including VO(acac) 2 
У (асас) з, and (C5H5)5 УСІ,, have been explored as homo- 
geneous Ziegler-Natta catalysts (compare section 17.4.3). 


14.4 Chromium, 3d^4s' 

The oxidation state free energy diagram for chromium, 
Figure 14.15, illustrates the increased oxidizing power of the 
Group oxidation state of VI, as compared with the cases of 
titanium and vanadium, and the stability of the III state. 
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FIGURE 14.15 The oxidation state free energy diagram for chromium 

It is clear that Cr(III) is stable, Cr(VI) is strongly oxidizing, and 
Cr(II) is reducing. The other states disproportionate, but data are 
not very reliable. 


This is further shown in the solid state by the existence of 
CrO, and the unstable СгЕ only (Tables 13.3—5). The ПІ 
state corresponds to the d? configuration and is very stable. 
Other states shown range to chromium (— II) in carbonyl 
anions but only the II state is well-represented, the IV and V 
states disproportionating very readily. 

Chromium metal is formed by aluminium reduction of 
Cr,O3. Like titanium and vanadium it is unreactive at low 
temperatures, due to the formation of a passive surface coat- 
ing of oxide. The main use of chromium is as a protective 
plating, and as an additive to steels. It dissolves in hot 
hydrochloric or sulphuric acids and reacts with oxygen or 
halogens on heating to give chromium (ПІ) compounds, : 
with hydrogen chloride to give CrCl, and hydrogen 


14.4.1 Chromium (VI) 

The limited number of chromium(VI) compounds ::cludes 
CrO,, the chromium oxyions Cr,O$,,; (n—1,2,3,4), 
CrOX, (X=F,Cl), CrO;X, and CrO;X (X 
= Е, СІ, Br, I) and peroxy compounds. CrO, reacts with F3 
to yield lemon-yellow CrF when the reaction is carried out at 
170° and 25 atmospheres. At normal pressures, the reaction 
gives СгО,Е, at 150°C and CrOF, at 220°C. CrO,!, isa 
monomer in the liquid and a F-bridged polymer «ith 6- 
coordinate Cr, in the solid. In the monomer, the ОС!) angle 
is 108° апа FCrF is 112°. Very similar values of 105-5" and 
113° are found for CrO,Cl,. 

CrO, is acidic and dissolves in alkali to give solutions of 
the chromate ion. On acidification, these give dichromate 
solution, which exists in strongly acid solutions down (о a pH 
of 0. In very concentrated acid the trioxide is precipitated 
and there are no cationic forms of chromium in solution. 
This behaviour is similar to that of vanadium(V) but the 
chromium(VI) is more acidic and polymerization does 
not go so far. (There are some indications of trichromates 
and tetrachromates, however. The equilibrium between 
chromate and dichromate is rapid and the two forms coexist 
over a wide range of pH. Many chromates of heavy metals, 
such as Pb?*, Ag* or Ba?*, are insoluble and these may be 
precipitated from chromium(VI) solutions, even at a pH 
where the major part exists as dichromate, as the equilibrium 
is so rapidly established. The СгО2 > ion is tetrahedral while 
dichromate has two tetrahedral CrO, groups joined through 
an oxygen with the Сг-О — Сг angle about 115. The 
polychromate series is much more limited than poly- 
vanadates or polymolybdates, but the next two members, 
СО and Cr,Oi; have been characterized. They аге 
chains of 3 and 4 CrO, tetrahedra linked by corners. 

If a dichromate solution is heated in the presence of 
chloride ion and concentrated sulphuric acid, the red, 
hydrolysable chromyl chloride, CrO,Cl,, distils out (b.p. 
117°C). The chromyl bromide and iodide exist only in low- 
temperature matrices, and the fluoride is made only by the 
action of fluorine on chromyl chloride, so the latter com- 
pound distinguishes chlorine from the rest of the halogens 
and is used in this way in qualitative analysis. The « hromyl 
halides are covalent compounds which hydrolyse in water 


to chromate, and there is no evidence for any СгО?* 
cation. The intermediate halochromate ions, CrO4X ^, are 
known for X = F, Cl, Br, with the chlorochromate the most 
stable. CrOCI, is also reported. 


14.4.2. Peroxy compounds of chromium 


A very complicated series of reactions occur between 
Cri V1) species and hydrogen peroxide, which depend on pH 
and on Cr concentration. The ultimate product is Cr(II) 


and complete decomposition of the H;O;. When hydrogen 
peroxide is added to acidified chromate solution, a deep blue, 
transient colour appears. This is unstable in water but 
extracts into ether (the colour test for chromium) and a stable 
solid pyridine adduct, CrO; . CSH5N, may be prepared. This 
is a peroxy-analogue of the trioxide. The structure of the 
pyridine species is a pentagonal pyramid, Figure 14.16a, with 
the two peroxy groups and the donor atom forming the 
pentagonal base. The dipyridyl analogue, CrO;(dipy) has 
the related pentagonal bipyramid structure, Figure 14.16b. 

In less acidic media, a violet species which is probably 
CrO(O4),(OH)^, ie. the anion of CrO;. H,O, is found, and 
has been isolated as the violet, explosive, potassium salt 
KHCrO,. 

In alkaline solution, a red-brown species forms which is 
more stable, and well characterized as K3CrO,. This 
contains the tetraperoxy ion Cr(O,)}> of chromium V. The 
paramagnetism corresponds to the d' configuration of Cr(V). 
The structure is dodecahedral, like Mo(CN)g in Figure 
15.17. Unlike the symmetrical CrO; triangle of the blue 
species, this has one Cr — O distance of 194 pm and one of 
185 pm in each peroxy-chromium triangle. K3CrOg is 
isostructural with KyMOg (М = Nb, Ta), reinforcing the 
Cr(V) assignment. 

In the presence of ammonia, a dark red-brown species 
(NH4),CrO, may be isolated. This contains two регоху 
groups and is a chromium(IV) compound, again with a 
pentagonal bipyramid structure as shown in Figure 14.16c. 
CrO,. 3KCN may be an analogue. 


14.4.3 Chromium(V) and chromium(IV) 

There are few chromium (V) compounds and they readily 
convert to chromium (VI) or (III). They include the 
peroxide (see above). CrF 5, CrOF 3, some oxyhalide ions such 
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as CrOF; and CrOCH: , and the охуапіоп, Сг R 
results when potassium chromate is heated in molten KOH 
(compare K,Mn™'O4). A recent structural study indicates 
that the CrO$" ion is of distorted tetrahedral structure as 
might be expected for a d' species. Red CrF, is а cis-bridged 
polymer and is formed by heating CrO with F, at 200° or by 
treating CrO,F, with XeF,. In purple CrOF,, square 
pyramidal CrOF, units are linked into a three-dimensional 
array by sharing Е corners. CrOF; disproportionates into 
Cr(VI) and Сг(111) in water, gives CrF, and О, on heating, 
and adds fluoride to form CrOF; which is probably also a 
fluorine bridged polymer. 

An unusually stable class of Cr(V) complexes is the CrOLy 
group where L = OCR,COO, formed by loss of two protons 
from a-hydroxybutyric acid and its relatives. The Cr = О 
is axial and four O from the two ligands form the base of 
a square pyramid. This compound is stable as a solid in air, 
and stable in solution in presence of excess ligand. It finds 
important uses as a specific oxidizing agent. 

Chromium(IV) compounds are also rare. CrO;, CrF,, and 
CrOF, exist and there are reports that CrCl, and CrBrg 
exist in the vapour phase at high temperatures in mixtures 
of the trihalides and halogen. The complex ion, CrF2^, has 
been isolated and mixed oxides containing chromium(IV) are 
known. The structure of one of these, Ba; (CrO,), has been 
partially determined and appears to contain discrete CrO$ ^ 
ions. Chromium (IV) is also found in some mixed oxidation 
state species. The sulphide Cr;S, is formulated as СШС, 
and the selenium analogue is similar. In a structural study on 
the oxygen species М; СгуОу, linked chains of Cr" Oo, 
octahedra and Cr'YO, tetrahedra were indicated. 


, which 


14.4.4 Chromium (Ш) 

By far the most stable and important oxidation state of 
chromium is chromium(III). It is the most stable of all the 
trivalent transition metal cations in water and a wide variety 
of compounds and complexes are known. The complexes 
are octahedral, inert to substitution, and have a half-filled 
t, set of orbitals. 

The oxide is green Cr;O;, with the corundum structure, 
and is used as a pigment. It, and the hydrated form precipi- 
tated from Cr?* solution by ОНТ ions, dissolve readily in 
acid to give Cr(H,0)3* ions and also in concentrated alkali 


FIGURE 14.16 Some chromium peroxy species о о мн, 
(а) (C4H4N)Cr(O4),0, (b) (dipy)Cr(O2)20, (c) (H3N)3Cr(O2)2- 
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to give the chromites. The species in the latter solutions are 
not identified but may be Cr(OH)3~ and Gr(OH),(H,O)?~. 
They are readily hydrolysed and precipitate hydrated oxide 
on dilution. Cr;S, is a black stable solid made by direct 
combination and is inert to non-oxidizing acids. 

CrOF and all four anhydrous trihalides are known and 
may be prepared by the standard methods. The trichloride 
gives the dichloride and chlorine when heated to 600 °C, and 
sublimes in the presence of chlorine at this temperature. It is 
a red-violet solid which is rather insoluble in water, except 
in the presence of Cr?* ions. It is thought that these assist the 
solution process by attaching through a Cl bridge to Cr?* in 
the crystal — Cra — Cl — Сг, —which then transfers an 
electron to give divalent chromium in the solid. This Cr?* 
does not fit the crystal lattice and dissolves to repeat the 
proces, Crlí,— Cl— Crh > Стг2+, A similar effect is 
found in the case of chromium(III) complexes in solution. 
These are inert to substitution except in the presence of 
chromium(II) which may behave similarly in abstracting a 
ligand via a bridging and oxidation process. 

The trihalides in aqueous solution give rise to violet 
Cr(H;O)2* ions and to a number of aquo-halogeno ions, 
some of which are indicated in Figure 14.17. 

A wide variety of chromium(III) complexes exist, all 
octahedral. The hexammine, Cr(NH;)2*, and similar com- 
plexes with variety of substituted amines and related mole- 
cules are found, and all possible aquo-ammine mixed com- 
plexes have been prepared. There are also a wide variety of 
aquo-X and ammino-X mixed complexes (X — acid radical 
like halide, thiocyanate, oxalate, etc.) and even aquo- 
ammino-X species. A commonly used example is Reinecke's 
salt, NH4[Cr(NH3) (NCS),]. HO, where the large mono- 
valent anion is widely used as a precipitant for large cations. 
Apart from the simple hydrated cation, hydrated chrom- 

ium also occurs in an extensive series of alums, M'Cr(SO,);. 
12H,0, where Cr?* replaces А1З* which is of similar size. 

The unusual three-coordination appears to occur in the 


Cr(H;O),F, 
violet, only slightly soluble 
alcohol ШО 
heat 


[Cr(H50),]Cl, 
[CrF,(H,0)] [Cr(H;O)s]?* [Сге] - 4— * 
green (NH,)3[CrF,] 
HO 
CrCl, —> CrCl,.6H,O: (a) [(Cr(H;0),]Cl, 
\ all Cl pptd., violet 


(b) [Cr(H;O),CI]CI;. HO 
2/3 Cl pptd., pale green 


ether/H,O (c) [Cr(H,0),Ci,]Cl. 24,0 


1/3 Cl pptd., dark green 


"(d) [Cr(H;O),CI] 
no Cl pptd., brown 


FIGURE 14.17 Aquo-halogeno tons of chromium LIT 
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FIGURE 14.18 The structure of the ion [Cr{Cr(OH),NH;)4}3|°*. 

A central octahedron, Cr(OH)g is linked to three outer 
Cr(OH); (NH3)4 octahedra by bridging OH groups. [N = NH; 
O = OH] 


chromium(III) species Cr(NR;)4 which have been prepared 
for R = isopropyl and R = SiMe;. The configuration may 
be planar and its adoption is probably aided by the presence 
of the bulky ligands. In anhydrous KCrF, the structure is 
based on distorted octahedral CrF, units. First, three of these 
are linked into a ring by sharing cis fluorine corners, and then 
these are linked further by the axial fluorines (perpendicular 
to the ring) into an infinite array. 

The ion [Cr{Cr(OH),(NH3)4}3]°* is linked through a 
central CrO, octahedron as shown in Figure 14.18 


14.4.5 Chromium (II) and lower oxidation states 

The mixed Cr(II) - Cr(III) fluoride, Cr;F,, is found. The 
structure consists of chains of CrF octahedra linked by apices 
with the Cr(II) and Cr(III) chains alternating. The Cr( HH )Fg 
unit is distorted with four short and two long CrF bonds 
while the Cr(III) environment is regular. This is опе example 
of a mixed valence compound where the two oxidation states 
are found in distinct environments (compare Ga,Cl,, p. 308 
and Pb4O,, p. 313 and Figure 17.20). 

A fair number of chromium(11) compounds are known, 
including all the dihalides and CrO. A considerable variety 
of complexes are also found, although all are unstable to 
oxidation. In water, the sky-blue Cr(H;O)2* ion is formed. 
This is a strong reducing agent which is just too weak to 
reduce water. It has a number of uses as a reducing agent 
including the removal of traces of oxygen from nitrogen. 
The solutions are less stable when not neutral, and hydrogen 
is evolved. They react rapidly with the air. Chromium(I1) 
complexes include the hexammine, Cr(NH ,)2* , and related 
TUN The dipyridyl complex is found to disproportionate to 
give a сһготішт(1) species: 


2Cr(dipy)}* = Cr(dipy) + Cr(dipy)}* 


The halides can be prepared by reaction of the appro- 
priate HX on the metal at 600 °C or by the reduction of the 


trihalides with hydrogen at a similar temperature. The 
iodide, Crl,, and CrS, may also be made by direct combina- 
uon. 

Among the chromium(II) salts, the hydrated acetate, 
Cr; (CH, COO),.2H50, is the commonest. It is readily pre- 
pared by adding chromium(II) solution to sodium acetate 
when it is precipitated as a red crystalline material. It has the 
unusual bridged structure shown in Figure 14.19, with a 
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FIGURE 14.19 Structure of chromium( II) acetate, 
Cr;(CH,COO),.2H,O 

The oxygen atoms of the acetate groups lie in a square plane around 
each Cr and the acetates link the edges together. The Cr— Cr 
distance is short, implying direct metal-metal bonding. Compare 
the copper acetate, Figure 14.30, 


very short Cr— Cr distance suggesting metal-metal interac- 
tion. An interesting structure is found in CrSO4.5H ;O. Four 
of the water molecules lie in a square plane around the Cr 
and the last two positions of the octahedral array are filled 
by O atoms from two different sulphate groups. These 
bridge two Cr atoms giving an infinite array of 
-O Cr(H;0),08050 ~ Сг... units with further hydro- 
gen bonding linking SO, oxygens to coordinated water 
molecules on Cr atoms in parallel chains. 

Lower oxidation states are represented by a few compounds 
including the chromium(I) dipyridyl complex above. The 
0 state is shown in the stable, octahedral carbonyl, Cr(CO), 
in carbonyl ions, Cr(CO) X^, and in dibenzene chromium 
(Figure 16.7b). Carbonyl anions of chromium (—I) and 
(=) are the compounds Naj;[Cr;(CO);o] and 
Na;[Cr(CO),] respectively, prepared by sodium reduction 
of the hexacarbonyl. Chromium(I) is also found in the cyan- 
ide, K ,Cr(CN),, and the zero state in K,Cr(CN)s which may 
be used to prepare Cr(diphos), and Cr(triphos); (for di- and 
tri-phosphine ligands see Appendix В). 


14.5 Manganese, 3d*4s? 

Manganese, with seven valency electrons, shows the widest 
variety of oxidation states in the first transition series. The 
oxidation state energy diagram, Figure 14.20 shows that 
Mn(II) is the most stable state, and comparison with the 
diagrams for previous elements shows that manganese( VII) 
is the most strongly oxidizing of all the high oxidation states 
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FIGURE 14.20 Oxidation state free energy diagram for manganese 
The stability of Mn(II) is striking and it is clear that the III and V1 
states disproportionate. Compare Figure 14.1 and section 8.6. 


known in aqueous solution. Many of the intermediate states 
are rare, with a strong tendency to disproportionate. 

Manganese is abundant in the earth's crust and its 
principle ore, pyrolusite, is a crude form of the dioxide, 
MnO) . The metal is obtained by reduction with aluminium, 
or in the blast furnace. The metal resembles iron in being 
moderately reactive and dissolving in cold, dilute non- 
oxidizing acids. It combines directly with most non-metals at 
higher temperatures, sometimes quite vigorously. Thus it 
burns in №, at 1200 °C to give Mn3N; and in СІ, to give 
MnCl,. The product of high temperature combination with 
oxygen is Mn3O,. The main use of manganese is in steel, for 
which ferromanganese is formed by reducing the mixed ores, 
as in the case of vanadium. It also finds limited uses in other 
alloys. 


14.5.1 The high oxidation states, manganese (VII), (VI), and 
(V) 

Manganese (VII) compounds are strongly oxidizing. Green 
Mn,0, is produced by treating KMnO; with sulphuric acid. 
This heptoxide requires great care in handling, as it can 
decompose or react with explosive violence. Both in the gas 
phase and in the solid, the structure contains the linked 
tetrahedra of Figure 14.21. On treatment with chlorosulph- 
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FIGURE 14.21 The structure of manganese heptoxide. а = 159 pm, 
b= 177 pm, ф = 121°. 
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onic acid, the explosively unstable oxychlorides result 


Mn,0,+HSO,Cl > MnO4CI + MnO,Cl, + MnOCl, 
black brown green 


corresponding to the VII, VI, and V states. They are more 
stable when handled in solution in carbon tetrachloride. The 
oxyfluoride, MnO;F, has been reported, but the only stable 
representative of the VII state is the permanganate ion, 
MnOj, which is most common as the potassium salt. This is 
a strong oxidizing agent in acid solution: 


MnO; -8H4O* +5e = Mn?* +12H,0, 1-51 V 
and is also strong in basic media: 


MnO; -2H,0--3e^ = MnO peor) +4OH™, 1-23 V 


when manganese dioxide is precipitated. However, in con- 
centrated alkali the anion of the dibasic acid, manganate, is 
formed in preference, and this reverts to permanganate plus 
dioxide on acidification : 


+ 
MnO; -OH- = MnOj: sat MnO; + MnO, 
The permanganates are, of course, purple, while the man- 
ganate ion is an intense green, and is the only stable repre- 
sentative of the manganese(VI) state. Permanganate is about 
the strongest accessible oxidizing agent which is compatible 
with water and even it undergoes slow decomposition in acid 

solution to give MnO, and oxygen. 

In an interesting disproportionation of the manganese(VI) 
oxyion, Mn;O2; has been isolated from the action of 
BaMnO, with sulphuric acid. The oxidation equivalent is 
6:57 per manganese atom, and the compound is formu- 
lated as the mixed manganese(IV)—manganese(VII) species 
[Mn(MnO,),]". The structure shows a central Mn(IV) 
coordinated by six Mn(VII)O, tetrahedra each sharing one 
oxygen with the Mn(IV). The MnO, unit is octahedral and 
the distances are Mn(IV) -O = 190 pm, Mn(VII)—O 
(bridge) — 174 pm and Mn(VII) —O (terminal) — 160 pm. 

The manganese(V) state is represented only by MnOCI, 
and the blue MnO}~ ion, formed by the action of alkaline 
formate on MnO2'. Manganese(V) is relatively stable in 
alkaline melts, e.g. it is the major form of manganese in 
molten NaOH or KOH at about 400°C. It has also been 
stabilized in the apatite-like structure of Bas(MnO,)4Cl and 
similar blue or green species. Here the Mn(V) takes the place 
of P(V) in normal apatites. The МһО} > ion is tetrahedral 
with Mn - O = 170 pm. 


14.5.2 Manganese (IV) and manganese (Ш) 

Manganese (IV) does not have a very extensive chemistry 
although black MnO; is well-known and is a common preci- 
pitate from manganese compounds in an oxidizing medium. 
It is very insoluble and usually only dissolves with reduction, 
as in its reaction with НСІ: 


MnO, +4НСІ = MnCl, + Cl, +2H,0 


A few complex salts are known including the hexachloride 


and fluoride, MnX2~ and also Mn(CN)2 . The only simple 
halide reported is the fluoride, MnF;. 

The oxide Мп;Оз contains Mn(IV) and Мп(11). The 
structure is based on the Саї, layer type (Figure 5.103) and 
contains Mn(IV) in a distorted octahedron of oxygens 
together with Mn(II)O, trigonal prisms. 

The III state is represented by the oxide, Mn;O;, and the 
fluoride, MnF,. The oxide stable at high temperatures, 
Mn3Q,, is correctly formulated as a mixed oxide of the II 
and III states, Mn'Mnl!O,. No other simple trihalides 
exist but the red MnCI2^ complex ion is known, as is the 
corresponding fluoride. (NH4)2MnFs contains chains of 
MnF, octahedra linked by trans bridging fluorides, in the 
structure МпЕ, (Е, /;). Large cations stabilize MnF; . Com- 
plex ions of manganese(III) include MnCl4L and ^inCl4L 


types, where L is a nitrogen ligand, and the acetyl- 
acetonates MnCl,acac, MnClacac; and Mn(acac); are also 
reported. 

In solution manganese(I1I) is unstable both to reduction 


and to disproportionation: 
2Mn?* +6H,O = Mn?* + МпО, „мау + 450 * 


If тапвапеѕе(11) in sulphuric acid solution is oxidized with 
permanganate in the stoichiometric ratio, an intensely red 
solution results which contains all the manganese as man- 
ganese(III), presumably as a sulphate complex. This 
solution is as strongly oxidizing as permanganate and was 
once used as an alternative oxidizing agent for sulphate 
media. A rather similar oxidation of the acetate gives 


Мп(ОАс) ,.2Н,0 as a solid. This manganese(II1) acetate is 


readily prepared and used as a starting material for most 
manganese (III) studies. By heating the oxides at 500. C for 14 
days, red NagMnQ, crystals were produced which « ontained 


compressed Mn(IIIJO, groups matching the MO, units 
found for M = Fe, Co, or Ni in the (III) state 


14.5.3 Manganese (II) and lower oxidation states 
In contrast to all the above unstable or poorly represented 
states, the manganese(II) state is very stable and widely 
represented. It is the d* state and all the compounds contain 
five unpaired electrons, except for the cyanide and related 
complexes, for example Mn(CN)$~ and Mn(CN)s NO), 
which are low-spin with only one unpaired electron. All the 
high-spin manganese(II) compounds are very stable and 
resist attack by all but the most powerful oxidizing or reduc- 
ing agents. They have all very pale colours, for example the 
hydrate Mn(H,0)2°* is pale pink, as the absorptions due to 
the d electron transitions are very weak. This is because à 
d— d transition which involves the reversal of an electron 
spin (as it must be in a high-spin 4° system) is an event of low 
probability, compared with one which is ‘spin-allowed’. The 
absorptions in manganese(11) compounds are therefore about 
a hundred times weaker than the general run of transition 
compound absorptions. 

By contrast to the high-spin compounds, the low-spin 
complexes are much more reactive and oxidize readily, for 


TABLE 14.2 Examples of high-spin manganese(II) compounds 


MnX; X 


Isomorphous with the Mg halides. 


һ 
nN 
- 
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Stable at red heat. 

Very stable when dry but 
the hydrated forms slowly 
oxidize to MnO, in air. 


This is a true hydroxide, not a hydrated oxide, isomorphous with 
Very stable, even at red heat. The hydrate is isomorphous with 
Very soluble. Stable to 150 °C, then the perchlorate oxidizes the 


Insoluble. Very stable for a transition metal carbonate. It goes to 


MnO and CO, at about 100 °C. 


= F, Cl, Br, I 

MnY Y = О, $, Se, Te Sodium chloride structure. 
Mn(OH); 

Mg(OH);. 
MnSO, 

copper sulphate. 
Mn(CIO,); 

Mn?* to the dioxide. 
MnCO, 
Mn(OOCCH3); 


and other organic acid salts 


Stable: prepared by heating Mn(NO3), with the acid anhydride. 


example: 

Mn(CN)$~ = Mn(CN)3~ 
Manganese([I) is unstable in these low-spin compounds 
probably because the crystal field stabilization energy— 
though large enough to cause spin-pairing—is only a little 
greater than the loss of exchange energy due to spin pairing. 
In the trivalent state, the CFSE is increased because of the 
greater charge. A somewhat similar situation arises in the 
case of cobalt(III) in water. 

The stability of the high-spin manganese(II) state is illus- 
trated by the wide variety of stable compounds formed. 
Some of these are listed in Table 14.2. 

A variety of complex ions exist, including Mn(NH3)¢* 
and octahedral complex ions with EDTA, oxalate, ethylene- 
diamine, and thiocyanate but the hexahalide ions are un- 
known. The equilibrium constants for the formation of 
such ions in solution are low, as the Mn?* ion is relatively 
large (Figure 13.20) and there is no CFSE. Thus one 
important source of the energy required to displace the co- 
ordinated water molecules is lacking. 

A few examples exist of manganese in a square-planar 
environment. In Мп(асас),.2Н,О, the bidentate acetyl- 
acetonate groups form a square plane around the manganese 
and the water molecules complete a distorted octahedron: 
when the compound is dehydrated, it is probable that the 
Mn(acac), remaining is truly square planar. The sulphate, 
MnSO,.5H,O, is isostructural with CuSO,.5H;O and 
therefore contains square planar Mn(H,0)3* units. 

Some tetrahedral manganese units are found, especially 
the halogen anions, MnX3~, which may be prepared as the 
salts of large cations. These tetrahedral complexes are un- 
stable in water, or other donor solvents, and go to octahedral 
complexes of the solvent. 

One or two examples of three-coordinate Мп(П) are 
known, where the low coordination is stabilized by bulky 
groups R. One example is the amide (R;N),Mn;, where 
R = Me,Si. The structure is based on the unit 


A similar species is found for Co(II), another stable + П 
state. 

This very wide range of compounds and coordination 
behaviour underlines the stability of Mn(II) and its domi- 
nance in manganese chemistry. 

In its low oxidation states, manganese forms the cyanide, 
К.Мп(СМ) с, and the carbonyl halides, like Mn(CO) Cl, in 
the I state, the carbonyl, Мп, (СО) jo, in the 0 state, and the 
anion, Mn(CO);, in the —I state. The latter is a trigonal 
bipyramid, as is the related Mn(NO) (СО) 4 with NO in an 
equatorial position. In its carbonyl chemistry, manganese 
forms an extensive range of polynuclear and substituted 
products. 


14.6 Iron, 3d°4s* 
When iron is reached, in the first transition series, the ele- 
ments cease to use all the valency electrons in bonding, and 
the Group oxidation state of VIII is not found. The highest 
state of iron is VI and the main ones are II and III. The 
oxidation energy diagram, Figure 14.22, shows that the IH 
state is only slightly oxidizing while the II state lies at a 
minimum and is stable in water. By comparison with the II 
and III states of other transition elements, the iron(II) and 
(III) states lie much closer together in stability, and this 
accords with the well-known properties of ferrous and ferric 
solutions which are readily interconverted by the use of only 
mild oxidizing or reducing agents. 

Iron is the most abundant of the fairly heavy elements in 
the Earth’s crust and is used on the largest scale of any metal. 
Its production in the blast furnace is well-known, and 
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FIGURE 14.22 Oxidation state free energy diagram for iron 

No potential values for higher states than III are known: the few 
Fe(IV) compounds known are strongly oxidizing. The II state is the 
more stable but, compare Figure 14.27, the III state is also relatively 
stable. 


basically involves the reduction of the oxide by carbon. The 
resulting metal contains a small proportion of carbon, and the 
various types of iron and steel result from varying carbon 
contents, and from other metal additions. In particular, three 
forms ofiron exist at different temperatures, the carbide phase 
is Fe3C, called cementite. Thus, a steel cooled slowly from 
above 720°C and containing about 1% C, consists of layers of 
alpha-iron interleaved with cementite to give the steel called 
pearlite, a soft malleable material. Alternatively rapid cooling 
of the same mixture prevents separation of the layers and 
martensite is formed which is hard but brittle. Technology has 
evolved to a point where a huge variety of special steels of 
varying properties is available. Iron is reactive in air and the 
process of rusting involves the formation of a coat of hydrated 
oxide on the surface in moist air. This is non-coherent and 
flakes away revealing fresh surfaces for attack. Iron combines 
at moderate temperatures with most non-metals and it 
readily dissolves in dilute acids to give iron(II) in solution, 
except with oxidizing acids which yield iron(III) solutions. 
Very strongly oxidizing agents, such as dichromate or 


TABLE 14.3 The iron oxides 


FeO Prepared by thermal decomposition of 
ferrous oxalate at a high temperature, 
followed by rapid quenching to prevent 


(black) 


disproportionation to Fe + Fe4O,. 


Ее,О; Occurs naturally. Otherwise by ignition 
(brown) of hydrated ferric oxide, precipitated 
from a ferric solution by ammonia. 
Fe;04 Occurs naturally as magnetite. It is the 
(black) ultimate product of strong ignition in air 


of the other two oxides. 


concentrated nitric acid, produce a passive form of the metal, 
probably by forming a coherent surface film of oxide. 


14.6.1 The iron—oxygen system 

Iron forms three oxides, FeO, Fe;O;, and Fe3O4, which 
all commonly occur in non-stoichiometric forms. Indeed, 
FeO is thermodynamically unstable with respect to the 
structures with a deficiency of iron. The three oxides show 
a number of structures, some based on a cubic close packed 
array of oxide ions. Properties of the oxides are summarized 
in Table 14.3. 

It will be seen that the structures of the cubic forms of all 
these oxides are related. If the cubic array of oxide ions is 
taken, then all the structures result from different dispositions 
of ferrous and ferric ions in the octahedral and tetrahedral 
sites. This explains the tendency to non-stoichiometry and 
the interconversion of oxides. If the oxide lattice has its octa- 
hedral sites filled up with Fe" ions, the FeO structure builds 
up as the Fe/O ratio approaches one. If'a small portion of the 
Ее! is missing or replaced by Fe" in the ratio of two Ее! for 
every three Fe", defect FeO forms result, with а stability 
maximum at Feo.95O. If the process is continued until there 
are two Fe"! atoms for every Fe" and if half these Ес!!! ions 
enter tetrahedral sites, the structure becomes that of Fe304. 
Conversion of the remaining Fe" to Fe!" gives the cubic form 
of Fe;O;. Compare section 5.10. 


14.6.2 The higher oxidation states of iron 

If hydrated ferric oxide in alkali is treated with СІ, а red- 
purple solution of iron(VI) is obtained containing the ferrate 
ion, ЕеО27. The sodium and potassium salis are very 
soluble but the barium compound may be precipitated. The 
ferrate ion is stable only in a strongly alkaline medium, in 
water or acid it evolves oxygen: 


2FeO2- +10H;0* = 2Fe?* + 3/20, + 15Н,О 


Ferrate is a stronger oxidizing agent than permanganate. It 


Structure is sodium chloride—i.e. O° 
ions сср and Ее * ions in all the octa- 
hedral sites. 


The structure has the oxide ions ccp with 
Fe?* ions randomly distributed over the 
octahedral and tetrahedral sites. 
A second form is hexagonal. 

The structure is inverse spinel*: that is 
the О?” ions are ccp, the Fe?* ions are 
in octahedral sites, and the Ее? * ions 
are half in octahedral sites and half in 
tetrahedral sites. 


*It will be recalled from Chapter 5 that a normal spinel is an oxide AB,O,, 


д : P with A a divalent metal ion and B a trivalent one. The oxide ions are cubic close 
packed and the A atoms are in tetrahedral sites while the B atoms are in octahedral sites. The inv 


greater CFSE of d^ (low spin) ferrous ions in octahedral sites instead of tetrahedral ones. The d* fe 


erse structure of magnetite may be ascribed to the much 
ferric ions have no CFSE in either type of coordination. 


is a tetrahedral ion and the potassium salt is isomorphous 
with K;CrO, and with K,SO,. 

A pentavalent oxyanion, FeOj ^ , is also reported. Iron( V) 
also occurs six-coordinated to oxygen in the complex phase, 
SrLa4LiFeOg. 

Iron 1 V) is also rare. It is found in the perovskite MFeO, 
where М = Caor Sr, but this only exists under pressure of O5 
and disproportionates to Fe(V) plus Fe(III). It also occurs in 
the complex Fe(diars);CI2*, where diars = the ortho- 
diarsine derivative of benzene, o-C;H 4 (AsMe;)5, which acts 
as a bidentate ligand through the lone pair on each arsenic 
atom. The complex is produced as the salt with a large anion, 


FeCl; or ReO,, by oxidation of the ігоп(ПІ) complex 
with 15M nitric acid. Analogous diphosphine and 
phosphine-arsine complexes of iron(IV) are reported, some 


with Br in place of the Cl. 


14.6.3 The stable states, iron (IID) and iron (1) 

While a distinct chemistry of Fe (VI), (V), and (IV) has 
developed, it is a very minor part of iron chemistry and all the 
compounds are unstable outside a strongly oxidizing regime. 
The dominant oxidation states are Fe(II) and Fe(III). 

Apart from the oxides, solid compounds of the II and III 
states are represented by all the halides except Fel. Salts of 
Fe" are known with nearly all stable anions and Fe" also 
forms a wide range of salts, but reducing anions are oxidized, 
as in the case of I`. 

In solution, the relative stabilities of the III and II states 
vary widely with the nature of the ligand. As Fe" is 4° and 
Fe"! is 25, changes in CFSE have an important effect on these 
relative stabilities. The effect is illustrated by the potentials 
below: 


Fe(H,0)3* +e = Ее(Н,0)2* 077 V 
Fe(CN)3- +e” = Fe(CN)¢~ 0:36 V 
Fe(phen)3* +e7 = Fe(phen)j* 1:12V 


(phen = o-phenanthroline, C1,H No, a bidentate 
aromatic nitrogen ligand) 
Fe(C,0,)j^ +е = Fe(C204)2 +6047 002 V 


The cyanide and phenanthroline complexes are low-spin 
while the other two are high-spin, in all cases both in the п 
and III states. Since the AE value for the trivalent d? Fel" 
ion is larger than that of the divalent d5 ion, Mn", the 
cyanide of ferric iron is less unstable, from the CF SE versus 
exchange energy point of view, than the manganese(IT) hexa- 
cyanide. There is a gain in CFSE on going from ferricyanide 
to the d* low-spin ferrocyanide, due to the additional t2, 
electron, but this is relatively small. Ferricyanide acts as a 
mild oxidizing agent while ferrocyanide is stable. In addi- 
tion, the d? ferricyanide is relatively labile to substitution and 
the cyanide may be replaced by water and other ligands, as 
in Fe(GN),(H,O)?~. Thus ferricyanide in solution is much 
more poisonous than is ferrocyanide. 

In strong base, a number of Fe(III) oxyanions have been 
identified including FeO3~ (tetrahedron), Fe;O$^ (two 
tetrahedra sharing an edge), and Fe¢Oj¢ which is a ring of 
six corner-linked tetrahedra. 
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In aqueous solution, ferric iron shows a strong tendency 
to hydrolyse. The hydrated ion, Fe(H5O)$* , which is pale 
purple, exists only in strongly acid solutions at a pH of about 
0. In less acidic media, hydroxy complexes are formed: 


Fe(H;O)3* +H,O = Fe(H;O),(OH)?* +H30° 
Fe(H,O),(OH)?* +H,0 = Ее(Н,О) (ОН); + HO* 


These occur up to pH values of 2 to 3 and are yellow in 
colour, the typical colour of ferric salts in solution in acid. 
At lower acidities, above a pH of 3, bridged species are 
formed and the solutions soon form colloidal gels. As the pH 
is raised hydrated ferric oxide is precipitated as a reddish- 
brown gelatinous solid. This precipitate probably does not 
contain any of the hydroxide, Fe(OH)s, and part of it is 
probably in the form FeO(OH) and part as the hydrated 
oxide. The hydrated oxide readily dissolves in acid and is 
also slightly soluble in strong bases, so the ferric state is 
weakly acidic as well as moderately basic. The basic solutions 
in strong alkali probably contain the Fe(OH)$. ion which 
has been isolated as the strontium and barium salts. 

Two interesting Fe(I1I)-sulphur species are the ion FeSi^ 
which contains discrete tetrahedral ions, and the complex ion 
[ (Et; PFe) (д? — S)g] *. This consists of an octahedral cluster 
of 6Fe atoms, bridged on each of the triangular faces by the 
8S atoms, with a phosphine terminal on each Fe. The FegSg 
core has the same arrangement as that of MogClg shown in 
Figure 15.18. A full series of oxidation/reduction steps have 
been demonstrated which vary the charge on the complex 
from 0 to 4*. 

Ferric iron forms many complexes with ligands which 
coordinate through oxygen, especially phosphate anions and 
polyhydroxy-organic compounds such as sugars. It also 
forms intensely red thiocyanate complexes, used to detect 
and estimate trace quantities of iron. These colours are 
destroyed by fluoride due to the formation of FeF$ . In 
contrast, Ее!!! forms no ammonia complex (ammonia preci- 
pitates the oxide from aqueous solutions) and is only weakly 
coordinated by other amine ligands. If the ligand field is 
sufficiently strong to produce spin pairing, much more stable 
complexes are formed and this occurs with dipyridyl and 
phenanthroline. 

Iron(IIT) forms the  three-coordinate compound 
Fe[N(SiMe3);], like the chromium analogue. Structural 
studies show the presence of planar three-coordinate FeN; 
and FeNSi, groups indicating extended 7 bonding. The 
nitrate complex, Fe(NO3)4, is 8-coordinated in a dodeca- 
hedral configuration. The mixed valent Fe(II)—Fe( ПІ) fluor- 
ide, Fe;F5. 7H5O, is known. On dehydration, it yields FeF; 
and FeF. 

Ferrous iron also forms a variety of complexes. In aqueous 
solution it exists as the Fe(H5O)2* ion, which is pale sea- 
green in colour. This is slowly oxidized by air in acid, and is 
very readily oxidized when the hydrated oxide is precipitated 
in alkali. The anhydrous halides combine with ammonia gas 
to give the hexammine, Fe(NH,)2*, but this is unstable and 
loses ammonia when brought into contact with water. 
Stable complexes are formed, however, by chelating amines 
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FIGURE 14.23 The environment of the iron atom in haemoglobin 

The four N atoms of the porphin ring are coplanar with the iron. 
The fifth position on the iron is occupied by a nitrogen atom from 
a long side-chain on one of the rings, leaving the sixth site in the 
octahedron around the iron to hold an oxygen molecule, a water 
molecule, or some other group. Side-chains and links to the rest of 
the protein are attached to the outer carbon atoms. 


such as ethylenediamine. All these examples are octahedral. 

Tetrahedral complexes are rare but the anions of the 
heavier halogens, FeX3~, can be precipitated by large 
cations. 

The most famous complex of ferrous iron is the complex, 
haem, which exists in haemoglobin. The central porphin 
ring system is shown in Figure 14.23. Side chains are attached 
to the porphin skeleton and an imidazole ring on one of these 
is coordinated to a fifth position on the iron atom while a 
water molecule occupies the sixth position, as shown in 
Figure 14.24a. This water molecule may be replaced by an 
O; molecule and this process is reversible, 14.24b, providing 
the mechanism for the transport of oxygen by the red blood 
cells in the body (compare section 16.7). The oxygen site on 
the iron may also be occupied by CN~, CO, or PF, and the 
coordination in these cases is strong and irreversible. This is 
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FIGURE 14.24 The mode of oxygen carriage by haemoglobin: (a) with a 
water molecule which is reversibly replaced by an oxygen molecule (b) 

Recent studies indicate that the O, molecule is coordinated ‘side- 
ways on’ to the Fe. 


one reason for the poisonous nature of these substances 
(although cyanide, in particular, has other reactions on the 
body as well). Iron occurs in a number of other important 
biological compounds including myoglobin, which is used to 
store oxygen in the muscles, and in various cytochrome 
pigments. In the latter, a chain of transfers occurs which 
links dehydrogenation of alcohols or fatty acids with the 
conversion of O, to H,O via a series of oxidation-reduction 
steps involving Fe(II) /Fe(III) (or Cu(I)/Cu(II)) conversions 
in various cytochromes. 

A further important group of natural products are the 
ferredoxins which contain Fe and S atoms and are used in 
many organisms as electron transfer reagents. Two basic 


structural units (Figure 14.25) have been observed, (A) 
Fe,S, and (B) Fe4S4. These structures are linked to the 
protein skeleton by further Fe—S bonds to the sulphur- 


containing amino acid, cysteine HSCH,CH(NH,)CO,H. 
Thus the iron environments are where S ~ P denotes the 


cysteine sulphur linking into the polypeptide chain of the 
protein. For example, in one isolated ferredoxin, from 
Peptococcus aerogenes, there are two well-separated е5 units 
each linked to four positions, again well-separated. by the 
cysteine bonds. It is possible that the electron transfer 
functions via the formation of Fe— Fe bonds across the face 
diagonals of (B) units. Many iron-sulphur compounds have 
been synthesized as inorganic models for such systems. 

A surprisingly open structure is found in the iron complex 
Fe;,0O&4(OH);(OOCPh),4. The iron atoms аге triply- 
bridged by O or OH, and are also linked by the carboxylate 
groups Fe-O-CPh-O-Fe in a cubane-like structure 
which lacks some of the edges. This is representative of a range 
of iron-oxygen-carboxylate compounds of varying complex- 
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FIGURE 14.25 Two iron sulphur building umits found im ferredoxins, 
nitrogenase, and other iron proteins 
Note: P denotes a link to the protein 


ity which are models for the iron storage protein ferritin, 
colourfully called *biological rust', whose average compo- 
sition at the active site is [FeO(OH) ]g[FeO(OPO3H,) ]. The 
body needs to store and mobilize substantial amounts of iron, 
in a form which prevents the precipitation of iron hydroxide 
species. 

A well-known reaction among iron complexes is the forma- 
tion of Prussian blue by the reaction of ferrocyanide with 
ferric solution, and of Turnbull’s blue by the reaction of 
ferricyanide with ferrous. In addition, ferrous plus ferro- 
cyanide gives a white potassium salt of ferrousferrocyanide, 
and ferric plus ferricyanide gives brown-green ferricferri- 
cyanide. It now appears that all these compounds are related 


FIGURE 14.26 The structure of Prussian blue and related compounds 

If none of the cube centre sites are occupied, the structure is that of 
ferric ferricyanide (both black and white Fe positions occupied by 
Fel!) ; if every second cube centre site (marked with a dotted circle) 
is occupied by K*, the structure is that of soluble Prussian blue 
(black = Fe", white = Fel"); if all the centre sites are occupied by 
K* (crosses as well as dotted circles) the structure is that of di- 
potassium ferrousferrocyanide (black and white sites = Fe"). 


structurally and that Prussian and Turnbull’s blues are 
identical. The basic structure is that shown in Figure 14.26. 
Ferric ferricyanide, Fe[Fe(CN)¢], contains a cubic array of 
iron(II) atoms of unit cell length equal to 510 pm. This is the 
structure in the Figure when the atoms are identical and the 
Figure contains eight unit cells. If every second atom be- 
comes Ее" and one potassium ion is placed in the centre of 
every alternate small cube, a structure of unit cell length 
equal to 1020 pm results. This corresponds to the so-called 
soluble Prussian blue, K[Fe(Fe(CN)¢)] where one iron is 
Ее! and one is Fel, the alternative cases being indistin- 
guishable from the X-ray data. Insoluble, or true, Prussian 
Blue is Fel'[Fe"(CN)g],.14H;O and is identical to 
Turnbull’s blue. The cyanide coordinates strongly to the 
ferrous iron, giving an Fe!! C, octahedral unit. Both the 
nitrogen of the cyanides and some of the water molecules 
interact with the ferric atoms which are found in Fe! N, and 
Fe! N,O, environments. When Prussian Blue is heated in a 
vacuum at 400°C, the water is lost and the compound 
isomerizes to ferrous ferricyanide which is stable when 
dry, but reverts to the ferric ferrocyanide when it takes 
up water. The isomerism appears to involve the reversal of 
the CN groups, and intermediate environments such as 
Fe(CN)4(NC), occur. 
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When all the iron is in the Fe! state, the unit cell reverts to 
510 pm in length. A potassium ion placed at the centre of 
each small cube gives the formula, K;FeFe(CN)g, of the 
ferrousferrocyanide ion. The insoluble blues correspond to 
the formation of alkali-free complexes by replacing the 
potassium by ferrous or ferric ions as follows. If the cyanides 
are regarded as lying in the cube edges and coordinated 
through carbon to one iron atom and through nitrogen to 
the next iron atom, the framework of Figure 14.26 corres- 
ponds to a superlattice of formula Fe'Fe''(CN); in the 
case of the blue compounds. The compounds with ferric 
iron and ferrous iron then become Fe?* [FeFe(CN)s]; or 
Fe?* [FeFe(CN),]5 . Other complex ferricyanides and ferro- 
cyanides are related to these structures. Thus the cupri- 
ferricyanide ion, CuFe(CN)¢ , is the same structure with the 
Fe ions replaced by Cu" ions. Such structures probably hold 
for all ferrocyanide or ferricyanide complex ions of heavy 
metals apart from the alkali and alkaline earth metals. 

In the II state, iron forms a polyhydride complex, FeH2^, 
whose structure has been fully determined by X-ray crystal- 
lography supported by neutron diffraction to determine the 
position of the hydrogens (compare section 7.4). When FeCl, 
was treated with a Grignard reagent (RMgBr) and hydrogen 
in THF, a complex salt was isolated of formula 
Mg, (FeH,) X4. 8THF where X was Br + Cl in ratio 7:1. The 
structure contains a regular octahedral ЕеН2 7 ion with an 
Fe-H distance of 160:9 рт, a reasonable value for a 
covalent bond. The 4 Mg atoms form a larger tetrahedron 
around the octahedron, lying above every alternate trian- 
gular face. There is also a Mg-H interaction shown by the 
distance of 204-5 pm which is appropriate for a Mg?* -H- 
ionic interaction. One other polyhydride complex, Кен” 
(see section 15.5), has been known for a long time, and a few 
others—Li,;RhH, ana 5, Sr;RuHg (probably also octa- 
hedral), Mg;NiH,4, and perhaps Cu and Ir species—have 
been studied to varying extents. The iron compound is 
interesting, both as adding à well-established member to this 
small class, and in showing the dual interaction of H with Fe 
and Mg. 

Ferrocene, (C4H;);Fe, is discussed in section 16.3. It 
contains Fe(II) and is oxidizable to the ferrocinium ion, 
(CsHs)2Fe*, which contains Fe(III). 


14.6.4 Low oxidation states of iron 

Iron (I) chemistry is limited to only a few compounds, many 
of them substituted carbonyls. In contrast, there is a well- 
developed chemistry of iron (0), mainly of the carbonyls and 
their derivatives and analogues which are discussed further in 
section 16.2. Three carbonyl compounds are known, 
Fe;(CO), and Fe4(CO),; as well as the pentacarbonyl, and a 
fair number of compounds exist where the carbonyls are 
replaced by other z-bonding ligands, as in (Ph3P);Fe(CO);. 
Trifluorophosphine behaves in a very similar manner to 
carbonyl and analogues of most carbonyl compounds exist. 
Thus, Fe(PF3), and Ее, (РЕ; )о are found, as are all the mixed 
carbonyl-phosphine analogues of the pentacarbonyl such as 
(PF4)Fe(CO), and (PF;);Fe(CO);. 
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14.7 Cobalt, 3d 4s? 

Figure 14.27 shows the oxidation state energy diagram for 
cobalt. Only the II and III states have any stability in water 
and the II state is far more stable than Со!!, except in the 
presence of complexing ligands. Hydrated Co?* decom- 
poses water. In the solid state, the only trihalide is CoF;, 
which is a strong oxidizing and fluorinating agent. 

Cobalt metal is usually found in association with nickel in 
arsenical ores. It is relatively unreactive and dissolves only 
slowly in acids. It does not combine with hydrogen or nitro- 
gen but it does react with carbon, oxygen, and steam at 
elevated temperatures, giving CoO in the latter cases. Cobalt 
is mainly used in high-performance alloys, in magnets, and in 
ceramics and paints where it provides a blue colour or, often, 
balances out yellow tinges arising from iron compounds. 


14.7.1 Cobalt oxidation states greater than (IIT) 

The highest oxidation state shown by cobalt is IV. An ill- 
defined, hydrated CoO; is formed when cobalt(II) solutions 
are oxidized in alkaline media. The species M,CoO, 
(M =K, Rb, Cs), LigCoO,, and Ba;CoO, all contain 
cobalt(IV). The last has the same structure as K,SO,. 
Cobalt(IV) occurs in the well-defined dithiocarbonate 
complexes, [Co(SjNR;),]*, formed by oxidation of the 
Co(III) species. 

The green (H4N),Co—O —O-— Co(NH3)3* was orig- 
inally thought to be a peroxide (ie. ап O2^ derivative) 
with one Co(II) and one Co(IV) atom. It is now accepted as 
a superoxide (i.e. an О; derivative) with two Co(III) atoms. 
It is prepared by oxidizing the brown cobalt(III) peroxide, 
(H3N)5Co - О-О - Co(NH3,)**. 


14.7.2 Cobalt (Ш) 

Cobalt(III) is strongly oxidizing in its simple compounds, 
and as the hydrated ion, but it forms a wide variety of stable 
octahedral complexes. It is the trivalent d6 ion, therefore 
AE is large and spin-pairing is expected, to take advantage 
of the large CFSE of this configuration in the low-spin state, 
tf, Spin pairing appears to occur in most complexes, al- 


—AG/F = nE, V 
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FIGURE 14.27 Oxidation state free energy diagram for cobalt 
In aqueous acid conditions, cobalt(II) is much more stable than 
cobalt(III). 


though CoF2- is high-spin. The situation in the hydrate, 
Co(H,0)3", is interesting. This is low-spin and diamagnetic 
but the CFSE gain appears to be only slightly greater than 
the loss of exchange energy, and the hydrated ion readily 
reduces to Co(H;O)2*, which is high-spin d^. As the 
CFSE gain іп df is so high, it only takes a small increment in 
the ligand field to make the cobalt(III) state the more stable. 
Thus the hexammine, Co(NH3)*, is prepared by air 
oxidation of cobalt(II) in aqueous ammonia. A stil! higher 
ligand field gives complexes in which the cobalt\!!) state 
becomes strongly reducing. This is shown by the redox 
potentials for Со /Со" complexes of the ligands shown 
below (all for octahedral complexes in both states 


ligand H,0 NH, CN- 
redox potential (V) + 1-84 0:1 — 0:8 


In the hydrates, cobalt(III) decomposes water by oxidizing 
it; in the ammines, cobalt(III) is stable to water; and in the 
cyanides, cobalt(II) decomposes water by reducing it. This 
range of activity resembles that already quoted for iron, but 
is more extreme because of the large ligand field effects. 

Cobalt(III) complexes are extremely numerous and they 
undergo substitution only slowly so that a large variety of 
them are readily prepared and handled. It was the study of 
cobalt(III) and platinum(IV) complexes (both 4°). together 
with chromium(III) and square planar platinum ЇЇ) com- 
pounds which first led to the development of the ideas of 
complex chemistry at the start of this century by Werner and 
his school. By distinguishing different types of isomers and by 
proving the constancy through a series of chemical changes 
of certain groupings of atoms, Werner was able to tormulate 
the idea of definite complex species and to determine the 
coordination numbers and shapes—all this before the 
development of any of the powerful modern techniques of 
structural determination. The variety and types of cobalt (HT) 
complexes are best illustrated by some of these classical 
sequences of preparations and interactions in the field of 
cobalt-ammonia compounds, Figure 14.28. A number of 
other examples, including ethylenediamine complexes, are 
discussed in Chapter 13. 

An example of a natural cobalt(III) complex is provided 
by vitamin B, . This hasa cobalt(III) ion ina situation rather 
similar, though not identical, to that of iron in haemoglobin. 
The cobalt is in the middle of a porphyrin-type structure, 
and coordinated by the four ring nitrogens and by a fifth 
nitrogen from a side-chain group. The sixth site, completing 
the octahedron, is the active site and a number of derivatives 
are known with different groups occupying this site, includ- 
ing CN С, hydrogen, and compounds containing a direct 
sigma cobalt — aliphatic carbon bond. 

Although nitrogen is probably the commonest donor 
atom in cobalt complexes, a variety of oxygen complexes 
exist with ligands of the type of oxalate and acetylacetone, 
Co(C,04)3~ or Co(acac),. Cobaltinitrite, Co(NO;)à , is 
coordinated through nitrogen of course, but there is some 
evidence for the existence of the isomeric nitrito-form, 
Со- O- N- О, in solution in equilibrium with the nitro- 


Co(NO,),.5NH,.H,0+3AgCl, — 2AgCI - CoCI(NO,),. 5NH, 
ie [Co NH) H0] (NOs)s ^ ie [Co(NH;),CI] (NO); 
cold EN / 
AgNO, AgNO. / 
109 \. /«od AgNO, 
А NI 
CoCl, 5NH,.H,O 100'C | CoCl.5NH, 
ie [Со H,..H,0]Ch “giL NH, e [Co(NH,)sCI]Cl, 
or hot H,O торе | 
ACA 
/ | NH, 
fj Bes \100°c 
“se CoCISO,.5NH, [Со(ҸН,) ЈС, 
i.e. [Co(NH;),CIJSO, 
Y: dehydrate Со, (50,),. І0ҸН,. 29,0 
Co, (SO,); LÜNH3.8H,0——— —9 ,_“ aaa dE 
2 4 Ма i.e. [Co(NH4)SH;0];. (SO4)3 
FIGURE 28 Interconversions of cobalt( TIT) ammonia complexes 
This is an example of one of the series of interconversions which led 
Werner to the formulation of the concept of a complex. 
compound. Essentially all cobalt(III) compounds are octa- 
hedral. 
The cobalt III nitrosyl species of empirical formula 


[Co(NH,);NO}** has presented an interesting and -long- 
standing problem. At the time of its discovery, in 1903, it was 


found to form two different isomers, one red and the other 
black. The crystal structure of the black form has now shown 
it to contain the mononuclear ion [(H3N)sCo(NO)]?* with a 
non-linear Co—N —O group, angle about 120°. The red 
isomer was recently shown to be a dimer, containing the 
hyponitrite group, NO, as a bridge. The structure is non- 
symmetric with both Co—N and Co—O bonds to the 


hyponitrite: 


Co(NHs)s|** 


N-N 
fone 
(H4N);Co- O о 
Addition of CN^ to the black isomer gives two more 
hyponitrite species in the orange and yellow isomers of 
(CN),Co — N50; — Co(CN)$-. These have the bridges 
Co О О 
ыз жб Ач 
N-N and Co N-N Co 
X eras werd 
о Со о 
Cobalt trifluoride is used as a fluorinating agent. CoF; 
reacts readily with F, to give CoF and the latter is a strong 
fluorinating agent, though less reactive than fluorine. It 
provides a suitable way of moderating fluorination reactions. 
The compound to be fluorinated is streamed over CoF 3, 
giving the desired product and CoF;. CoF; can then be 
regenerated by passing fluorine over the cobalt difluoride 
and the process may be continued in a cyclic manner. 
One example of a simple cobalt(III) derivative is the 
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anhydrous nitrate, Co(NO,),. This is prepared in non- 
aqueous solvents and has bidentate nitrate groups giving 
octahedral CoO, coordination. 


14.7.3 Cobalt (11) 

Although cobalt(III) exists largely in complexes and has 
unstable simple compounds, cobalt(II) is just the reverse. It is 
perfectly stable in simple compounds and salts and forms a 
number of complexes with ligands of relatively weak ligand 
field. However, with ligands further along the spectro- 
chemical series than water, the CFSE gain on achieving the 
low-spin dî configuration is sufficiently great to make cobalt 
(III) the preferred state. 

Cobalt(II) oxide, halides, and sulphide are well-known 
and may be made by normal methods. Red or pink hydrated 
cobalt salts of all the common anions are known. On addition 
of base to Co" solutions, the pink (occasionally blue) hy- 
droxide is precipitated and this dissolves in concentrated 
alkali to give the deep blue Co(OH)3~ anion. The latter 
may be precipitated as the sodium or barium salt. 

Co(II) complexes occur with 6-, 5- and 4-coordination. 
The hydrate is octahedral, as in Co(NH;)g *. This, and a 
number of related complexes, may be prepared as long as an 
inert atmosphere is maintained to stop oxidation. Co(CN)3~, 
and related species, are found in green and yellow forms, 
depending on the cation. In the green one, the coordination 
of the Co is square pyramidal with the sixth position occupied 
by a weakly coordinated cation or solvent molecule. The 
yellow form is a pure square pyramid. Similar species are 
found for Ni analogues, which also form distorted trigonal 
bipyramids in some cases. 

The deep blue CoC ~, formed by addition of excess HCl 
to the pink hydrated solutions, is tetrahedral. The other 
halides form similar, blue anions as does thiocyanate, 
Co(CNS)2~. These tetrahedral ions generally have to be 
precipitated from solution as salts of large cations. A related 
compound is the mercury complex, CoHg(CNS),, which is 
used as a calibrant in magnetic measurements. This contains 
cobalt(II) tetrahedrally coordinated by the nitrogen atoms of 
the thiocyanate groups while the sulphur atoms tetrahedrally 
coordinate mercury ( II) ions to give a polymeric solid. Square 
planar cobalt(II) complexes are found for some chelating 
ligands, such as dimethylglyoxime and salicylaldehyde- 
ethylenedi-imine, which form stable planar complexes in 
general (compare nickel dimethylglyoxime). 

The tetrahedral complexes of cobalt(II) have three un- 
paired electrons and the square planar ones have only one, 
both as expected for 47. The octahedral complexes include 
both high-spin and low-spin cases, the former with three and 
the latter with one unpaired electron. The change-over 
appears to come between ammonia and nitro anion, NO; , in 
the spectrochemical series. 

An interesting cluster structure is found in [(PhSCo)g 
(ut — S)g] which is the inverse of the [(EtsPFe)¢(#° — 5)в]* 
structure of the last section. In the cobalt(II) case, the 8 Co 
atomsform a cube with thesix S atoms above the square faces— 
alternatively described asforming an octahedron enclosing the 
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cube. The PhS-groups lie terminally and uniformly bent on 
each Co. 


14.7.4 Lower oxidation states of cobalt 

Cobalt(I) is found in the hydride complex ion, CoH$~ 
which has a square pyramidal structure. Most compounds 
in the I, 0, and -I states form with z-bonding ligands. 
The commonest are the carbonyls (see section 16.1) and 
related species. The simplest carbonyl, Co2(CO)g, readily 
gives Co( — I) in the anion Co(CO); and the hydride 
HCo(CO),. It also reacts with organic isonitriles to give 
Co(I) in the cation, Co(CNR)3 which has a square pyra- 
midal structure in the case R = Ph. The cation can also 
be prepared by reduction of the cobalt(II) compounds, 
Co(CNR);X;. 

Interesting cluster compounds are found among the more 
complex cobalt carbonyl anions. For example, in 
Na4Cog(CO),4, the Со, СО; anion consists of an octa- 
hedron of Co atoms, with each of the eight triangular faces 
bridged by a CO. The remaining six CO units are normal 
terminal groups, one on each cobalt. In other words, the 
structure is like that of Mo,Cl§* shown in Figure 15.18, 
with Co in place of Mo, carbonyl in place of the chlorines 
together with six terminal CO groups. 

Cobalt carbonyl hydride, HCo(CO),, has been shown to 
be the active species in the OXO process for the conversion 
of alkenes to alcohols in presence of a cobalt catalyst 


RCH - CH; 4 CO -2H; = RCH,CH,CH,OH 


The reaction proceeds by initial insertion of H— Co into the 


double bond (an example of a ydrometallation reaction) 
followed by CO insertion into the reactive Co — C bond 


ЕСН = CH; HCo(CO), = 


co 
RCH;CH;Co(CO), “S RCH,CH,COCo(CO), 


It is thought that the acyl-cobalt compound then loses CO 
and the resulting tricarbonyl is cleaved by hydrogen and the 
product aldehyde is reduced to the alcohol. 
H,+RCH,CH,COCo(CO), = 
(n = 3?) 
RCH,CH,CHO + HCo(CO),, 
М 
со, 
HCo(CO), 
Another interesting cobalt(I) species is the compound 
CoH (N3) (PPh3)3, ^ hydridodinitrogentris (triphenylphos- 
phine)cobalt(I). This is a representative of a growing class 
of compounds which have N; as a ligand (compare section 
16.6). The structure was one of the first № complexes to be 
determined, and is shown in Figure 14.29, with trigonal 
bipyramidal coordination at the cobalt. The end-on, linear, 
3o—N-—N bonding is analogous to the long-known 
Co — C —O unit, with which it is isoelectronic (see section 
16.5 for a fuller discussion). 
The ligand L = CH4C(CH;PPh;), with three donor 


FIGURE 14.29 The structure of the cobalt(I) nitrogen compound, 
HCo(N;)(PPh;);. 

The Co—N ; unit is linear with bond length 180 + 3 pm, the Co—H 
distance is 160 pm and the equatorial P atoms are bent slightly 


towards the hydrogen position as is usual in hydrido-complexes) 
with N—-Co—P angles of 97 + 2°. 


phosphorus atoms, forms halide complexes of cobalt I, 
CoLX, which are tetrahedral. 

Cobalt(0) also occurs in KyCo(CN), which is the reported 
product of the reduction of the cobalt(III) hexacyanide with 
potassium in ammonia. Cobalt carbonyls are reviewed in 
section 16.2, and cobalt-carbon compounds in sections 16.3 
and 16.4. 


14.8 Nickel, 3d*4s? 

The chemistry of nickel is much simpler than that of the 
other first row elements. The only oxidation state of im- 
portance is nickel(II) and these compounds are stable. 
Nickel(II) is the d? ion and is able to form stable square 
planar complexes as well as octahedral ones. Ligands with 
large crystal field favour square planar coordination, be- 
cause of the more favourable CFSE. The heavier elements in 
the nickel Group are exclusively square planar in the II 
state. 

The element occurs largely in sulphide or arsenic ores and 
is extracted by roasting to NiO and then reducing with 
carbon. Pure nickel is made by the Mond process in which 
CO reacts with impure Ni at 50 °C to give МСО). This is 
decomposed to Ni and CO at 200 °C to yield metal of 
99-99 per cent purity. The alternative large-scale prepar- 
ation involves reduction with carbon followed by electrolytic 
refining. Nickel is used in steels, especially stainless steel, and a 
number of alloys are widely familiar. Cupro-nickel, used in 
coins, is about 4Cu to INi; addition of zinc gives nickel silver 
which is the base of EPNS tableware when silver-plated. 
Nickel is an important hydrogenation catalyst, and is used 
in the Ni - Fe battery. The metal resists attack by water 
or air and is used asa protective coating. It has good electrical 
conductivity. The metal dissolves readily in dilute acids. 
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FIGURE 14.30 Some ligands which stabilize Ni(YIT) or Ni(IV) 
In each case, the hydrogen ionizes, giving 1.7, M?~ or P*~. 


14.8.1 Higher oxidation states of nickel 

Oxidation states above II are represented by obscure 
oxides and some complex compounds. Oxidation of Ni(OH),, 
suspended in alkali, by a moderately strong oxidizing agent 
like Br, gives a black solid which can be dried to the com- 
position, Ni,O3.2H,O. Attempts at further dehydration 
lead to decomposition to NiO. The action of powerful 
oxidizing agents in an alkaline medium give impure, hy- 
drated products of approximate composition NiO;. This is a 
powerful oxidant, forming permanganate from Mn?* in 
acid, and decomposing water. If nickel is heated in oxygen 
in fused caustic soda, sodium nickelate(II1), NaNiO;, results. 

The high oxidation states may be stabilized in complexes. 
Oxidation by chlorine in strong base allowed the formation of 
Ni(IV) which was isolated as the dimethylglyoxime complex 
[(DMG)4Ni]?" ion (compare Figure 14.31 for the 
Ni(II)DMG complex). The NiF@~ ion is known in several 
salts such as K,NiF,, and with oxidizing anions, as in the 
iodine( VII) purple compound, KNilO,.nH,0. 

M,NiF, (M = Na, K) is reported for Ni(III). Many other 
reported complexes have since been shown to contain 
nickel(ll) and oxidized ligand, but trigonal pyramidal 
Ni(PR,) Bry is quite well established. 

By using ligands containing oxime groups (cf. Figure 14.31) 
and other donor atoms, relatively stable nickel (III) 
complexes, NiL, have been made. Here L contains one 
oxime and one donor N in a pyridine group, and the complex 
is neutral and six-coordinated. With a ligand M containing 
two oximes and a pyridine, NiM;, containing six-coordinated 
Ni(IV) was prepared. Nickel(III) is also stabilized by large 
cyclic ligands (Figure 14.30), as in [NiPX;]* or NiL(SO,) `. 
The products are formed by electrochemical oxidation of the 


THE TRANSITION ELEMENTS OF THE FIRST SERIES 235 


МИП) analogue and are stable in dilute acid solutions: the 
oxidation potential is about 1 volt. 

Nickel(II) is found in the green (NiCl;en;) * Cl^ complex 
which has a magnetic moment corresponding to one unpaired 
electron. Nickel(II) is also found in the phosphine complex 
Ni (PEt4) Br, which is probably a trigonal bipyramid. 


14.8.2 Nickel (1I) 

A wide variety of simple compounds of nickel(II) exist, in- 
cluding all the halides and all the oxygen Group compounds. 
Ni?* forms salts with even strongly oxidizing anions such as 
chlorite, and with relatively unstable ions like carbonate. 
The relative stabilities of the П and III states of iron, cobalt, 
and nickel, as shown by the compounds formed with the 
oxychlorine anions are discussed in section 8.6. As chlorine in 
alkali oxidises nickel(II) to nickel(IV), it is to be assumed 
that the extremely powerfully oxidizing CIO ^ anion will not 
form even a nickel(II) salt. The complex ions with ligands 
such as water and ammonia are octahedral, the green 
Ni(H;O)2* ion being responsible for the typical colour of 
hydrated nickel salts. The hexammines and related com- 
plexes such as Ni(en)}* are generally blue. All possible 
mixed forms occur such as Ni(H,O),(NH3)3*. 

With ligands of high field strength, square planar, dia- 
magnetic complexes are formed, such as the cyanide, 
Ni(CN)2~ and the dimethylglyoxime complex used in 
quantitative analysis for nickel (Figure 14.31). In the latter, 
there may be interaction between nickel atoms in the crystal, 
where the flat molecules are stacked vertically above each 
other, so that the compound could be considered as a very 
distorted octahedron. 

There are several examples of tetrahedral nickel(II) 
complexes. These involve halogen compounds, either as 
anions with large cations, as in (Ph4As)2 (NiCI4)?^, or in 
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FIGURE 14.31 Nickel dimethylglyoxime 

The dimethylglyoxime loses a proton and coordinates to Ni giving 
a five-membered ring. The complex is further stabilized by 
hydrogen bonding. 


neutral complexes with phosphine or phosphine oxide and 
related ligands, as in (PPhj);Nil; or (Ph3AsO);NiBr;. 
Such complexes are characteristically intensely blue due to a 
relatively intense absorption in the red end of the spectrum. 
These intense spectral lines distinguish tetrahedral nickel (II) 
from octahedral complexes, where the absorptions are 
relatively weak. 

Since nickel(II) is found in octahedral, square planar and 
tetrahedral environments, and there is no large energy 
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FIGURE 14.32 Bis-(N(alkylsalicylaldimato) nickel( IT) complexes 


difference between these, there are many cases where more 
than one form of a complex occurs, differing in stereo- 
chemistry, or where an equilibrium exists between two forms 
in solution. The salicylaldimato complexes (compare Appen- 
dix B) of the type shown in Figure 14.32, provide examples 
of all three stereochemistries. When R = methyl or isobutyl, 
the complex of Figure 14.32 is square planar, but when 
R — isopropyl, the coordination about the nickel becomes 
tetrahedral. Further, if the diamagnetic square planar 
complex (e.g. R = Me) is dissolved in pyridine, it becomes 
paramagnetic with the moment expected for an octahedral 
complex, and an octahedral dipyridine derivative may be 
isolated. 

When a ligand atom is a moderately weak donor, it is 
possible to isolate complexes with the same formula but 
different coordinations. For example, Nil,Cl, where 


H;C- CH; ы 
a eo ele 
H 
VAN ^p 
N $ 
тау be found іп a blue tetrahedral form or іп a yellow octa- 
hedral one. Similarly, NiL;Br;, where L’ = benzimidazole, 
is found in an orange square planar form and a yellow 
octahedral one. 

In the above cases, solids may be isolated and characterized, 
but often the two forms coexist in solution, even though only 
one is isolable. This is true of a wide range of complexes 
NiL X, which show tetrahedral-octahedral equilibrium 
(usually as blue-yellow changes) in solution, with the tetra- 
hedral form most favoured when X = I. Such equilibria 
may be studied spectroscopically, and when L = phosphine 
with bulky groups, the exchange is slow enough to be 
followed by nmr at low temperatures. 

One particularly striking example of the case of inter- 
conversion of these stereochemistries is provided by the com- 
pound Ni(PRR5);Br; where the substituents on phosphorus 
in the phosphine are R = benzyl (C;H,CH;) and К’ = 
phenyl (СНз). In the crystal of this compound, both square 
planar and tetrahedral nickel environments are found. Thus 
any small energy difference between the two coordinations is 
compensated for by the readier packing of the two different 
sorts of molecule. 

Nickel(II) also forms a range of five-coordinate complexes 
(compare section 13.6), both in the square pyramidal con- 
figuration like NiX;terpy (terpyridyl) and trigonal bipyra- 
midal, as in many Schiffs base complexes (compare Appen- 


dix B). There is even the case, quoted in section 13.6 of the 
Ni(CN)3~ ion adopting both coordinations in the same 
compound. 


14.8.3 Lower oxidation states of nickel 

Low oxidation states are represented by the cyanide 
complexes, K4Ni}(CN)¢ and K4Ni°(CN)4, which result 
from the reduction of the Ni! (CN)2^ species with potassium 
in liquid ammonia. The nickel(I) compound may also 
be made by reduction with hydrazine in an aqueous 
medium. It is relatively stable but the nickel(0) complex is 
extremely reactive and not well characterized. Both are 
oxidized in air or water. Nickel(I) is also represented by 
the phosphine complexes NiX(PPh3),; and Nil. where 
L = CH,C(CH,PPh,)3. Nickel(0) is found in the carbonyl, 
Ni(CO), in Ni(PF3)4, and in all the mixed tfluoro- 
phosphine-carbonyls. The carbonyl anion, МОО)”, 
contains nickel( — I). Although nickel carbonyl is one of the 
best-known carbonyls, the stability of such compounds is 
relatively low at this end of the d block and nickel has а much 
less rich carbonyl chemistry than the earlier elements. 


14.9 Copper, 3d'°4s' 

There are three possible oxidation states in thc copper 
Group, the I state corresponding to d'°, the II state which is 
common to the whole transition series, and the 111 state 
corresponding to d? which would be stable in a square planar 
environment. The elements in this Group show these states, 
with II the stable state of copper, I the stable state of silver, 
and III the stable state of gold. Copper also exists in the I 
state, which is quite stable in solids, and one or two copper(I П) 
compounds are reported. This wide variation in stabilities in 
this Group is probably a resultant of size, exchange energy, 


and ligand field effects, and is discussed in section 14.10. 
Copper is one of the more important trace elements in 
biological systems. It is particularly concerned in the uptake 


of inorganic sulphur into organic molecules and 
copper(I)/copper(II) changes are involved in redox transfer 
systems in cytochromes in a similar way to iron 1/1) 
ones. Intensely blue copper(II)-containing proteins аге typi- 
cal, and are involved in oxidation steps, whereas copper (1) is 
found in haemocyanins. 

Copper is found in sulphide ores and as carbonate, arsen- 
ide, and chloride. Extraction involves roasting to the oxide, 
reduction, and purification by electrolysis. Pure copper has 
an electrical conductivity second only to that of silver and its 
major application is in the electrical industry. The clement is 
inert to non-oxidizing acids but reacts with oxidizing agents. 
With oxygen, it combines on heating to give CuO at red 
heat, and Cu,O at higher temperatures. It also reacts with 
halogens and dissolves in hot nitric acid or hot sulphuric ac id. 


14.9.1 Copper( III 

The (HII) state of copper may be obtained by oxidation 1n 
alkali, yielding MCuO, for M = alkali metal. The structure 
is linked square planar CuO, units. Reaction of the Cu(II 
complex CsCuCl, with F; gives CsCuF, containing the 


square planar Cu"F; ion, while similar treatment of mixed 
MCI plus CuCl, gives alkali metal salts of octahedral CuF2" , 
which have a very short Cu — F distance of 183 pm. A further 
example of copper(II) is the periodate, K-Cu(106)2.7H,0. 
It will be noticed, if the higher oxidation states of iron, cobalt, 
nickel, and copper are compared, that the methods of 
preparing such compounds tend to be similar, for example, by 
oxidation in alkaline media and the use of oxidizing anions. 
Cu(IT1) is also important in the new ceramic superconductors 
of formula YBa,Cu,0,_, (where x is about 0.1), which are 
discussed in detail in section 16.1. 


14.9.2 Copper (IL) 

Соррег (11) is the main state in aqueous solution and the 
compounds are paramagnetic with one unpaired electron. 
The hydrated ion may be written Cu(H,O)2* although the 
structure is not regular. There are four near ligands in a 
square plane and the other two are further away as a result 
of the unequal occupation of the two e, orbitals. This dis- 
torted shape is common for copper(II) compounds as the 
examples of bond lengths below show: 


Compound Distances, pm 
shorter longer 
CuF; 4 of 193 2 of 227 
CuCl, 4 of 230 2 of 295 
CsCuCl; 4 of 230 2 of 265 
CuCl,.2H,0 2 of 231 (Cl) 2 of 298 
2 of 201 (O) 
K;CuF, 4 of 192 2 of 222 


Mixed complexes of water and ammonia are found up to 
Cu(H,O),(NH,)2*, but replacement of the last two water 
molecules is impossible in aqueous solution and Cu(NH3)2* 
can only be prepared in liquid ammonia. It is similarly 
possible to form Cu(H3O)4en?* and Cu(H;O);en?* but 
formation of Cuen$* is difficult. These, and similar amine 
complexes, are all a much deeper blue than the hydrated ion. 


H H 


FIGURE 14.33. Structure of hydrated copper( IT) acetate a r 
The two square planar CuO, units are linked by the acetic acid 
residues and also by Си ~ Cu bonding. 


THE TRANSITION ELEMENTS OF THE FIRST SERIES 237 
Halide complexes are also distorted but are tetrahedral 
with a flattened structure, for example, CuCIZ 7, which can 
be precipitated from a chloride medium by large cations. 
Such tetrahedral complexes are generally green or brown. 

Among the salts, mention must be made of the un- 
usual structures of copper(II) acetate and of anhydrous 
copper nitrate. The acetate is dimeric and hydrated, 
Cu;(CH4COO),.2H;O, and has the structure of Figure 
14.33. The copper atoms are surrounded by a square plane 
of oxygen atoms and the acetate groups bridge the planes 
together. Similar structures are found for copper derivatives 
of other carboxylic acids. 

Anhydrous copper nitrate cannot be made by dehydrating 
the hydrated salt as this decomposes to the oxide. However, 
copper metal dissolves in liquid N,O4/ethyl acetate mixture 
to give Cu(NO3)2.N,04, and Cu(NOj); results when the 
solvating molecule is pumped off. The structure in the solid 
is shown in Figure 14.34. The structure consists of chains of 
copper atoms bridged by NO; groups and cross-linked by 
other nitrate groups. Anhydrous copper nitrate is slightly 
volatile as single molecules. 

There are some apparently three-coordinated copper 
compounds but all are of more complex structure. For 
example, KCuCl, contains dimeric planar Cu,Clg~ ions. 
In the lithium salt, these dimeric ions are joined into longer 
chains by long chloride bridges. A bromide complex contains 
the Cu;Br3~ ion which is completely planar with three square 
planar units linked through their edges. A very distorted 
octahedron around the Cu is completed by weak interactions 
with two Br from parallel ions above the below in an extended 


stack. 


e nitrogen 


© copper O oxygen 


FIGURE 14.34 Solid anhydrous copper nitrate, Cu(NO3)2 

This structure consists of cross-linked chains of nitrate groups 
bonded to two copper atoms. A second crystal form of copper 
nitrate has been discovered recently. 
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As with nickel, copper(II) appears in a variety of geo- 
metries and examples exist of the same compound occurring 
in two different structural modifications. One example is 
provided by complexes CuCl, L}, where L is an N-oxide such 
as pyridine-N-oxide, CSH SNO. These occur in a green form, 
which is thought to be ¢trans-square planar and also in a 
yellow form in which the coordination is tetrahedral. 

Copper(II) is found in five-coordination which is usually 
square pyramidal although CuCl3~, CuBr3~ and CuCl,Br3~ 
are trigonal bipyramids (with axial Cl in the latter). 

As many of these structures are distorted, and often show 
a variety of bond lengths to the same ligand atom, copper 
stereochemistry presents an extremely difficult field. Normal 
spectroscopic methods are inadequate to distinguish dis- 
torted shapes from those of lower coordination number, and 
even X-ray crystallography may give inconclusive results 
because of the problems of correlating several different 
interatomic distances with short, long, or non-existent bonds. 
Three-coordinate copper(II) is found in the halides CuX; 
with large cations. 


14.9.3 Copper(I) 

A mixed Cu(I)-Cu(II) species is found in the intensely blue 
CuCl; ion, which consists of an infinite chain of distorted 
tetrahedral units sharing edges. One type of Cu has Cu-Cl = 
234-2 pm and two CICuCI angles of 92-8? and four of 118°, 
values appropriate to Cu(I). Its neighbour has Cu-Cl = 
225:5 pm, and angles in pairs of 98°, 100°, and 134^, all 
features indicating Cu(II). The blue colour should not be 
confused with that of Cu(II) in solution which is due to the 
hydrated ion. Cu(IT) chloride species are generally yellow or 
red. The intense colour is due to electron transfer between the 
two oxidation states, and intense colours are characteristic of 
such systems (compare the discussion on Prussian Blue, 
section 14.6). 

The I state of copper is represented largely by solid com- 
pounds which are insoluble in water. For example, if iodide 
is added to a copper(II) solution, the cupric iodide initially 
formed rapidly decomposes to give a precipitate of Cul. 
Similarly, one method of determining copper quantitatively 
is by precipitation of CuSCN. The stability of copper(I) in 
solution is low and the redox potentials 


Са* +е” = Cu 052V 
Cu?* e^ = Cut 0-15 у 


show that Cu* is unstable to disproportionation : 


[Cu? +] 


2Cu* = Cu+Cu?*, Е = 0:37 У, К = [Си +]? = 10° 


The reason for the marked instability of Cu* in water is 
not completely clear, as the d!? configuration, with its very 
high exchange energy, would be expected to be reasonably 
favoured. One possible explanation lies in the low hydration 
energy which is likely for the Cu* hydrated ion, as compared 
with that for the Cu?* ion. The cuprous ion is larger and has 
only half the charge so that its charge density is markedly 
lower, and hence the energy of interaction with the water 


dipole is less. In addition, in known complexes of Cut, 
especially the ammine, Cu* is only two-coordinated as in 
Cu(NH3)3. If the hydrate is reasonably supposed to have 
the same formula, then there would be only two interactions 
instead of the four strong and two weaker interactions in the 
Cu?* hydrate. Thus Cu* has about half the interaction 
energy with half the number of water molecules compared 
with Cu?*. When this case is compared with that of Ag+, 
where the behaviour is quite the reverse and Ag?" is quite 
rare and unstable, it will be seen that the greater size of 
silver tends to decrease these differences between the two 
oxidation states and the exchange energy probably then 
becomes the dominant term. Passing to gold, this trend again 
alters with the size, and the large CFSE term for a irivalent 
species of the third transition series helps to male square 
planar Au(III), with a d® system, the preferred state, al- 
though Au(I) also occurs. It is probable that the imarked 
variation in chemistry in this Group, where the three ele- 
ments differ markedly more than in any other Group, is a 
function of the increase in size coupled with the existence of 
stable electronic configurations on either side of the divalent 
d? state. 

In the complex copper(I) ion, CugIZ~, there is no Cu — Cu 
bonding. Cu lies almost symmetrically in the triangular faces 
of the I, octahedron. 

Apart from the insoluble CuCl, CuBr, Cul, and the 
cyanide and thiocyanate, copper(I) gives soluble complexes 
with these groups as ligands. Two cyanide complexes exist, 
soluble Cu(CN)3~, and the compound KCu(CN); which 
has a chain structure containing three-coordinate Cu!: 

---—-—Ou-C-N-OCu(CN) - C- N - Cu uo 
The red cuprous oxide, Си,О is well-known. This is the 
compound precipitated in Fehling's test for sugars; it is pro- 
duced by the reduction of the blue cupric tartrate complex 
by glucose or related molecules. 

It is still uncertain whether copper can exist in the 0 state 
as a number of reported compounds have been reformulated. 
One possible example is the diamagnetic species 


Cu(NC- (CH,), — CN),. 


For zinc, 3419452, see section 15.10, The zinc Group 


14.10 The relative stabilities of the dihalides and trihalides of 
the elements of the first transition serios 

Although, at present, the factors affecting the stabilities of 
oxidation states are incompletely understood, answers can be 
obtained in a rigorous manner from the thermodynamic 
parameters involved, providing that the problem is precisely 
formulated. One case discussed is the thermal stabilities of the 
trihalides (excluding fluorides) of the first row transition 
elements to decomposition according to the equation 


MX „ау —* MX нын, + 4X2 


at 25 °C. This problem is only a small part of the question of 
the relative stabilities of the П and IIT states of the first row 


elements but its solution points the way for further work. 
Other compounds, other conditions, and even other de- 
composition routes of the trihalides, would have to be 
considered to extend our understanding of the general 
problem. 

The observed stabilities show a fairly regular trend from 
scandium to zinc, with the trihalide stable relative to the 
dihalide at the left hand end of the transition series, and 
unstable with respect to the dihalide for the elements to the 
right, especially nickel, copper and zinc. There is an 
anomalous order of stability in the middle of the series with 
Mn < Fe > Co in the stability of the trihalide relative to 
the dihalide. This order holds for X = Cl, Br, and I. In the 
detailed analysis, it turns out that the change of entropy in 
the decomposition reaction is small and nearly the same for 
all the elements. Thus the free energy change in the reaction 
depends on the changes in enthalpy. These are best analyzed 
by breaking the reaction down into a number of simpler 
steps in a Haber cycle: 


AG МХ, (5) + 3X, (normal state) 


МХ, (5) 


\ U 
Us а Е 


\ -L^ M?* (g) 

A + 

M''(g + X~ (g) +X (g) + X'(g 

(recall that exothermic processes are negative in sign.) 


Thus AG = —U,—I+U,+E—TAS, where AG is the 
free energy of the decomposition reaction, U, and U3 are 
the lattice energies of the di- and tri-halide, TAS is the 
entropy energy, and Ё and / are the appropriate electron 
affinity and the third ionization potential of the metal. As 
the changes in the chlorides, bromides and iodides are 
parallel, attention may be focused on the chlorides. 

As we are comparing the chlorides of one element with the 
next, the value of E is a constant for the series, and as 
— TAS is found to vary only slightly, we can take the sum of 
E and — TAS asa constant along the series. Thus the variagion 
in AG along the series is a consequence of the variations in 
the terms —/, — Uy and Us. The values of the ionization 
energies, /, are well established (Table 2.8) and the lattice 
energies, U, may be evaluated by Born-Haber cycles, as 
discussed in Chapter 5, in terms of atomic properties. 

The variations across the series of —/, Uz, and — U; are 
plotted in Figure 14.35, together with the resultant value of 
AG which is the combination of the constant terms Ё and 
— TAS with (07, = 07 = д. The lattice energy curves, U; 
and 4, are similar to those shown in Figures 13.21 and 13.22 
and clearly reflect ligand field stabilization energy changes. 
In particular, the d° species— MnCl, and FeCl;—are less 
stable than their neighbours. (Note that U, and U, are 
plotted with opposite signs.) However, for the difference 
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0-03 


Sc Ti V Сг Mn Fe Co Ni Cu Zn 


FIGURE 14.35 The variation in the principle energy terms involved in the 
process MX; = МХ, 3X; 

The resultant AG follows the —/ curve, moderated by the lattice 
energy difference U, — U;. For clarity, the zeros of the different 
curves have been shifted: the —/ curve ranges from —2430 to 
— 3850 kJ mol ^!, the U, curve from — 2340 to — 2720 kJ mol", the 
AG curve from +375 to —630 kJ mol^!, and the — U; curve from 
+5270 to +5860 kJ mol~'. (Recall that lattice energies are exo- 
thermic as defined so that + U, is exothermic and therefore has 
negative values while — U}, the energy for the reverse process to 
forming the trihalide lattice, is endothermic and has positive values. ) 


(U5 — U3), these variations partly cancel (as shown in the 
top curve of Figure 14.35) as they occur one element later 
for the trihalides than for the dihalides. It is clear that the 
most important single factor is the third ionization potential 
of the metal, which is exothermic for the cycle step shown 


M?* (ge + M**(g). 


The free energy curve AG is clearly seen in the Figure to be 
dominated by the value of — /, moderated to some extent by 
the variation in (U5 — U3). The change in free energy of the 
reaction 


MClasaig > МС зона) + 2С1 (оз) 


is positive for the elements at the left of the transition series 
and varies through near-zero values to negative at the right 
hand end. That is, the trichlorides (and similarly for the 
tribromides and triiodides) are stable with respect to de- 
composition at the left of the series while the decomposition 
to the dihalide is favoured towards the right. The variation 
of J, in turn, may be analyzed as a general increase across 
the transition series as the nuclear charge increases (that is, 
— [ becomes more negative) as expected from the incomplete 
shielding effect of the d electrons in the same shell. To this 
is added the major break between Mn(45 — d*) and 
Fe(d5 — d) which again reflects the exchange energy effect 
in the 2° configuration. 

Thus, although this decomposition reaction depends on 
the total effect of a large number of factors, it is seen that the 
pattern is set by exchange energy effects in the 4° state as 
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reflected in the value of / moderated by CFSE effects on the 
lattice energies of the halides. 


PROBLEMS 


The best way to build up a clear picture of systematic 
chemistry is to correlate one body of facts in as many ways as 
possible. Look at the chemistry of neighbouring elements, of 
other oxidation states of the same element, of the same 4" 
configuration, of ions of the same charge etc. The problems 
below are a guide to many similar ones which you can devise. 


141 From Figure 14.1 (compare section 8.6) determine the 
most stable oxidation state in solution for each of the 
transition elements of the first series. Compare Tables 13.2 to 
13.5 and decide how far stability in the solid state matches 
stability in solution. Discuss any difference. 


142 For each element of the first transition series, examine 
how far the detailed chemistry (as given in the appropriate 
sections 14.2 to 14.9) matches the general deductions drawn 
in question 14.1 (see also Chapter 13, question 1). 


14.3 The oxidation states of the first transition series are 
demonstrated by the oxides and fluorides in Tables 13.3 and 
13.4. Collect together descriptions of mixed species (the 
oxyfluorides) from this chapter and compare the picture of 
oxidation states which results with that given by the tables. 
Do the same exercise for the heavier halides. Such an 
approach may be extended to the complex ions: compare the 
fluoro-complexes with the oxyfluoro- ones. 


14.4 Compare and contrast the chemistry of every third 
element of the first transition series with that of its neighbour 
on either side. 


14.5 (a) A potential of —1-9 volts has been measured for 
Fe?* +4H,O = FeO}7 +8H* +3e. Extend the Ebsworth 
diagram for Fe and discuss the properties of Fe(VI) 
compared with Mn(VI) and Cr(VI). 

(b) Survey all oxidation states of VI or above throughout 
the Periodic Table. Discuss their occurrence, stability and 
properties. 


14.6 Survey a general topic throughout the transition 
elements. Examples of such topics include 


(a) octahedral complexes (compare particular Groups of 
elements) 

(b) complexes of ligands with alternative donor atoms 
(e.g. - NCS and —SCN) 

(c) coordination numbers greater than six 

(d) shapes adopted for five coordination 

(e) the relative stabilities of octahedral, tetrahedral and 
square planar configurations 

(f) particular classes of compound such as ‘bridged 
oxygen species’, or ‘complexes with metal-sulphur bonds’, or 
‘peroxides’. 

(g) complexes of bidentate oxyanions (e.g 
nitrates) 

(h) low oxidation states 


acetates, 


142 Look up the paper “Thermochemistry of the Potassium 
Hexafluorometallates(II1) of the Elements from Scandium to 
Gallium’ by P. С. Nelson and К. V. Rearse, in J. Chem. Sot., 
Dalton Transactions, 1983, pages 1977-1982. Compare the 
results with Figure 14.35. Discuss how far the interpretations 
are compatible and whether there is an effect of the halogen. 


Many such questions can be devised. Surveys should start 
with the first transition series in Chapter 14 and include 


material from Chapters 9 and 13. Many should be broadened 
to the heavy transition elements in Chapter 15, and often to 
the rest of the Periodic Table (see Chapters 10 to 12 and 17). 


The special topics of Chapter 16 will also often be relevant. 


15 The Elements of the Second E 


and Third Transition Series 


See section 16.8 for elements of the fourth transition series (the 
‘superheavy’ elements). 


15.1 General properties 
This Chapter deals with the remaining elements of the 


transition block, those in which the 4d or 5d level is 
filling. The effect of the lanthanide contraction is to 
make ihe chemistry of the heavier pair of elements in the 
same Group very similar. A summary of the oxidation 
states of these elements, in relation to those of the first 


series, is given in Table 13.2, while Tables 13.3, 4, and 5 
give known oxides and halides. Other properties 
already listed include electronic configurations, atomic 
weights and numbers (Table 2.5), and Ionization Potentials 
(Table 2.8). 

In these elements, higher oxidation states are more stable, 
in general, than in the first series. This is shown both by the 
relatively non-oxidizing behaviour of states like Re(VIT) and 
Mo(V1) or W(VI), and by the existence of high oxidation 
states to the right of the series, which are not found for the 
first row elements: examples include Os(VIII) and Ir(VI). 
Complementary to this increased stability of high oxidation 
states is a decrease in the stability of many lower oxidation 
states, as shown by such examples as the strong reducing 
properties of Zr(H1I) or Nb(IV) and the virtual non-existence 
of compounds of W(II). Some similarities do, of course, exist 
between the lighter and heavier elements, especially in the 
properties of the higher oxidation states to the left of the d 
block and in those of the lower oxidation states at the right 
hand end. The maximum range of oxidation states comes in 
the middle of the block, rising to the VIII state of osmium 
and ruthenium. 

Some of these elements are rather rare or inaccessible, 
especially those in the Groups immediately following the 
lanthanides, which are difficult to separate. Both hafnium 
and niobium, which occur along with their more abundant 
congeners, zirconium and tantalum, are not well studied and 
there are gaps in their chemistries where they are presumed 


the 
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to be similar to their congeners but without full proof. Other 
rare elements are technetium, which has only unstable iso- 
topes and has to be made artificially, and the platinum 
metals and gold which, though accessible, are expensive to 
work with. The elements become less reactive towards the 
right of the transition block, and the tendency to reduction 
to the metal is an important characteristic especially of the 
platinum metals and gold, and also, to a lesser extent, of 
rhenium and silver. Few of these elements find large scale 
applications, though molybdenum and tungsten are com- 
ponents of highly resistant steels. The precious and semi- 
precious metals, apart from their uses in coinage and jewel- 
lery, find some application in precision instruments, electrical 
apparatus, and in surgery. Platinum and palladium are used 
as catalysts in a number of industrial processes. Zirconium 
and niobium, the former especially, find use as ‘canning’ 
materials for the fuel in nuclear reactors. For this purpose, 
they must be separated from their congeners, hafnium and 
tantalum, which ‘poison’ the reactors by capturing neutrons. 
Most elements are extracted by carbon or metal reduction of 
the oxides or chlorides. 

Many of these elements form non-stoichiometric carbides, 
nitrides, and hydrides, similar to those already discussed for 
the first series elements. 

As these elements are larger than the first row members, 
higher coordination numbers are found. Although six- 
coordination to singly-bonded ligands is still common, seven- 
and eight-coordination are found, as in ZrF3~ or Mo(CN)3-. 
To pi-bonding ligands such as oxygen, six becomes a com- 
mon coordination number as well as four; compare the 
polymeric oxyanions of Mo and W, which are based on МО, 
groups, with the vanadates and chromates, which contain 
MO, units. 

The increase in ligand field splittings which is shown in 
these larger atoms means the CFSE values increase markedly 
in all configurations, and the normal electronic configura- 
tions are the low-spin ones. Evidence for high-spin complexes 


is very rare. 


242 THE ELEMENTS OF THE SECOND AND THIRD TRANSITION SERIES 


15.2 Zirconium. 4/2552, and hafnium, 50/2652 

Only the IV oxidation state is stable for these elements and 
potential data are not available for the lower states. The 
M/M" values for the two elements are similar and differ 
from that of titanium by a factor of about two; the elements 
being better reducing agents than titanium. Ti'"/Ti = 
—089 V, Zr'“/Zr = —156 V, and Hf''/Hf = —1-70 V. 
The IV state occurs in solution and in a variety of solid 
compounds, but the III and II states decompose water and 
are only found in solid products. 

Zirconium ores occur, including the oxide and zircon, 
ZrSiO,, but there аге no discrete sources of hafnium which 
is always found as a minor component in zirconium minerals. 
Zirconium was known for nearly a hundred and fifty years 
before hafnium was discovered in its ores and compounds. 
The elements are extracted as tetrahalides and reduced with 
magnesium in a process similar to that for titanium. Here 
also, argon has to be used to provide an inert atmosphere, as 
the metals combine with nitrogen. 

The covalent radii, 145 pm and 144 pm respectively for 
Zr and Hf, and also the radii of the hypothetical ions Zr** 
(74 pm) and Hf** (75 pm), are so close that the chemistry 
of this pair of elements is virtually identical. Separation is 
even more difficult than for the lanthanides but ion exchange 
and solvent extraction procedures are now available. One 
example of these is the separation of the tetrachlorides 
dissolved in methanol on a silica gel column. Elution is by an 
anhydrous HCl/methanol solution, with the zirconium 
coming off the column first. 

In the IV state, these elements show a general resemblance 
to titanium(IV) but differ in the acidity of the dioxides and 
the solvolytic behaviour of the oxycation. The dioxides are 
soluble in acid solution and addition of base precipitates 
gelatinous hydrated oxide, ZrO,.nH,O. No true hydroxide 
exists. The hydrated oxide gives ZrO, (or HfO;) on heating 
and these are hard, white, insoluble, unreactive materials 
with very high melting points (above 2500 °C). The more 
abundant zirconium dioxide is used for high temperature 
equipment, such as crucibles, because of these properties. The 
hydrated oxide is quite insoluble in alkali and the dioxides 
therefore have no acidic properties. The solids M,ZrO, 
contain ZrO; square pyramids linked into chains by sharing 
edges. 

In solution, zirconium(IV) and hafnium(IV) hydrolyse less 
than titanium(IV). The main species in solution is frequently 
written as the oxyion ZrO?* (zirconyl) or HfO?* (hafnyl) 
but it is doubtful whether these simple species exist. The 
species in solution are probably М(ОН)&°- and trimeric 
or tetrameric hydroxy species. Tracer experiments indicate 
the presence of Zr** ions in very dilute solution in perchloric 
acid. Compounds containing the MO group are common, for 
example ZrO(NO;);. 2H;O or НЮ(ООССН,),, but their 
structures may not be simple. Thus, ZrOCI; . 8H5O contains 
the cation [Zr,(OH)gs(H5O),4]** which has dodecahedral 

coordination around the zirconium. There is also evidence 
for the, possibly polymeric, ion Zr,03* in solution. The 
complexity of these hydrolysis products is typical of the 


solution chemistry of this part of the Periodic Table, although 
the larger atoms mean that there is less extensive hydrolysis 
than for titanium(IV). However, the elements are not large 
enough to allow the formation of the M** ions. Simple 
zirconium or hafnium compounds, such as the tetrahalides or 
the tetra-acetate, Zr(OOCCH3),4, are covalent compounds, 
notsalts. 

The halides may be made by standard methods and show 
the expected reactions: 


MO,+C+Cl,—> MCl,+CO, 
/#x 
M+X,—> MX, 
EU IE “но 
M heat MX2- MOX, 
(also МЕЗ” and (stable) 
М,"МЕ, in the case X = Е) 


MX, MX; 

ZrF, forms a solid with 2:8 coordination where cach Zr 
atom is surrounded by 8F atoms in a square antiprism 
configuration (compare Figure 15.4b). The other tetrahalides 
are volatile solids. In the vapour phase, the structure is 


monomeric and tetrahedral, while in the solid the Zr or Hf 
atoms are in octahedral coordination. The structure of one 
form of ZrCl, is a chain of linked octahedra (2201.01,,) like 
the МЫ, structure shown in Figure 15.7. The halides 
hydrolyse vigorously to the oxyhalide, which is stable to 
further hydrolysis. The most stable complex halides are the 
fluorides, and the hexa-, hepta-, and octa-fluorides are 
known. The octahedral ZrF2~ ion is found for example in 


mE 


Figure 15.1 The structure of the ZrF3~ ion in (NH4J4ZrF; 
This species is basically a trigonal prism with an extra ligand 
attached to one face. The NbF2- and ТаЕ? > ions adopt the same 


structure. 
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Li;ZrF,. In the formally similar K,ZrF,, the structure 
involves bridging fluorines and ZrF, coordination. In 
the mixed potassium-cupric hexafluorozirconate, the struc- 
ture is even more complex and is formulated as 
K,Cu(H,O),[Zr2F,.]. The (Zr;F43)*- anion has the 
unusual pentagonal bipyramidal coordination around each 
zirconium, and the two bipyramids share an edge— 
F.Z:iF;.ZrF, The pentagonal bipyramid is also found in 
the sodium salts Na4ZrF; and NajHfF>. These contain 
pentagonal bipyramid MF; groups, as in IF, but the 
ammonium salt of the heptafluorides has the same structure 
as the isoelectric niobium and tantalum heptafluorides. This 
is shown in Figure 15.1 and may be described as a trigonal 
prism with the seventh fluoride added beyond the centre of 


one of the rectangular faces. In the MF, groups, the eight 
fluorines adopt the bisdisphenoid configuration shown in 
Figure 15.2, and described in section 13.6. If the cation is 


© Zror Hf 


Qr 


FIGURE 15.2. The structure of ZrF4~ and HfFg 
This form of eight-coordination is similar to that found in the octa- 
cyanomolybdate ion (Figure 15.17). Contrast this with the structure 
of the octafluoride of tantalum (Figure 15.4b). 


Cu(H,0)2*, in place of the alkali metals, the antiprismatic 
form is found for ZrF$~, like the octafluorotantalate (Figure 
15.4b). 

Zr and Hf, as well as U, form volatile borohydrides 
M(BH,),, with 12-coordination where each BH, group is 
bonded to M through three shared H atoms. In contrast, the 
larger uranium allows even higher coordination (see 
p. 180). The ion M(BH4); may be stabilized by large 


mie 
B bridges. 
xx 
H 


'The lower oxidation states of zirconium and hafniu 


cations and appears to be 10-coordinate with M 


m are 
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very strongly reducing. Mixtures of di- and tri-halides result 
from reduction by the element, or by reduction with H; at 
400—500 *C. It may be noted that treatment of a mixture of 
ZrCl, and Hf Cl, with zirconium metal gives ZrCl,, which is 
involatile, and leaves Hf Cl, unreacted. The latter may then 
be sublimed out of the reaction mixture, providing a method 
of separating the elements. The III and II states do not exist 
insolution. One striking example of the reducing power of the 
III state is provided by the production of the blue potassium 
solution in liquid ammonia, in the following reaction: 


N 
ZrCl, 4 4KNH; NR Zr(NH;)4, +K & 3KCI 


HfCI, gives НГСІ, when heated with hafnium metal, and 
the trichloride is stable to 350 °C in the presence of HfCl,. 
Hafnium dichloride is said to disproportionate to HfCl and 
HfCl, when heated to 627 °C. In contrast there is no lower 
hafnium iodide with iodine content less than HÍT,.;. 

The МХ; species have either the Bil, layer structure 
(Figure 5.10b) or the Zrl, structure which consists of a chain 
of octahedra sharing faces. 

Treatment of Zr with ZrCl, in an inert container yields a 
new phase, ZrCl, which has metallic properties. The 
structure is a novel layer form, of nearly cubic symmetry, 
which can be regarded as the CdCl, structure (see Table 5.3) 
with an extra layer of metal atoms inserted giving a four- 
layer Cl — Zr — Zr — Cl arrangement. A Zr atom is approxi- 
mately cep with 6 Zr neighbours in the same layer, three Zr 
in the neighbouring layer on one side and 3 Cl atoms as 
neighbours on the other side (compare section 5.6). ZrBr is 
similar. 

One compound of zero-valent zirconium is known. This is 
the violet dipyridyl, 2г(@іру) з, formed, like the correspond- 
ing Ti compound, by reduction of ZrCl, with Li in ether in 
presence of dipyridyl. 

Compounds such as Zr(benzyl) and Zr(CsHs)4 show 
promise as homogeneous catalysts in the Ziegler-Natta 
process (see section 17.43). 


15.3 Niobium, 4d^5s', and tantalum, 50/265 

These two elements resemble zirconium and hafnium in the 
very close similarity of their chemistries, although here it is 
the lighter niobium which is the rarer element. The different 
ground state electronic configurations appear to have no 
effect on the chemistry in the valency states. Rather more is 
known of the lower oxidation states of these elements than 
was the case with zirconium and hafnium, but the V state 
is by far the most stable and well-known. The element/ M>* 
potentials show the same trend as in the preceding Group: 


VY/N = —0:25 V, NbY/Nb = —0:65 V, TaY/Ta = –0:85 V 
A potential of about — 1-1 V has been estimated for Nb" /Nb 
and one of about —0:1 V for NbY/Nb", both in sulphuric 
acid solution where complex species are probably formed in 


both states. 
Niobium and tantalum generally occur together and are 
separated by fractional crystallization of fluoro-complexes: 
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electrolysis 
pn 


ore > M0, - KHF;/HF — K;TaF; Ta 


less soluble 


K;NbOF,; A Nb 
more soluble 


The metals are very resistant to acid attack but will react 
slowly with fused alkalis and with a variety of non-metals at 
high temperatures. They have very high melting points 
(Ta above 3000 °C) and find some use in high temperature 
chemistry. Tantalum is also used in surgery as it can be 
inserted in the body, as in fracture repair, without causing 
a ‘foreign body’ reaction. 


15.3.1 The (V) state 
In the V state, the oxides, Nb,O; and Та,О;, may be 
prepared by igniting the metals, their carbides, sulphides, or 
nitrides, or any compound with a decomposable anion. The 
oxides are inert substances which are generally brought into 
solution by alkali fusion, or treatment with concentrated HF. 
The oxides are therefore amphoteric but the acidity is very 
slight and the niobates are decomposed, even by as weak an 
acid as CO. The product of alkali fusion contains one metal 
atom and is written as NbO3^ (or TaO3~) and termed 
orthoniobate (or orthotantalate). A monatomic metanio- 
bate, NaNbO;, is also known which has the perovskite 
structure. A number of more complex species are also known 
which contain 2, 5, or 6 metal atoms, for example, М! Nb;O; 
or МъТаО; о. The latter TagO85 ion has also been shown to 
be present in solution. The structure of none of these species 
is known, nor are the formulae unambiguous but may include 
water molecules and hydroxyl ions. It does seem clear, 
though, that niobium and tantalum share with vanadium the 
tendency to form polymeric oxyanions. The neutralization 
of these niobate or tantalate solutions with acid leads to the 
precipitation of white gelatinous precipitates of the hydrated 
pentoxides. These dissolve in hydrofluoric acid, probably as 
fluoro-complexes, but there is no evidence of cationic forms 
of niobium or tantalum in solution analogous to the vana- 
dium oxycations. 

The pentafluorides may be prepared by the reaction of 
fluorine on the metal, pentoxide, or pentachloride, or by HF 
on the pentachloride. Both are volatile white solids melting 
below 100 °C and boiling near 230 °C. The structures are 
tetrameric in the solid with MF, units and one bridging 
fluoride between each pair of metal atoms (Figure 15.3), 
isostructural with MoF,. In the liquid phase, there is 
evidence for similar cis-bridging, but forming polymers 
rather than tetramers. In the vapour above NbF;, 98 % is the 
trimer Nb;F,; and about 2 % is monomeric МЬЕ,. 

The pentoxide dissolves in HF with formation of fluoro- 
complexes and these are also formed by the pentafluorides 
and Е. Crystallization from solutions of moderate F^ 
concentration gives the salts M'Nb(or Та)Е, containing 
octahedral MF, ions. In the presence of excess F^, TaF2- 

and МОЕ? are formed. A larger excess of F^ leads to the 


formation of NbF2^ and, at very high F^ concentrations, 


© мота 


СЕ 


FIGURE 15.3 The structure of NbFs or ТаЕ; 
Most other pentafluorides of the transition metal adop: similar, 
tetrameric, structures. 


NbOF2~ and TaF3~ are formed. The octafluoroniobate has 
not been reported. The structures of the MF? jons are 
those based on the trigonal prism shown in Figure 15.1. 
NbOF2- has an octahedral structure, while NbOF$- 
illustrates another form of seven-coordination. This, ligure 
15.4a, is based on the octahedron with the seventh ligand 
placed at the centre of one triangular face. The | (3-7 ion 
is the square antiprism (Figure 15.4b) which reduces inter- 
actions between ligands to a minimum in eight-coordination. 
This corner of the d block gives a variety of seven- aiid cight- 
coordinated structures which is not found elsewhere in the 
Periodic Table. 

The other pentahalides all exist and can be prepared by 


standard methods. All six compounds are volatile covalent 
solids with boiling points below 300 °С. The vapours are all 
monomeric and electron diffraction results indicate the 
structures are probably the expected trigonal bipyramids. 
In the solid, an X-ray study shows that NbCl, is a dimer, 
Cl 
DR 
Cl, Nb NbCl,, with two bridging chlorides giving an 
io ы 
СІ 
octahedral configuration around each niobium. In solution 
in non-donor solvents, such as CCl4, the dimeric form is 
retained. Tantalum pentachloride and both bromides have 
the same solid structure but the pentiodides are of a different, 
and unknown, structure. Much less is known about com- 
plexes of these heavier halides but there is good evidence for 
the existence of MCI; species. 

The pseudohalogen analogues, M(NCS), and M(NCS)o 
are also known both for M = Nb and M = Ta, the penta- 
thiocyanates are dimers like the pentachlorides 

The halides all hydrolyse readily to the hydrated pent- 
oxides and MOX, for X = CI, Br, I have been isolated as 
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intermediate products for both metals. A better preparation is 
by reaction between the pentahalide and oxygen. Treatment 
of M;O; with aqueous HF gives MO;F which yields 
progressively on heating MOF, then M,O,F. The corres- 
ponding heavy halide compounds were also established so 
that ihe complete series МОХ», MO,X, and M,0,X is 
known tor all the halides and both metals. 

The mononuclear oxyhalides are covalent but less volatile 
than the pentahalides. The vapours appear to be mono- 
meric and tetrahedral but the solids are polymeric. The 
of NbOCI, is shown in Figure 15.5, with the 


struciere 


@ Ta 
CE 


FIGURE 15.4 Higher coordination numbers (а) МЬОЕ and (b) TaFj- 


@ Nb 

© с! 

оо 
FIGURE 15.5 The structures of (а) NDOCI, and (b) NbCI, 


(b) 


xe | 
direction of 


M —— | plane of 
three metal orbitals 


Z axis YB 


Figure 15.6 Bonding in dicyclopentadienyltantalumtrihydride, 
1-(C,Hs); TaH; 

This is a diagrammatic representation of the three orbitals which 
become available on the central atom when the C4H  — Ta — CsHs 
angle is reduced from the linear arrangement in ferrocene. The two 
H atoms bonded to the B orbitals are identical and differ from the 
central A hydrogen. 
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pentahalide for comparison. The oxyhalide contains planar, 
Cl 

binuclear Cl,Nb NbCl, groups which are linked 

СІ 

into long chains by oxygen bridges between the niobium 

atoms. 

Apart from the oxides and halides, there are few important 
compounds of these elements in the V state. One interesting 
one is the cyclopentadienyl hydride, (л-С;Н;),ТанН,, 
which provides another example of the stabilization of 
transition metal-hydrogen bonds by the presence of a pi- 
bonding ligand. The structure, shown in Figure 15.6, is 
derived from the ferrocene one (Figure 16.7b) by bending the 
rings towards cach other and inserting the three hydrogens in 
the central plane pointing away from the rings. The 
ring — M —ring angle is 139° (Ta) and 142° (Nb) while the 
HgMHsg angles аге 126° in each case. The central hydrogen, 
Ha, bisects this angle and all three M—H distances are 
equal. Nmr studies confirm two different types of H atom in 
the ratio 2:1. 


15.3.2 The (IV) state 

Compounds іп the (IV) state include NbO,, all the tetra- 
halides, MX, and some oxyhalides, МОХ, , for both metals. 
However, TaO; probably does exist. The state is unstable, 
reducing, and shows some tendency to disproportionate, The 
dioxides are prepared by high temperature reduction of the 
pentoxides. They dissolve only in hot alkali, with reduction of 
the solvent. 

All the tetrahalides exist except the tetrafluorides: the 
iodides аге best known. NbI, results from prolonged heating 
of МЫ; at 270 °C, when iodine sublimes off leaving the 
tetraiodide. Tal, is most easily made by heating Tal, with 
the metal. These iodides are diamagnetic solids, volatile at 
300 °С. The diamagnetism arises because the metal atoms 
are linked by long bonds in dimers, as shown in Figure 
15.7, thus pairing the single electron on each, The 
structure consists of chains of MI, octahedra, each joined by 
the edges to its neighbours, and with the metal atoms placed 
unsymmetrically in the octahedra and linked in pairs. NbCI, 


has a similar structure with a short Nb — Nb distance of 303 pm 
and the long (non-bonded) one equal to 379 pm. The tetra- 
chlorides are made by reduction of the pentachlorides and 
both NbCl, and TaCl, disproportionate, 


eg. Tach, 9 "C Taci,+TaClst 

Similarly, on hydrolysis, TaCl,4, gives a precipitate of tanta- 
lum(V) oxide and a green solution of the trichloride, which is 
fairly stable unless heated. The IV state is also reported from 
the electrolytic reduction of niobium(V) in 13M hydrochloric 
acid. An orange Nb'"" solution results which probably con- 
tains the oxyhalide ion, NbOCI4~. This solution dispro- 
portionates to niobium (III) + (V). МОХ, oxyhalides are 
known for X — CI, Br, and I. A significant complex is the 
chloro-species, (Me43P),M;(Cl)4(u — Cl)4. Here each M 
atom is bonded to two phosphines and two terminal Cl atoms, 
and the two are linked together by four Cl bridges. The two M 
atoms are close enough to be bonded, thus the complex shows 
9-coordination and parallels the NBI; interaction above. 


15.3.3 Lower oxidation states of niobium and tantalum 

In the (III) state, MX, are known for X = F, Cl, and Br. 
Heating МЫ, at 430°C forms the mixed oxidation state, 
МЬз1з‚ (and further heating gives NbjI,,). Tal, is not 
reported. The other niobium trihalides are formed by 


reducing the pentahalide with hydrogen at about 500°C. 
Tantalum trichloride is obtained from the tetrachloride as 
above, while the tribromide is made by hydrogen reduction. 
Most of the trihalides are brown or black and strongly 
reducing, although the reactivity depends greatly on the 
thermal history of the sample. In strong hydrochloric acid, 
electrolytic reduction of niobium(V) to niobium 111) is 


reported. The III state solutions are yellow or blue, depend- 
ing on the conditions used. 

Nb(IV) and (III) are found in the octacyano complexes 
Nb(CN)$ , where n = 4 or 5. Like the octacyanides of Mo 
and W (section 15.4 and Figure 15.17), both dodecahedral 
and square antiprismatic structures are found. 

TaCl, is the only known tantalum dihalide. It is a non- 
stoichiometric, green-black solid resulting from the dispro- 
portionation of TaCl, at 600 °C. It is much more reactive 
than the trichloride, and attacks water under all conditions. 


320 pm: 
<- Ка 


Ө Nbor Ta 


FIGURE 15.7. The structure of niobium or 
tantalum tetraiodide От 
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Small quantities of NbBr; have been produced from the 
reaction of the pentabromide with hydrogen in an electric 
discharge. Nothing is known of its properties. Electrolytic 
reduction of niobium in 10 M HCI gives a violet solution 
colour attributed to niobium(II) but this state is not other- 
wise reported in solution. 

Apart from the tetraiodides, nothing is known of the struc- 
tures or degrees of polymerization of these other halides. 
They are all relatively involatile and the volatility drops 
from the tetrahalide to the trihalide to the dihalide; the 
structures are thus probably polymeric, although the ability 
of TaCl, to dissolve in water must be recalled. 

In addition to these halides of simple stoichiometry, 
niobium and tantalum form compounds of formula М,Х, 4 
for X = Cl, Br, and I. Related compounds Nb,F, 5, TasCl, 5, 
Ta,Br,, and TagBr;; are also found. These result from 
sodium amalgam reduction of the pentahalides (а better 
preparation is by reduction with cadmium metal at red heat 
followed by precipitation of CdS). The compounds are 
soluble in water and alcohol and the action of Ag* on the 
compounds МХ, precipitates only one-seventh of the 
halide as AgX. The compounds are therefore salts of the 
complex cation (MgX,2)**. The structure of this ion has 
been determined by X-rays. The metal atoms (Figure 15.8) 
form an octahedron and are bridged in pairs along the 
octahedron edges by halogen atoms. (Compare with the 
structure of the dihalides of molybdenum and tungsten.) 
The octahedron of metal atoms is an example of the metal 
cluster compounds which are attracting current attention. 
It is held together by poly-centred metal — metal bonding 
as well as by the bridging halogen atoms. 

A variety of related clusters are reported which are related 
to the MX? structure, either by showing charges of +3 
or +4, by containing terminal МХ groups in addition 
as in МЕХ? к, or in consisting of such clusters linked together 
by halogen bridges. In the hydrate, TagCl,4.4H2O, the 


Oc 
e Nb 


FIGURE 15.8 The structure of NbgCliz 
The octahedron of niobium atoms is bonded, not only by the 
bridging chlorines, but by metal-metal bonding within the cluster. 


Ta,CHj ion is elongated along one- axis, apparently to 
optimize hydrogen bonding. 

The lowest oxidation states are limited. A cyano-complex 
of Zr(O), formed by reduction in liquid ammonia (compare 
section 6.7) is formulated as [Zr(CN)s]*^, but may be the 
dimer. There are also a few carbonyl and organometallic 
species. For example, the — I oxidation state is found in the 
carbonyl anion, M(COJ; , which is formed by both elements 
(and also by vanadium). These elements do not, however, 
form a simple carbonyl as does vanadium. 

It is thus seen that this Group is quite similar to the 
titanium one. The heavier elements are broadly similar to 
the lighter ones in the Group oxidation states of IV and V 
respectively, but the oxides are less hydrolysed in solution 
and less amphoteric. The heavier elements form complexes 
with fluorine of high coordination numbers. The vanadium 
Group has a wider range of oxidation states and the lower 
ones are not quite so unstable for niobium and tantalum as 
they are for zirconium and hafnium, but they are much less 
stable than the Group state and are strongly reducing. 


15.4 Molybdenum, 4d*5s', and tungsten, 5d^6s* 

These two elements, although there is still a close re- 
semblance, show much more distinct differences in their 
chemistries than the two earlier pairs in these series. This is 
illustrated by the ready separation of the two elements in 
qualitative analysis, where tungsten appears in Group I of 
the conventional scheme and molybdenum in Group Il. 
This is because tungsten(VI) which is soluble in neutral and 
alkaline solution precipitates an insoluble hydrated oxide, 
WO,.nH,0, in acid solution. Molybdenum(VI) oxide, on 
the other hand, dissolves again due to formation of chloro- 
complexes and molybdenum is first reduced by H,S and 
then precipitates as MoS). 

Examples of all oxidation states from VI to — П are found 
for these elements. The Group state of VI is the most stable, 
but the V and IV states are well-represented and occur in 
aqueous solution. Strong reducing properties are not shown 
until the III and II states are met. This behaviour is illus- 
trated by the occurrence of the various halides and oxides 


ту, Wo WI 
oxidation state 
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FIGURE 15.9 Oxidation state free energy diagrams for molybdenum and 


tungsten 
This illustrates the greater relative stability of the lower oxidation 


states of molybdenum compared with those of tungsten. 
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(Tables 13.3 to 5) and by the free energy changes in solution 
shown in Figure 15.9. This diagram shows the differences in 
behaviour of the two elements, in particular the greater 
relative stability of Mo” and the similar effect at WV, both 
of which lie at shallow minima. These two elements show 
little resemblance to chromium: the stability of the VI state 
contrasts with the strong oxidizing nature of chromium(VI) 
while the III state, which is so stable for chromium, is very 
much less stable for molybdenum and tungsten. 

The elements occur as oxyanions and molybdenum is also 
found as the sulphide, MoS,, which has found recent popu- 
larity as a solid lubricant, as it has a layer structure which 
allows the planes of atoms to slide over each other easily. The 
ores are converted to the trioxides via the oxyanions and 
these are reduced to the metals by reduction with hydrogen 
(carbon cannot be used as the very stable carbides would 
result). Both metals are relatively inert, with very high melt- 
ing points and with fairly high electrical conductivity. The 
metals are most readily attacked by alkaline peroxide or 
other fused, oxidizing alkaline medium. Attack by aqueous 
alkali and by acids is only slight. 

Molybdenum and tungsten find extensive uses. Moly- 
bdenum is used in stainless steels, as a catalyst, and as an 
electrode material. One of the most important catalytic 
applications is in dehydrosulphurization of petroleum pro- 
ducts. A Mo catalyst usually with added Co, supported on 
А03, is used to treat a stream of crude petroleum with 
hydrogen to remove sulphur-containing organics by convert- 
ing them to H5S, and to hydrogenate olefinic bonds. The 
active species is probably MoS;, formed in situ. Tungsten is 
used as the filament in light bulbs, in alloys, and, as WC, in 
applications where its hardness and wear-resistance are 
important. Molybdenum is found as MoS, which is converted 
to the oxide and used in the blast furnace or reduced with iron 
oxide by Al to give ferromolybdenum. Pure molybdenum is 
prepared by hydrogen reduction of ammonium molybdate 
(either the Mo;0O2^ or Mo;O$; species, see below) which is 
crystallized from a solution of the oxide in ammonia. 
Tungsten is recovered by dissolving the oxide in fused NaOH 
and extracting the tungstate. Acidification yields ‘tungstic 
acid'—a hydrated oxide which gives the metal on hydrogen 
reduction. 


15.4.1 Molybdenum (VI) and tungsten (VI) 
In the VI state, the oxides, the hexafluorides, and the 
hexachlorides all occur and tungsten also forms WBr,. 
Uranium is the only other element to form a hexachloride, 
and hexabromides are unknown apart from the tungsten 
compound. There is also an extensive aqueous chemistry of 
Mo"! and М“ and a vast collection of polymeric oxyanions. 
The oxides, MoO, and WO,, are the final products of 
igniting molybdenum or tungsten compounds. Both oxides 
arc insoluble in water but dissolve in alkali to give oxyanions. 
MoO, also dissolves in acids to give oxy-cations or related 
hydrolysed species but WO, is insoluble in acid. The simplest 
product of the solution in alkali is the MOj' ion (molybdate 
or tungstate) which is tetrahedral. The molybdates and 


@ molybdenum 

O oxygen 
FIGURE 15.10 The MOs octahedron : 
The unit from which the polymolybdates and tungstates are built 
up. 


FIGURE 15.12 The Mo,O$, structure | 
This structure is more compact than that found in the similar 
heteropolyion (Figure 15.13b). 


tungstates of most metals except the alkalis, МНЦ, Mg?*, 
and TI*, are insoluble. The neutralization of the alkaline 
solutions leads to the precipitation of the hydrated oxides, 
MoO,.2H;O which is yellow, and WO,.2H;O which is 
ncarly white. These are definitely hydrates, as written above, 
not the hydrated acids, H;MO,.H;O. As with the anhydrous 
oxides, which are derived from the hydrates by ignition, the 
hydrated oxides differ in their behaviour to acid, the 
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TABLE 15.1 Iso- and hetero-poly molybdates and tungstates 


Iso-compounds 


(a 


Molybdenum in solution. 


pH = 6 lower pH 6 strong acid 


MogO$, — — —— Mo, species? 


MoO2- Mo;O$; 


(7— and 8— ions may be protonated and hydrated.) 

Solid molybdenum compounds (all except the 1 — and 2— species are heavily hydrated). 

Мо02- Tetrahedron. 

(Mo;O?^), Chain of MoO, octahedra sharing opposite corners and linked in pairs through adjacent 
corners by MoO, tetrahedra (Figure 15.11). The NH salt has two octahedra sharing an 
edge and successive pairs are linked by two tetrahedra sharing corners. Ag; MO; is formed 
of octahedra only. 


Mo,0$; Linked octahedra (Figure 15.12). 
МовО$ Linked octahedra. 
Mo,90$; The ammonium salt is а MogO;s unit built up of linked octahedra with two MoO, 


tetrahedra linked to opposite corners. 
Tungsten in solution. 
slowly, through 


TL WV ОЗ аа 
Б. 97?! "intermediatestages 10 ^ *° 
с рН 


H4W403 n a CHINA Ке 


Solid tungsten compounds (all are heavily hydrated as salts except the 1 — and 2— species). 


уо Tetrahedron. 

(W203), Linked tetrahedra and octahedra: see Mo compound. 

We species Structures not known. 

W 20567 See Figure 15.13a, linked octahedra. 

№04 Linked octahedra; isomorphous with the 12-hetero-acids (q.v.). 


Hetero-compounds 


(a) 


(b) 


MO, (M = Mo, W) octahedra surrounding a central (hetero) M'O, octahedron (all compounds are heavily hydrated). 

М'М,002-%- M' = 17+, Te®*, or a number of trivalent ions such as Co?*, AB* or Rh?*. Structure 

(x = formal positive charge on is a ring of six linked MO, octahedra with a central octahedral site for M’ (Figure 

hetero-atom M’) 15.13b). " 

M’M,O4?-*- M' = Mn**, Ni**. Structure consists of three sets of clusters of three МО, groups giving 
a central octahedral hole for M’. 


MO, octahedra surrounding a central (hetero) M'O, tetrahedron. 
M'M JOR 9 £ M'= P5*, As$*, Si**, Ge**, Ti**, Zr**, Sn** . Structure contains four sets of three MO, 
Э erag 4 Е) , , 


octahedra joined by edges and defining a central tetrahedral site. The structure of 
үү, 085 is the same as these with the central site empty. e 
Other heteroacids with tetrahedral M'O, groups occur with M'/M ratios of 1/11, 1/10, 2/18 and 2/17 and containing 
лї , pst 5+ ат le: 
Me iot 1 jc. du the 12-acid structure as above with the three MO, octahedra at the base removed 
to give the *half-uni PM3034 and two of these are linked, sharing six oxygens, to give 
the P; M; unit. 
More complex hetero-compounds. 


Much greater complication is possible as illustrated by the phosphorus-molybdenum compounds: 


(MoP;0,), Chains of MoO, octahedra formed by linking corners. The chains are cross-connected 
by P,O; groups into а three-dimensional structure. 
(MoP,0,), Layers formed by MoO, octahedra sharing oxygens and these layers linked up by 


(PO), chains which run perpendicular to the planes of the layers. 
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FIGURE 15.13b The M’MgO$2~”)~ structure 


This consists of a ring of six linked MO, octahedra forming a central 
octahedral site for the M’ metal ion. 


molybdenum compound dissolving and the tungsten com- 
pound being relatively insoluble. 

These simple, mononuclear oxyanions are found only in 
strong alkali. In less basic solutions, condensation occurs, as 
we have seen for other elements (compare Table 14.1 ). These 
condensed polyoxo-anions formed at lower pH values are 
called isopoly-molybdates or tungstates if only Mo or W is present, 
and heteropoly oxyanions when they contain other oxyanions as 
well, such as silicate or phosphate. This gives a rich and varied 
field of condensed structures, probably only exceeded in 
complexity by the silicates. It is not possible to deal with this 
group of compounds in anything like full detail but 
Table 15.1 lists some typical formulae. The polyacids are 
built up from MO, octahedra, Figure 15.10, and most of the 
structures so far determined are rings, double-rings, or 
clusters. On the basis of older experimental results, it was 
thought that Mo and W behaved similarly and passed, on 
increasing condensation, through stages which were termed 
ortho-, para-, and meta-acids (ortho being the normal 


МО? ). It is now known that some of these stages correspond 
to a number of different compounds which are not represen- 
ted by the same formulae for Mo as for W. The ions or other 
species are most conveniently named on the basis of the 
number of Mo or W atoms. The structures of a number of ions 
are known, and ions with the same number of metal atoms 
appear to exist in solution, but there is no final proof that the 
solution equilibria do correspond to the solids found, and 
there is certainly evidence for a number of intermediate 
species in solution. Problems arise as it is difficult to obtain 
unambiguous analyses for alkali metals and Mo or W in the 
heavier species, and because mixed crystals are readily 
formed. 

The polyacids, and especially the heteropolyacids, form a 
variety of unusual environments and are at present attract- 
ing attention as a means of studying unusual coordinations 
or unusual oxidation states such as NilY. 

A recently-reported structure, of СеМо; 085, contains 
twelve-coordinated cerium(IV) and the novel structure of 
MoO, octahedra linked in pairs by sharing a face. that is, 
with Mo(O) Mo bridges. Th(IV) probably behaves similar- 
ly. One peroxide related to the polymolybdates has yielded a 
structure. In [Мо,0,0(0 - O)g]°~, a central MoO, tetra- 
hedron shares each O ina Mo ~ О ~ Mo link to four outer Mo 
atoms each bonded to two edge-on peroxy groups and one O. 

Apart from these oxygen compounds, the VI state is found 
in halides, oxyhalides, and complexes related to these. Both 
molybdenum and tungsten form МЕ,, MOF,, and МО, Е; 
compounds but molybdenum has a much lower affinity for 
the heavier halogens than has tungsten, as Table 15.2 shows. 


TABLE 15.2 Halides and oxyhalides of molybdenum( VI) and 


tungsten(VI) 

MX, MOX, MOX; 
MoF, МЕ,  MoOF, МОЕ, МоО,Е, WO;F; 
MoCl; WCls MoOCI, WOCI, | MoO;Cl; WO;Cl; 

WBrg WOBr,  MoO;Br; WO;Br; 


WO,l; 


The hexahalides are made by direct reaction. They are 
volatile and unstable to oxygen and moisture, with which 
they react readily to give oxyhalides. Tungsten hexabromide 
is thermally unstable and decomposes on gentle warming. 
The oxyhalides are also volatile, covalent compounds which 
hydrolyse to the trioxides, the MOX, type more rapidly than 
the MO;X; compounds. Tungsten forms analogous com- 
pounds with the heavier elements of the oxygen group; WSF4, 
WSCl,, and WSeCl, are all relatively volatile solids with a 
square pyramidal structure in the gas phase, where the W lies 
above the X, plane, just as in the oxygen compounds. 
WO4Cl;, which is yellow, disproportionates above 200 °C to 
WO, and red WOCI,. Molybdenum also forms a compound 
of formula MoO,Cl,.H,O, which may well be the hydroxy 
compound, MoO(OH),Cl,. 

The hexahalides are octahedral, and WOF, has the 
tetrameric structure of МЕ, with Е atoms in the bridging 
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positions (Figure 15.3). In contrast, MoOF, is formed into 
chains of octahedral units, linked by shared fluorines in both 
structures. In the gas phase, both MOF, molecules are square 
pyramidal monomers. 

Molybdenum and tungsten form a variety of complex 
halides in the VI state, of which the fluorine compounds are 
the most widely represented. Examples include ML WF, and 
M'WF., and oxyhalides of both elements of the types MOF; , 
MO,;F2^, and MO3F3~. [MO,F,]*~, [M,03F3]°~ and 
[MO.,¢ 1,127 are octahedral monomers, and the other 
oxyfluoro-complexes are built up of six-coordinate units 
linked together. A dinuclear example is the anion 
[O,;F,W-F-WF30;] with опе fluorine bridge. 
[МО,Е, [7 is a chain polymer with two terminal cis F, two 
similar O, and two trans O atoms bridging to the next W 
atoms while the Mo analogue is similar but with F bridges. 
The chlorine analogue, [WO,Cl;]~, is a dimer linked 
through two bridging oxygens. More complex oxyfluoro 
anions are known, but all have strüctures based on linked 
octahedra. One well-established tetrahedral species is 
MoO,CI ^. Other oxy-species are known, including moly- 
bdeny! sulphate, MoO;SO,, formed from molybdenum 
trioxide and sulphuric acid. Such compounds are probably 
molecular, rather than salts of the oxycation. 

Molybdenum and tungsten are sufficiently stable in the 
VI state to form sulphides, MS;. These are precipitated as 
hydrated compounds when H3S is passed through slightly 
acid МУ solutions. In stronger acid, the H3S reduces the VI 
state to the ТУ state, giving the disulphides MS,. Sulphur- 
containing polyanions are found including W,S$ which has 
two tetrahedral WS, units sharing edges with a central, WS. 
unit which is a distorted square pyramid. The W,OSi^ 
analogue has the O at the apex position of the square 
pyramid, and Mo analogues occur. In the interesting mixed 
oxidation state sulphur anion, W3S$  , the structure shows а 
central planar WS, unit linked by sharing edges to two outer 
WS, tetrahedra. These outer units are W(VI), and the simple 
WS3> ion is now well-established, while the unique, central, 
square planar unit is W(II). 

Considerable interest in molybdenum-sulphur compounds 
derives from the work on nitrogen-fixing organisms (see 
section 16.8, especially 16.8.4), where the active site contains 
Mo and S. This interest has led to the intense study of 
molybdenum and tungsten sulphur chemistry. Starting from 
the simple thiomolybdate and thiotungstate ions, М527, an 
extensive array of more complex molecules has been built up, 
with emphasis on those containing the cubane M,Sq unit 
(Figure 15.14a), or a fragment of this such as that of 
Figure 15.14b (compare also Figure 14.25). An elegant 
example of the structures which result from such studies is the 
anion of Figure 16.17. 

The VI state is also sufficiently stable to allow the 
preparation of a polyhydrido-complex, WHg(PR3)3. This 
shows nine-coordination and multiple substitution by hydro- 
gen as in the similar rhenium hydrides discussed in section 
15.5. The structure is based on the tricapped trigonal prim of 
Figure 15.24, with two ofthe phosphine groups replacing two 


h2 
л 


(b) 


FIGURE 15.14 Major structural units in complex tungsten sulphur clusters: (a) 
cubane (b) cubane missing one corner 

Compare Figure 14.25: (b) may alternatively be described as WaS 
trigonal pyramid with each W-W edge bridged by S. 


H in one of the long edges, and the third phosphine taking the 
place of the opposite face-bridging H. 

Two interesting types of compound are found which fall 
between the VI and V states. Mild reduction of the trioxides 
gives intensely blue oxides whose composition is intermediate 
between М,О; and МО. These blue oxides appear to 
contain both MY and M" in an oxide lattice, and the intense 
colour arises from the existence of two oxidation states in the 
same compound. Similarly intense colours are observed in 
other cases like this, for example in magnetite, Fe3O4, and 
in Prussian blue. The second compound is the product of 
reduction of sodium tungstate, of formula Na, WO, (n lying 
between 0 and 1), called tungsten bronze. The colour varies 
from yellow to blue-violet as n varies from about 0-9 to 0:3. 
The structure of these bronzes is based on the ReO; structure 
shown in Figure 15.15. Here, the metal atoms lie at the 
corners of a cube and the oxygens are at the mid-points of 
the edges. If a M' ion lies at the centre of each cube, the 
structure is that of perovskite, M’MO3. The sodium bronzes 
are compounds where sodium ions appear at random in the 
cube centres. The metallic appearance and conductivity of 
the bronzes arises as the sodium valency electron is, de- 
localized over the structure. It may be noted that the struc- 
ture of WO, itself is a distorted form of the ReO; structure. 


15.4.2 The (V) slate 

The V state is prepared by mild reduction of the VI com- 
pounds and is coloured, usually green or red. The oxides are 
not acidic. Although WY does exist, there are fewer tungsten 
than molybdenum compounds in this state. 

Mo,0, may be made by reacting MoO; with Mo at 
750 ?C. It is violet in colour and insoluble in water and dilute 
acids. It now seems likely that М.О; does not exist and 
reports of its preparation apply to oxygen-deficient МОЗ}. 
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FIGURE 15.15 Tungsten bronze: the relation between the structures of 
rhenium trioxide, tungsten bronze, and perovskite 

The figure shows the ReO, structure, with the black circle 
indicating the site occupied, at random, by sodium ions in the 
bronze. If all the black circles are occupied, the structure is that 
of perovskite, 


Mo,Ss is also known from the reaction of H5S on Mo" 
solutions. 

Among the halides, МЕ,, МСІ, (M = Mo, W), and 
WBr; are found. The existence of WBrs parallels the beha- 
viour in the VI state. МЕ; is unstable and disproportionates 
to WF, + WF, above 50 °C. Molybdenum pentafluoride is 
prepared by reduction with the carbonyl: 


5MoF, + Мо(СО) = 6MoF,--6CO 


The pentachloride is the product of direct reaction between 
Mo and CI. The tungsten pentahalides are formed by mild 
reduction of the hexahalides. All the pentahalides are co- 
valent, relatively volatile solids. Solid МоЕ; has a tetrameric 
structure like NbF, (Figure 15.3) while MoCl, and МСІ,, 
in the solid, are dimeric like NbCI,. Among the oxyhalides 
of the V state are MoOF,, MOCI,(M = Мо, W), WOBr, 
and WO,I. 

Most complexes of the V state are halogen or oxy-halogen 
compounds or contain pseudohalogen groups like CN or 
CNS. Reaction of M(CO), in liquid IF, in the presence of 
alkali halides gives the two formula types M'Mo(W)F, and 
M4Mo(W)Fs. The former are precipitated as salts of large 
cations and contain MF, units. It is not known if the latter 
contain MF, units. Oxyhalide complexes result from the 
reduction of solutions of МУ, The commonest types are 
МОХ?” and MOX, , where X includes Cl, Br, CNS, and 
the Mo compounds are found in greater variety than the 
W ones. An interesting analogue is the MoNCIH ion which 


has a square pyramidal structure and a molybdenum- 
nitrogen triple bond. 

The М“ octacyanides, Mo(CN)à ^ and W(CN)3~ are 
obtained from strong oxidation of the м! octacyanides and 
have similar structures. These are discussed below. 


15.4.3 The (IV) state 

The two elements are quite similar in the IV state, This is 
usually formed by stronger reduction from the VI state than 
is used to reach the V state. The two dioxides, the disulphides 
and all the tetrahalides are known. Complexes are not very 
numerous and are similar in type to the complexes of the 
V state. 

The dioxides, MO;, are prepared by reduction of the 
trioxides by hydrogen or by careful oxidation of the metals. 
They are readily oxidized by halogens or oxygen and are 
reduced to the metal in hydrogen at temperatures above 
500 °C. The dioxides are insoluble in nonoxidizing acids, but 
dissolve in nitric acid with oxidation to M". 

Both elements form the disulphide, MS;. Molybdenum 
disulphide is an important naturally-occurring form of 
molybdenum. It has a layer lattice in which Mo atoms are 
surrounded by six S atoms at the corners of a trigonal prism. 
The outer S planes of neighbouring layers are only weakly 
cross-linked and the material is a solid lubricant. 

All the tetrahalides are known, although the bromide and 
iodide are poorly characterized. The IV halides tend to dis- 
proportionate, thus: 


MoO, + Cl, + MoCl, — MoCl, + Мос, 


WCl, +H, > WCl, 835, w,cl,,+WCls 

The WX, compounds are slightly more stable than the 
MoX, ones. All are coloured, involatile solids which are 
readily oxidized. The tetrachlorides have polymeric struc- 
tures in which the metal coordination is octahedral and these 
are linked into chains by sharing Cl atoms. The M - M 
distances indicate some metal-metal bonding. MoCl, exists in 
a second form where six octahedra link into a hexameric ring 
by sharing opposite edges. The bridges show variable 
Mo - CI distances between 243 and 251 ppm, the terminal 
distance is 220 ppm, while the Mo ~ Mo distance of 367 pm is 
too long for significant metal-metal bonding. The chlorocom- 
plex, Mo,Cl?5, also has two octahedra sharing an edge. 

Tungsten(IV) can be produced in solution by reduction of 
tungstate by tin and НСІ. From the dark green solution the 
salt K;[W(OH)CI,] can be crystallized. This was formu- 
lated more recently as a dimer with bridging oxygen: 
K,[CI, W(O)WCI,] and presumably hydrated. Some octa- 
hedral МХА” complexes are also found, including the 
fluorides, chlorides, and thiocyanates. Both elements form 
seven-coordinate complexes MCI, РК), with the face- 
capped octahedral structure of Figure 15.4a. Three Cl form 
one face, three P the opposite face and this is capped by the 
last Cl. 

Also in the IV state is the hydride-cy« lopentadienyl class of 
compounds, (C,H4,);Mo(W)H; and (C,H,), WH;. The 
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FIGURE 15.16 Central plane orbitals in (С;Н;), MoH, 

Contrast with Figure 15.6. y 4; now lies along the y axis and is filled 
with a non-bonding electron pair. As a result, the two Wz orbitals 
make a much smaller angle than the two wg orbitals of Figure 15.6. 


[45] Mo (a) 
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(b) ——— d 
FIGURE 15.17 (а) the structure of the octacyanomolybdate( IV) ion, 
Mo(CN)&^, (b) the energy level diagram for this structure 
(b) shows how this structure stabilizes one d orbital r 
rest. 


elative to the 


latter is isoelectronic with the tantalum trihydride and 
appears to have the same kind of structure. The structure of 
(C4H4); MH; shows similar ring — M — ring angles of 146°, 
but the HMH angle is only 76°. It is suggested that this, and 
related (C4H ,) ; ML; species, better fit an alternative com- 
bination of orbitals than that of Figure 15.6, namely that of 
Figure 15.16. Contrast with Figure 15.6. Ya now lies along 
the y axis and is filled with a non-bonding electron pair. As a 
result, the two Yẹ orbitals make a much smaller angle than 
the two Wz orbitals of Figure 15.6. 

The best-known complex ion of the IV state is the octa- 
cyanomolybdate or tungstate, М(С№)& . This is ап ex- 
tremely stable grouping and is attacked only by permangan- 


- ate or ceric which oxidize it only as far as the corresponding 


V octacyanide ion. The structure in the solid is dodecahedral 
and is shown in Figure 15.17. A similar arrangement is shown 
in Figure 15.2. This arrangement of ligands stabilizes the dy, 
orbital relative to all the rest, as the energy level diagram 
(15.17b) shows. The configuration is thus suitable for d' and 
d? arrangements with large ligand fields and the CFSE must 
be a major factor in the stability of these octacyanides. 

The M(CN)3~ ion, which results from oxidation of 
M(CN)$& 7, is also found in the dodecahedral configuration. 
However, as we have seen in other cases of high coordination, 
the energy difference between alternative structures is small, 
and the octacyanides are also found in square antiprismatic 
coordination (as in Figure 15.4b) when the cation is large. 
Examples include Mo(CN)$^ in the Cd(N5H,)2* salt, and 
both M(CN)3" ions when the cation is Co(NH3)@*. 

In the tungsten IV ion (W4O4F9)5^ the structure is a 
tetrahedron formed of the three W atoms and one O. Each 
W-W edge is bridged by an oxygen and there are three 
terminal F atoms per W. 


15.4.4 The lower oxidalion states 

The lower oxidation states are unstable and strongly reduc- 
ing. There is no evidence for simple cations in the III or II 
state. Tungsten (ITI) is not stable and compounds are limited 
to WCl, and some chloro-complexes. WCl4 consists of C17 
ions and the cluster W,CI$} which is isostructural with 
Nb,Cl?} (Figure 15.8). The complex ion W,CIl3~ has two 
octahedra sharing a face, together with a W — W bond. WBr; 
does not contain МОП) but is а polybromide (Вг)? 
containing the WgBr$^ cluster related to the Мо," 
structure (Figure 15.18). Ву contrast, Mo' is relatively stable 
and well-represented. The oxide Mo5O; is not known, but 
the sulphide exists. All the trihalides are reported, being 
derived from the higher oxidation states by strong reduction, 
or disproportionation. MoCl, is fairly stable, being only 
slowly oxidized in air and slowly hydrolysed by water. In 
solution, in presence of excess chloride, the complex anion 
MoCI2- may be prepared. A considerable number of other 
representatives of the type MoX$ аге known including the 
fluoride and thiocyanate. These are all octahedral complexes 
with three unpaired electrons, as expected. Some complex 
cations of Mol are known, including Mo(dipy)}* and 


Mo(phen)3*, and neutral compounds like Mo(acac); also 
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FIGURE 15.18 The structure of the ion, Мо, СІ? 
This structure also contains metal-metal bonding in the Mog cluster. 


occur. All these compounds are probably octahedral. 

The П state is represented by the complex halides 
M6X,2(M = Mo, W: X = Cl, Br, I) and by a few com- 
plexes with z-bonding ligands. The dihalides are relatively 
inert and insoluble materials. It was soon found that only a 
third of the halogen could be replaced, for example with 
AgNO, or by ОНТ, and structural evidence has led to the 
formulation of the dihalides as hexamers: 


‘MX,’ = М,Х, = (MeXq)**Xz Ў м,х,ү, 


The structure of the MogCl{* group is shown in Figure 
15.18; the other compounds are isomorphous. The 6 Mo form 
an octahedron whose faces are bridged by the 8 Cl atoms 
(which themselves thus lie approximately in a cube circum- 
scribing the octahedron). Compare this structure with that of 
Figure 15.8 where the octahedron of metal atoms is bridged 
along each edge, giving the MgX,,"* cluster unit. In both 
these types of compound, there is polycentred metal-metal 
bonding as well as the bonding involving the bridging 
chlorines. 

(WeClg)** oxidizes to (МУСІ, ,)6*, the W( ПІ) cluster, but 
oxidation of the molybdenum (I1) chloride stops at the species 
[Мов С, ,]?*, corresponding to a formal oxidation state of 
2). These species are reminiscent of the (Ta&Cl, )"* clusters 
where a range of charges is found. Addition of 6 Cl atoms in 
terminal positions on the metals gives the M&CI2; cluster. 
Removal of опе МоС1 unit from this gave the Mo,Cl;, 
species where the Mo atoms now form a square pyramid with 
the open square face edge bridged by Cl. These examples 
illustrate the extensive chemistry which is developing for such 
clusters. Linked clusters, compounds containing atoms in the 
octahedral site in the centre, and other variations are being 
explored. 

Most other compounds of the divalent elements are 
carbonyl complexes such as C.H, W(CO),CI and 


Mo(diars);(CO);X*. There is also an involatile acetate 
Mo(CH34COO);, formed from Мо(СО) and glacial acetic 
acid. This is a dimer and, like the red Mo(II) chloro-complex 
K,Mo;Cl,.2H;O, involves multiple Mo— Mo bonding. 
This is discussed in section 16.3. Reduction of Mo(IV) cyano- 
complexes yields Mo(CN)2^ which has a regular pentagonal 
bipyramidal structure (compare V(CN)$~, p. 222). 

The I state occurs in z-bond compounds such as 
Mo(CgHg)7 (compare the analogous Cr compound) or 
[CSH5Mo(CO),];. 

The 0 state is represented by the octahedral and rather 
stable carbonyls, Mo(CO)sg and W(CO),, which are white 
solids. Related compounds are also quite common, for 
example, Mo(CO);,I ^, W(PF3)¢, or py3Mo(CO),. The — П 
state is shown by the carbonyl anion М(СО)27. 


15.5 Technetium, 4d*5s', and rhenium, 5d*6s? 
The comparative chemistry of these two elements has sub- 


stantially developed since the 70's when technetiuin found 
extensive use in medicine. Since all Tc isotopes are radioac- 
tive, thorough study is quite recent. Tc and Re, in sharp 
contrast to Mn, are particularly stable in the (Vil) state 


which has only weak oxidizing properties. The lower states 
are also quite stable, especially Tc(IV) and Re(I11) and (IV). 
The V and VI states are relatively unknown and tend to 
disproportionate. Low oxidation states are strongly reducing 
and not well-known, especially the II state which was so 
stable for Mn. These characteristics are illustrated by the 
oxides and halides in Tables 13.3—13.5 and by the oxidation 
state free energy diagrams in Figure 15.19. 

The longest-lived isotopes of technetium, "Tc and Т, 
have half-lives of the order of two million years. ‘These are 
prepared by neutron bombardment of molybdenum isotopes. 


However, the most accessible source is nowadays the isotope 
99е which is one of the fission products of uranium and thus 
occurs to a considerable extent in spent fuel elements. This has 


a half-life of 212000 years and is a weak f-emitter. It is 
therefore only mildly radioactive and relatively easy to 


handle. The medical application depends on the properties of 
metastable isotope, technetium-99 m. This has the nuclear 
+0 
35 Te 
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oxidation state 


FIGURE 15.19 The oxidation state free energy diagram for technetium 
and rhenium 
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relations 


9?9Mo ast ж. 99mTCc. кли 99Tc 
B,66h 7,6h 


The Mo-99 is formed by bombardment and can be taken to 
the place of use, usually as 9MoO$". The two technetium 
isotopes form as their oxyanions and are readily separated 
from the molybdate. The resulting "TcO; may be used 
directly or converted to another technetium compound (the 
presence of °°Tc has no effect). Because the gamma гау 
emitted by °°™Tc is of low energy, it does no harm to the 
patient, but it is easily detected by appropriate photography. 
A technetium compound is administered which concentrates 
in a particular organ, and thus allows the observation of that 


part, and the detection of any abnormalities. For example, 
pertechnate is used to examine the blood-brain barrier, 
technetium (II) cation complexes of the class TcD5X7 (D = 
diphosphine or diarsine—compare Appendix B) to study 
the heart, and phosphonate complex anions to image bone. 
Because of this versatility, arising from its large range of 
accessible oxidation states, Tc-99m is by far the most 
extensively used isotope in imaging work. 


Work on the usual isotopes of technetium involves their 
separation from the uranium and fission products in the fuel 
rods by oxidation, followed by distilling out the volatile 
Тс,О,. This may be separated from Re;O;, which is also 
volatile, by fractional precipitation of the sulphides. At an 
acid concentration above 8M HCl, Re,S; precipitates but 
Тс,8; does not. 

Rhenium is a very rare element in the earth's crust and 
does not occur in quantity in any ore. However, it is found in 
molybdenum ores and can be quite readily recovered from 
these so that it is not too inaccessible and its chemistry is quite 
well known. It is left in oxidized solution as the perrhenate 
ion, ReOj, whence it may be precipitated as the insoluble 
potassium salt, The metal is obtained by hydrogen reduction. 


15.5.1. The (VII) oxidation state 

The Group oxidation state is represented by the hept- 
oxides, the acid and salts of the MO; ion, by the hepta- 
sulphides, by oxyhalides and by the MH$ ^ complexes 
discussed below. Rhenium alone forms the heptafluoride, 
ReF;. 

The heptoxides result from heating the metals in oxygen 
or air. Тс,О; is a yellow solid melting at 120 ^C and boiling 
at 310 °C, It is stable up to the boiling point. Re?O7 is also 
yellow and the solid sublimes; the calculated boiling point is 
360 °C. In the vapour, the structure is0,M-O- MOs, with 
tetrahedral coordination. The crystal structures of Tc;0; 
and Re,O, differ, with the technetium oxide having the 
same structure as the vapour, with a linear Tc- О - Tc 
bridge. The Re,O, solid contains regular ReOg tetrahedra 
and ReO, octahedra with three short and three long bonds; 
the overall arrangement indicates that кеО;КеО„ (com- 
pare N5O, in the solid) may be a reasonable formulation. 
Technetium heptoxide is somewhat more oxidizing than the 
rhenium compound and these two heptoxides differ strik- 


ingly in stability from Mn;O; which is also volatile but 
which rapidly decomposes at room temperature. 

The heptoxides dissolve in water to give colourless solu- 
tions of the acids. Pertechnic acid, HTcO,, is produced as 
dark red crystals on evaporation, but perrhenic acid, HReO,;, 
cannot be isolated although the colour of the solution changes 
to yellow-green on concentration and lines due to the acid 
appear in the Raman spectrum of the concentrated solution. 
These colours are due to the lowering of the symmetry on 
passing from the tetrahedral anion КеО to the acid 
(HO)ReO, on concentration. Perrhenic acid resembles 
periodic acid in having a second form H3;ReOs (compare 
HIO, and H,1O,), and salts derived from this are readily 
prepared. The normal perrhenates are formed in dilute 
solution while salts of the tribasic form of the acid are formed 
in media of higher basicity : 


ReO; +K* = KReO, (yellow) 
ReO; +K*+OH™ = KjReO, (red) 
or Ba(ReO,)> KR ОНУ Ba4(ReO;)5 
Ere ES 
2 
The peracids are strong acids, with perrhenic acid lying 
between perchloric acid and periodic acid in strength. Per- 
manganic acid is stronger than perrhenic acid, so it is likely 
that pertechnic acid is also stronger. A third anion is found 
in Ba; (ReOg); which probably contains isolated ReOQ3~ 
ions. The technetium analogue of the tribasic anion has not 
been isolated but TcO$^ may exist in fused sodium hydroxide. 
Some reactions of perrhenic acid are shown in Figure 15.20. 
Reactions of HTcO, are similar, as far as is known, apart 
from the lack of H} TcO; and some differences in solubilities. 
Thus KTcO, is twice as soluble as KReO, and does not 
precipitate so readily. Both these potassium salts are very 
stable and can be distilled at temperatures of over 1000 ^C 
without decomposition. KMnO,, on the other hand, loses 
oxygen above 200 °C. The perrhenates, even of organic 
bases such as strychnine, may be isolated while perman- 
ganate readily oxidizes such compounds. 
The VII state is found in halides and oxyhalides as shown 
in Table 15.3. 


TABLE 15.3 Halides and oxyhalides of the VII state 


Re Tc Mn 
ReF, 
КеОЕ; 
КеО, Ез ТсО,Ез 
КеОзЕ TcO3F MnO,F 
ReO,Cl TcO4CI MnO4CI ? 
ReO;Br 


Technetium heptafluoride is not formed by direct combina- 
tion at 400 °С, the reaction which gives ReF>, but TcF, is 
found instead. The halides and oxyhalides are all colourless 
or pale yellow compounds which are either liquids or low- 
melting solids. The oxyhalides result from halogenation of the 
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Re,O, 
Н,] HO Br; 
NEL HBr 
Fe or Zn 
HReO, 
KCl elgctrohytic ONIS 
ducii ReO, +Re 
KReO, in HASO, in gan” 
insoluble 
ReRe” 


violet blue 


FIGURE 15.20 Reactions of perrhenic acid 


oxide or oxyion, or from the action of oxygen or water on the 
fluoride in the case of the rhenium oxyfluorides. One sulphur 
analogue of the oxyhalides is reported. Treating ReF; with 
Sb;S, gives maroon ReSF which is very sensitive to water. 


Few complexes of the VII state are known, but oxidation of 


the octacyanide of Re(VI) gives salts of what appears to be 
the Re(CN)&(OH)3^ ion, which may contain Re(VII) in 
ten-coordination, 

A rhenium(VII) methyl is found (Figure 15.22) and a 
particularly striking example of the stability of the (VII) state 
is provided by the hydrogen complexes, K,ReHo and 
K;TcH,. It has long been known that treatment of perrhe- 
nate solutions with potassium/ethylenediamine/water gave a 
water-soluble reactive rhenium species. This was originally 
identified as a ‘rhenide’ anion, analogous to the halide ions in 
the corresponding Main Group but it has now been shown to 
contain Re(VII) coordinated to nine hydrogen atoms. The 
compound is colourless and diamagnetic, which accords with 
Re(VII). It was soon afterwards shown that a similar Tc 
compound existed, 

The structure of the ion is shown in Figure 15.21. The 
positions of the metal atoms were determined by X-rays and 


FIGURE 15.21 The structure of the ennahydridorhenium VII) ion 
RcHj i 


then the hydrogen positions were found from neutron diffrac- 
tion. The Re — Re distances rule out the possibility of any 
metal-metal bonding. The Re atoms are at the centre of 
trigonal prisms of six H atoms with the other three H atoms 
beyond the rectangular faces. This lies inside a similar prism 
of K atoms. The Tc compound is isostructural. The existence 
of such compounds, like the WH&(PR з) з species indicated in 
the last section, highlights the lack of oxidizing tendency in 
the high oxidation states of these heavy elements. 


15.5.2 The (VI) state 

The VI state is represented by a number of compounds but 
shows a marked tendency to disproportionate, especially in 
aqueous solution. In contrast, in concentrated sulphuric acid, 
Re(VII) may be reduced to pink Re(VI) and then to blue 
Re(V) in distinguishable steps. ReO, is well-known and 
there is one report of an oxide of composition TcO; ps. The 
rhenium trioxide is made by reaction of rhenium on the 
heptoxide and is red. In vacuum at 300 °C it disproportion- 
ates to ReO, plus Re5O;. It is inert to acids and bases in a 
non-oxidizing medium, and rhenates, КеО2 , have to be 
made by fusing mixtures of perrhenate and rhenium dioxide. 
Technates exist in alkaline solution and pink Ba'TcO,; may 
be precipitated, indicating less tendency to disproportionate 
than for rhenium(VI). Solutions of TcO; ^ (violet) and 
ReO$' (olive-green) result from controlled cathodic 
reduction of the MO; ions. 

The halides, oxyhalides, and related complexes, of the VI 
state are given in Table 15.4. The VI state of Ke is well- 
represented although ReClg (and TcCl,) readily lose Cl. 
Tc(VI) is much less-represented with only the oxide and 
oxyfluoride of reasonable stability. The fluorides are prepared 
by direct combination: Rel’, may be purified from Rel; by 
heating with Re metal. ReOF, results from the reaction of 
ReF, with rhenium carbonyl. TcOF, exists in two forms: the 
blue variety contains infinite chains of octahedra while the 
green form contains trimers of octahedra. In both cases the 
octahedra are formed by sharing fluorines, (ТЕОРЕ) 
The other oxyhalides result from the reaction of the halides 
with air. ReOCI, is a square pyramidal monomer in the solid, 
as is the isoelectronic TcNCI, , formed from the reaction of 
azide on TcO; . The sulphur analogue, ReSF,, is also known. 

Relatively stable methyl compounds are rare for transition 
elements but are found for rhenium| VI 
КеМе, is a distorted octahedron, as expected for a d’ species, 


and ReMe;^ 


Figure 15.22). 


is a square antiprism. The oxy-species arc 


) о 


H,C | 
N 


Re——0O and Re, 
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TABLE 15.4 Halogen compounds of the lower oxidation states of technetium and rhenium 


IV Ш 


VI V 
ReF 5 TcFg КеЕ; TeF ReF т 
(кес) (Тсс) кеб, i вес, ToC, Re Cl, 
КеВг; ReBr, (TcBr,) КезВго 
Rel У 
Also ReX, in complexes, and possible compound Rel pa X2: 
ReOF, TcOF, ReOF; 
ReOCI, (TcOCl,) TcOCl, 
( ReOBr,) 'TcOBr; 
ReOjBr;? 
КеЕ2- ТсЕ?- кеке TcF§ ReF2~ ТсЕ2- Кес 
TcF; ReCl; ~ Тес” Re4Xi; 
ReBrg~ TcBrz- КезХ?г 
к^ Tele? Re3Xjo 
Re,X9 Re, X37 Te, Clz- 
я (Х = С1,Вг) (X = Cl, Br) 
КеО,Е ? 
КеОСІ2- ReOCI2~ Тсосі- Re(OH)CI2- Tc(OH)CI2* 
ReOCI; ReOBr ^ TcOBri^ Re, OCIt> 
ReOXy TcOX, 
(X = Cl, Br, I) (X = Cl, Br) 
Re(Me)3 MeLi Re(Me)s O? ReOMe, The diarsine ү ligand already encountered (p. 229) 
Me,Al appears to stabilize the relatively unstable II, III, and V 
states of Tc and Re. Both metals form the M (diars);Cl7 ion 
in which the element is in the V oxidation state and eight- 
NO coordinate. The M'!(diars);Cl; and M''(diars);Cl; com- 
Me;ReO; pounds are also known. In ReH,(PR3)3 the skeleton forms a 


FIGURE 15.22 Rhenium VI and VII methyls 


15.5.3 The (V) state 
The V state is also relatively unstable and disproportionates: 


ЗМУ = 2M'Y + MV! 


For example, ReCl, reacts with НСІ to give ReO;, perrhenic 
acid, and КеСі27. ReCl, exists as a dimer with octahedral 
rhenium, like other  pentahalides such аз NbCl, 
(Figure 15.5). Where known, the MOX; complexes are 
square pyramidal. 

The complex of the V state which is of most interest is the 
cyanide, Re(CN)g . This is the 4? octacyanide, isoelectronic 
with the МО compound, and it appears to have the same 
dodecahedral structure. On oxidation it gives the d' com- 
pound of Re", Re(CN)§~. Related compounds are pro- 
duced from the dioxides in alkaline cyanide solutions. The 
complex ions Tc(OH)4(CN)à* and Re(OH),4(CN)37 are 
reported to be formed under similar conditions. It is inter- 
esting that Re is oxidized in this system while Tc remains in 
the IV state. 


dodecahedron (compare Figure 15.7a) with two of the PR; 
groups in the same edge. Unlike the majority of polyhydride 
complexes, which contain single H—M units, a structural 
study on ReH;(PR3); species shows they contain a co- 
ordinated H-H unit which bonds sideways on to the metal. 
The compound is thus properly formulated as a rhenium (V) 
species, КеН;(Н,) (PR3)2. A limited number of other dihy- 
drogen complexes have now been identified, including 
МСО) (H2) (PR3)2 for М = Мо, W and bulky К groups 
and Ir(H5);H;(PR3)7. 


15.5.4 The (IV) state 

The IV state is the second most stable oxidation state for 
both elements. The dioxides, MO;, disulphides, MS;, and 
most of the halides are known. A number of complexes exist 
including the very important class of hexahalides, MX. 
These are formed by dissolving the dioxides in the hydro- 
halic acid and are a most useful starting point for prepara- 
tions. The halide complexes Ке Хә are ReX, octahedra 
linked through a shared face: X4Re(u — X)3ReX; . 

The dioxides are formed by reducing the heptoxides, or 
from the metal by controlled oxidation. Apart from dissolv- 
ing in the hydrogen halides, ReO; dissolves in fused alkali to 
give the oxyanion, rhenite, КеО 7. This precipitates the 
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dioxide when treated with water. It does not appear that the 
technetium dioxide is soluble in alkali. 

A further example of the smaller tendency of Tc to enter 
the V state is provided by the reaction of the MI2^ com- 
plexes with KCN. TcI2^ reacts in methanol with KCN to 
give the Tc" cyanide complex, Tc(CN)2~, but Rel2- 
undergoes oxidation in the course of the reaction to the Re 
octacyanide Re(CN)3~. It is easy to see that, if the octa- 
cyanide is to be formed, the MY (4?) compound will be more 
stable than the M'Y (d?) compound, as the third electron is 
in an unstable orbital in the dodecahedral field (Figure 
15.17b). It is therefore likely that this difference in behaviour 
is to be ascribed to a steric effect favouring eight-coordina- 
tion for Re rather more than for Tc. 

A dimeric hydride with a Re-Re bond of 253 pm is formed 
in the IV state: Re;Hg (PR 3), has coplanar Re and P atoms 
and results from the reduction of ReCl with LiAIH, in 
presence of the phosphine. 


15.5.5 The lower oxidation states 
In the III state, technetium is quite unstable but rhenium 
forms the oxide, Re; Оз.лН,О, and the heavier halides. The 
oxide is formed by hydrolysis of the rhenium(III) chloride. 
Rhenium trichloride and tribromide, formed by heating 
the pentahalides in an inert gas, are dark red solids which 
have been shown to be trimers, КеуХу. The structure is 
similar to that of the Re3Clj; ion shown in Figure 15.23. 
In these species, a triangle of Re atoms is bridged along each 


O Re 
Оа 


FIGURE 15.23 The structure of the ion, Кє,С1}; 


edge by a halogen atom, and there are two more halogen 
atoms on each rhenium situated above and below the Re, 
plane giving a basic Re4Cl, unit. In the ion Re,Cl7;, the 
structure is completed by adding a terminal halogen, in the 
plane of the triangle, to each rhenium. The related ions (sec 
Table 154) Re,CH, апа Re,Cl; lack one and two, 
respectively, of these in-plane terminal chlorines. The corre- 
sponding bromides have similar structures. In the parent 
trihalide, the basic ReyCl, units are joined together by 
forming Re(Cl) Re bridges, using the in-plane positions and 


one of the СІ atoms which are perpendicular to the plane 
from each Re. A range of related complexes are also found, 
of type Re3XoL3 where neutral ligands occupy the in-plane 
terminal positions. Earlier reports of dimeric forms of 
rhenium trihalides have been shown to be unfounded. Rel, 
is a black solid, which results from heating the tetraiodide, 
and further heating leads to another black compound of 
formula Rel. The structure is also trimeric and similar to 
that of the trichloride. The overall linking of Re, units gives 
long chains in the iodide, while the chloride and bromide 
have layer structures. 

A further type of complex halide ion of the 111 state of 
rhenium is formed by reduction of perrhenate in acid 
solution and contains dimeric units, (Re,Cl,)* . Similar 
species are Mo;Cl$ 7, Ҝе,Вг2 ^ , a number of derivatives such 
as Re;CI&[P(Et;)];, and dinuclear carboxylic acid deriva- 
tives. Technetium forms Tc,Cl3~ for л = 2 or 3. Such 
compounds contain М — M bonds of high order which are 
discussed in more detail in section 16.4. Other complexes of 
the trichlorides with donor ligands are found, for example, 
(Ph;PO);ReCl,. Rhenium(III) also gives hydrides of for- 
mula (C5H5) ReH and (C;H;),ReH}. 

Representatives of lower oxidation states include com- 
plexes of MX, with donor ligands such as py,Rel, and 
(diars); TcCl;. Rhenium(I) is found in the stable dinitrogen 
complexes, ReCI(N;)L,, where the ligands L аге various 
phosphines, CO or PF}. Oxidation with Ар? or Fe?" , gives 
the rhenium(II) species, ReCl(N,) L4. 

Both elements form a cyanide in the I state corresponding 
to the manganese compound, K 5M (CN). The I state is also 
found in carbonyl halides and similar species, for example, in 
Rce(PF,),CI. 

The 0 state appears in the carbonyls, Те, (СО), and 
Re2(CO);9, which have the same structure as the manganese 
carbonyl. The anion, Ке(СО) є, is formed with the alkali 
metals and contains Re( — 1). 


15.6 Ruthenium, 4d?5s', and osmium, 5d*6s? 

These are the first two of the six platinum metals, i.e. the 
six heavier members of the iron, cobalt, and nickel Groups. 
These elements, together with rhenium and gold, are broadly 
similar in that the element is fairly unreactive — noble" — and 
decomposition of compounds to the element is fairly ready. 
The platinum metals, gold, and silver are commonly found 
together and a number of schemes are in current use for their 
separation. One method involves extracting the mixed 
metals with aqua regia and then treating the soluble and 
insoluble portions as in Figure 15.24. Osmium may occur in 
cither fraction and is removed as the volatile tetroxide, while 
ruthenium ends up in the VI state in fused alkali. 

These two elements share with xenon the highest observed 
oxidation state of VIII, and their oxidation states range 
downwards to — II. The VI and IV states are stable while the 
VII and V states are poorly represented and tend to dis- 
proportionate. Osmium is most stable in the IV state and 
ruthenium in the III state. 

Some inter-relations among the oxides and oxyions of the 
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O30, t 


t 
Os, Ru, Rh, Ir, Ag 
insoluble chlorides 


HNO, 


residue of AgNO; 


Ru, Rh, Ir 


NaHSO, fusion 
followed by 
water extraction 


Кһ, (504)з 


N 
or 
Ф 


Ru, Os, Rh, Ir, Pd, Pt, Ag, Au 


hot aqua regia 


Pt, Pd, Au soluble as 
chloro-complexes 


FeSO, 
Pt and Pd Aut 
solution 
NH,Cl 
(NH4);PtCl, Pd solution 
(a) NH, 
(b) HCI 


Pd(NH;),Cl; 4 


Ru, Ir residue 


| alkali fusion 


Na,RuO, 


Ir residue 


FIGURE 15.24 A reaction scheme for the separation of the platinum metals, gold, and silver 


different oxidation states are shown in the reaction diagram 
of Table 15.5. 

Note that osmium is more stable in the VIII state than 
ruthenium, the metal being oxidized directly to the tetroxide. 
One or two osmium(VIIT) complexes occur, including the 
oxyfluoride OsO,F2^ and the corresponding hydroxide, 
OsO,(OH)3~, which are cis octahedra. A further hydroxide 
complex, OsO4(OH)~, contains a distorted trigonal 
bipyramidal group with OsO, units bridged axially by 
hydroxides. The trigonal bipyramid structure is also seen in 
the OsO4CI^ ion which has the Cl axial with a very long 
bond. Osmium forms a second oxyanion in the VII state, 
OsO$". These two oxyanions compare with those found for 
rhenium. 

In the VI state, ООХ, (X = F or Cl) are square pyramids 
in the gas phase with the oxygen in the axial position, like the 
rhenium and tungsten analogues. In contrast, the MOX, 
species formed by the Main Group elements are trigonal 
bipyramids with the oxygen in an equatorial position. The 
lower oxidation states are very accessible. Only mild reduc- 
tion of osmium tetroxide is required to give the dioxide, and 
ruthenium burns in air directly to the dioxide. The stability of 
the IV state is shown by the existence of the disulphide and 
the compounds of the other oxygen Group elements. The 
dioxides are stable compounds with the rutile structure, while 
the tetroxides are volatile (b.p. about 100°C), tetrahedral, 
covalent molecules which are strongly oxidizing. 

The inter-relations among the halides, and halogen com- 
plexes, are similar, except that, OsF, does not exist and OsF; 
survives only under a high pressure of Ез. The VIII state is 
found in the oxyfluoride, OsO;F; which gives the Os(VIT) 


and (VI) species on reaction with fluorine. 
OsO,F; + F; > OsOF, + OsF, + OF; 


That is, osmium(VIII) is reduced by the action of fluorine 
gas, although the reaction also involves the oxidation of 
O(- II) to O(II). OsO;F, forms from OsO3F, and OsOF 4, 
and disproportionates back to these (VIII) plus (VI) species 
at 60°C. The osmium(VI) polyhydride, OsH,(PR3) can be 
made from the reaction of osmium(IV) chloro-complexes 
with LiAIH,. 

In the unstable V state, both metals form the pentafluoride 
and its anion. Ruf, is a tetramer with non-linear 
Ru- F - Ru bridges similar to the niobium compound. This 
tetrameric form, with bridging fluorides (Figure 15.3) is 
adopted, with minor variations, by most of the pentafluorides 
of the heavier transition metals. Molybdenum, osmium and 
platinum pentafluorides are all tetramers. ОЅСІ; is isomor- 
phous with rhenium pentachloride, having a dimeric struc- 
ture with chloride bridges. The complex ions OsClg and 
OsBrg have been isolated more recently. The structures are 
slightly distorted octahedra. In Table 15.6, the stable states of 
Ru(III) and Os(IV) show clearly. One dimeric anion in the 
(IV) stateisOs,Br79 which hasa structure with two octahedra 
sharing an edge. It reacts with a range of ligands to yield 
Os(III) compounds. A fuller study has thrown doubt on the 
compounds originally reported as osmium trihalides. These 
have now been characterised as the oxyhalides, Оѕ,ОХ,, 
which are Os(IV) compounds. The Os(IIT) halide complexes 
OsX3> (X = CI, Br, I) can beprepared in presence ofthe large 
cation, Co(en)3*. 

Osmium(IV) is found in the 


also polyhydride, 


260 THE ELEMENTS OF THE SECOND AND THIRD TRANSITION SERIES 


TABLE 15.5 


TABLE 15.6 


Oxidation 
State 
Vill Ge. ao, 2E са 
oxidation 

mn OH- 
VII O1 -—12, 0907 RuO; (unstable) 

fusion 

mild OH- 

reduction c- MO,Cl, 

VI OsO; (ОН)2- ог КО various OsOCl, 
у oe 2- 
conditions) ОѕОСІ 7 and OsO;CI2 


Also M (VI) solution =, MO,.4H;O 
(anhydrous МО; occurs only in presence of O, at high pressure) 


V No oxygen compound of the V state exists 
ild burn i 
IV | O:0,— — — МО, ———— Ru (Also MS;, MSe, and MTe;) 
reduction air 
HX à 
air 


OsX, (X = Cl, Br, I) 


OH 

Ill Ru,03.nH,O0 Ru(III) in solution 
Oxidation 
State 
VI M+F, МЕ, (readily with Os, only under careful conditions for Ru) 

mild 

reduction 
У Ва+Е, 201181, Mr, Р, мр. 

product 


OH- 


MF2- 40,1 
у ) 
; MO, Hx) — OsX,, RuF,, RuCl, 


Os— stable X 
Ru—less stable all MX- (except Rul2~ 


The OsX, give stable solutions in cold water, 
although HX is evolved on warming 


HI — M-&X;-OsCl,,,, all four RuX, S RuX3- 
(Normal reaction for stable ОзС1 > only 
Ru, only with halogen deficit for Os 
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OsH, (PR,)5, which continues the sequence of the W(VI) 
and Re(V) polyhydrides. Strong acid gives OsH;,(PR,)3 
while reaction with excess L gives Н, and the Os(I1) species, 
cis (OsH3L,). 

Both elements form the mixed oxyhalide, МОХ 
(М = Ки, Os(IV):X = СІ, Br) The oxygen bridges 
the M atoms, completing the octahedra, eg. 
[Cl;Ru—O—RuCl,]*~. 

Apart from those given above, these elements form a 
variety of complexes in the IV, III, and II states. In the IV 
state, osmium complexes are more extensive and stable than 
the ruthenium ones. The commonest are the halide, 
hydroxy-halide, amine, and diarsine complexes. In the III 
state, the situation is reversed and there are more ruthenium 
species, mainly octahedral. Both elements give hexammines, 
M/(NH,)2*, and ruthenium gives the whole range of mixed 
halogen-ammonia complexes down to Ru(NH3)3X3. А 
variety of other ruthenium complexes occurs, including 
those with substituted amines, and complex chlorides with 
4, 5, 6, and 7 chlorine atoms in the anion. A very interesting 
series is provided by the complexes M(NCS)§~ for M = Ru 
or Os. The thiocyanate group can bond M—NCS as a ‘hard’ 
ligand or M—SCN as a ‘soft’ ligand (section 13.8) and 
these metals are clearly on the hard-soft borderline in the 
+III state since a number of members of the series 
M(NGS),(SCN)2=, are formed. For Ru, n=1 to 4 are 
indicated while Os gives n = 2 to 4. 

Although there are few simple compounds of the IT state, 
there are a variety of complexes of both ruthenium and 
osmium. All are formed by reduction of metal solutions, in 
the IV or III states, in presence of the ligands. Examples 
include M (dipy)3*, the very stable M(CN)£^, and a variety 
of ammine and arsine complexes. As the II state is the dî 
configuration, there will be a large CFSE contribution to 
octahedral complexes of these heavy elements. An important 
group of compounds are those containing NO bonded to 
ruthenium(II), such as Ru(NO)X$^, where X — halogen, 
OH, GN, and many more. 

In lower oxidation states, there area number ofcompounds 
including Os(NH).Br and Os(NH3),—Os(I) and Os(0) 
respectively—formed by reduction with potassium in liquid 
ammonia. Other representatives of the 0 state include the 
carbonyls, M(CO); and M, (CO)... Among the more 
complex carbonyls, there is the very interesting derivative 
Ru,C(CO),7. This contains an isolated carbon atom which 
is situated at the centre ofa distorted octahedron of Ru atoms 
giving a CRug environment which is also found in most 
interstitial metallic carbides (section 17.5). Four of the Ru 
atoms carry three terminal CO groups and the other two 
have two terminal carbonyls and are bridged by the seven- 
teenth one. The RugC cluster involves delocalised poly- 
centred bonding. There is a reported anion, Ru(CO)3~, 
which would contain ruthenium( = П) and be isoelectronic 
with nickel carbonyl. 

Nitrogen complexes (see also section 16.6). A little after the 
first reports of nitrogen fixation in the systems metal 
halide/organometallic reducing agent which were discussed 


RuCl, + NH, [Ru NH, р" 


Zn 


\ | 
ог +N; Haq > [Кч(ХН,),%]?* М, +[Кч(ХН,),(Н,О)]?* 
(NH,);RuCl, / N (a) 


RuCl, 


| 
NaBH, / p 


\ 


or 
[Ru(NH,).H,O}** 


/ И 
l; [Ru(NHy)sL]?* 
6NH; (L = МН}, py, etc) 


(a) The ruthenium(II) complex is made in situ by zinc amalgam reduction 
of ruthenium(II) pentammine chloro complex. 


FIGURE 15.25 Preparations and some reactions of [Ru (NH3) sNa]** 


under Titanium (section 14.2), there was reported the first 
compound in which it was clearly shown that nitrogen was 
coordinated as a ligand. This was the ruthenium(II) complex 
[Ru(NH3)sN,}?*. This compound was first made by the 
action of hydrazine (which was the source of the coordinated 
N,) on the trichloride, but a number of other routes have 
since been reported including the reaction of a ruthenium(II) 
complex with gaseous nitrogen. Some of these preparations 
and some reactions are summarized in Figure 15.25. 

This series of reactions shows that the ligand nitrogen may 
be derived from a number of sources, including the direct 
fixation of atmospheric nitrogen. The coordinated nitrogen 
is replaceable by a range of ligands, presenting a useful 
route to otherwise unobtainable ruthenium(II) complexes. 
In these cases, the nitrogen comes off as N gas, so that the 
cycle of reactions does not lead to fixation of N, as a com- 
pound. The only indication of the latter process is in the 
reaction with NaBH, which yields six volumes of ammonia, 
that is, one N atom out of the two in the coordinated group 
is converted to NH3. 

A number of other metals in this part of the periodic 
table have been shown to form nitrogen complexes (Table 
16.6). Osmium forms the analogue of the ruthenium 
complex, Os(NH3)5N3*, by similar routes. The osmium 
complex is much more stable and resists replacement of the 
nitrogen. In (NH;);Ru(N,)Ru(NH3)3*, the NN unit bridges 
two metal atoms. Structural studies on these compounds 
indicate a linear M—-N-N-M bridge, in contrast to 
bridging carbonyl which bonds to both metals through 
carbon in a non-linear unit. 


м м 
s qd 


T 
о 


15.7 Rhodium, 4d°5s", and iridium, 5d°6s° 

In this Group, the Group oxidation state of IX is not shown 
and a strong tendency for lower oxidation states to become 
stable is seen, as compared with the previous Groups of 
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heavy transition elements. The highest state found is VI, 
while the most stable states are iridium(IV) and (III) and 
rhodium(IIT). In the separation from the rest of the platinum 
metals, Figure 15.24, both elements are found in the fraction 
insoluble in aqua regia. Iridium remains as the insoluble 
residue, after alkaline fusion, while rhodium is extracted in 
aqueous solution as sulphate after fusion with sodium bi- 
sulphate. 

The highest oxidation state is represented by the hexa- 
fluorides, MF,, formed by direct reaction. As in the previous 
Group, the heavier element is more stable in the high oxida- 
tion states and IrFę is much more stable than RhF&. No 
oxygen species exist in the VI state: the reported IrO, is 
possibly a peroxide rather than an iridium(VI) compound. 

The V state is also unstable and is found only in the IrFj 
ion, whose salts are prepared by fluorinating mixtures of 
iridium trihalides and alkali halides in bromine trifluoride 
solution. Mixed fluoride-chloride Ir(V) complexes are 
made similarly with up to 3Cl, all cis. The first Ir(V) 
oxygen species was found in KIrO, and related salts. In 
strong base, the higher coordinated IrOZ~ ion is formed. As 
with Re, Os, and other elements, we see the formation of 
oxyanions in the same oxidation state with two different 
oxygen coordination numbers. The hydride IrH,(PR); is 
formally Ir(V) and extends the heavy metal polyhydride 
series, It readily transfers H, e.g. to Pt;CI4L;. 

The IV state is fairly stable for iridium but represented by 
only a few rhodium compounds. The products formed on 
igniting the metals in air аге IrO; and Rh;O,, respectively, 
and RhO; can be made only by strong oxidation of rhod- 
ium(HI) solutions. It can be dehydrated without reverting 
to rhodium(III) only by heating under a high pressure of 
oxygen. Both elements form the tetrafluoride, МЕ,, and 
IrCl, is also reported. Rhodium gives only the halogen 
complexes, RhFz^ and RhCl2^, but a wider variety of 
iridium(IV) complexes occur. Fairly stable hexahalides, 
Ха, are formed for X = Е, Cl, and Br, and other com- 
plexes include the oxalate, Ir(CjO,3^, which can be 
resolved into optical isomers, 

In the II state both elements form all four trihalides and 
the oxides, М.О». Ir;O; can only be formed, by addition of 
alkali to iridium(II1) solutions, as a hydrated precipitate in 
an inert atmosphere. Attempts to dehydrate it lead to de- 
composition, and it oxidizes in air to IrO;. Rhodium tri- 
fluoride results, along with some tetrafluoride, from fluorina- 
tion of RhCl;, but IrF can only be prepared by reduction 
of ТЕ, with Ir, as fluorination of iridium(III) compounds 
gives the tetra- or hexa-fluoride. The other trihalides are 
made by direct reaction with halogen. They are insoluble in 
water and probably polymeric. 

A considerable number of rhodium(IIT) complexes are 
known, and these are generally octahedral. The hydrate, 
Rh(H;O)?*, the ammine, Rh(NH;)2*, and a large variety 
of partially substituted hydrates and ammines are found. For 
example, hydrates containing 1, 2, 3, 4, and 5 chloride ions 
in place of water molecules are formed, as well as RhCi}- 
and other hexahalides. Other halide complexes include 


RhX2-, and RhX3~, especially for the bromides. The 
dinuclear complex halides, Rh;X3 , have the face-sharing 
octahedral structure [C];,Rh(u — Cl),RhCl,]*~. 

A similar structure is found for the iridium chloro- and 
bromo-analogues. An interesting example of a mixed metal- 
metal bond is provided by (R3As);Rh™ (HgCI) * CI^ , which 
contains the Rh - Hg bond. A similar compound is the 
dimeric iridium (III) species [Ir;Cl;(SnCl4),]^" which 
contains Ir —Sn bonds. Rhodium also forms à compound 
with SnCl4 as a ligand, this time in the I state but again a 
dimer, [КЬ СІ, (SnCl;);]^" . In such compounds, the SnCly 
species behaves rather like a halide ion. Such compounds with 
bonds from transition to non-transition metals serve to link 
the long-established Main Group metal-metal bonded com- 
pounds with the newer field of interest in bonds between 
transition metal atoms. 

The complexes of rhodium(III) are relatively inert to 
substitution so that isomers may be isolated, as in the 
resolution into optical isomers of the ci-Rh(en);Clj ion. 
There is also an extensive series of iridium complexes which 
are generally similar to the rhodium compounds. Iridium 
also gives the hydrides, (R3P) 4Ir(H),(Cl), .,, forn = 1,2, 
and 3. Rhodium forms the analogues with л = | and 
2. The related carbonyls, (R3P);Rh(H)(Cl);/CO) and 
(R3P),Ir(H)3(CO) are known. 

These elements form only a few compounds in the II state. 
Simple compounds are restricted to polymeric IrC), and the 
reported oxide, RhO, which is not well-established. There 
are also a few complexes such as Ir(CN)2 ^ and Ir( NH ,)4 Cl. 

Low oxidation state compounds include the carbonyl 
monohalides of the 1 state, and the carbony! anion, 
Rh(CO), , in the — I state. These are paralleled by trifluoro- 
phosphine analogues like KIr( PF4)4 which is oxidized from 
the — I state to the +I state by iodine to yield Ir(PF;),l. 
Compounds in the 0 state include Ir NH), and Ir(en)a 
which are formed by reduction in liquid ammonia, like the 
similar osmium compounds. The 0 state is also represented in 
the carbonyls which include M3(CO), and the interesting 
polymeric molecule Rhg(GO) 16: This has a structure with an 
octahedron of rhodium atoms, cach with two terminal 
carbonyl groups, and the other four carbonyl groups are 
found in the middle of opposite faces. ‘The structure is held 
together by delocalized metal-metal bonding in the Rhe 
cluster. 

Among the most fully explored reactions are those of the 
square planar compounds of the I state, which add neutral 
molecules to give octahedral compounds of the III state in 
the process which has been called oxidative addition. For 
example, 


IrCI(CO)(PPh,); + XY = XIr¥Y(Cl)(CO)(PPh,), 
where XY = HCl, CH,I, Cl- HgCl, etc. Molecules suc h 


as H5. О, or SO, are also taken up and may be lost again in 
a reversible reaction. While H; gives two M—H bonds, the 
О, molecule is not split and the two О atomeare ci: to cach 
other at a distance О-О = 130 pm, suggesting coordina- 
tion as superoxide, O; 
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A very important application of oxidative addition is in 
cataylsis. The Rh(I) complex Rh(CO);I; catalyses the 
oxidation of CH3OH to acetic acid in the Monsanto process, 
via an oxidative addition of CHI forming 
[Rh(CO);(CH3)I3]" as intermediate. One ofthe CO groups 
then inserts into the Rh — CH, bond to give RhCOCH, 
which undergoes a reductive elimination as CH4COI, to 
reform the Rh(I) complex. The cycle is completed by 
CH,COI reacting with CH43OH to give СНСООН and 
CHI which adds to the Rh(I) complex to continue the cycle. 
Development of this work has led to similar Rh catalysts for 
other reactions, and modification of the catalyst, for example 
by bonding to a polymer backbone, to attempt to improve the 
control and activity. Square planar Rh(I) species with at least 
one CO group, usually a halide, and other ligands like 
phosphines are the compounds most studied. 

In a different type of reaction, of potential catalytic 
interest, hydride complexes of Ir and Rh, of the type 
Ме,С,МІ,, (where L = CO, 2H, phosphine or similar 
ligands), activate the usually inert С — Н bond. An organic 
group К — Н adds to the metal forming К- М-Н with 
elimination of L. This is seen as the first step in a potentially 
very important controlled conversion of hydrocarbons to 
functional organic compounds, and it is particularly import- 
ant that such activation has been established for CH4, as 
natural gas is a. premium starting material for chemical 
synthesis. 

The I state is also found in five-coordinate compounds, 
usually involving phosphine ligands, The structure of 
HRhCO(PPh;); is trigonal bipyramidal, with the P atoms 
in the equatorial plane. 


15.8 Palladium, 4d'°5s°, and platinum, 5d°6s' 

This pair of elements continues the trends already observed. 
The higher oxidation states are unstable and the VI and V 
states are represented only by a few platinum compounds. 
The IV state is stable for platinum and well-represented for 
palladium. This corresponds to d* and many octahedral РУ 
complexes occur with high CFSE. The II state is the other 
common oxidation state. In this palladium and platinum 
are almost invariably four-coordinated and square planar. 
Palladium continues the trend, which probably starts at 
technetium or molybdenum and is clearly seen for ruthenium 
and rhodium, in being less stable than the heaviest element 
of the Group in the higher oxidation states and in having a 
well-developed lower oxidation state. 

Platinum metal is particularly important as a catalyst, both 
in the laboratory and in general. One of the best-known uses is 
that of Pt in car exhaust converters to reduce the proportion of 
pollutants (such as nitrogen oxides) emitted. Major appli- 
cations in industry include the hydrogenation of benzene to 
cyclohexane, the dehydrogenation of petroleum hydrocar- 
bons to aromatics and, in conjunction with rhodium, the 
conversion of ammonia to nitric acid. This last is one case of 
increasing use of ‘bimetallic’ catalysts which are usually 
superior to the individual metal. Usually the metal. is 
dispersed as fine particles on a support such as à alumina with 


a high surface area. 


15.8.1 The (VI), (V), and (IV) oxidation states 

Only platinum forms a hexafluoride, Pts, and attempts 
to isolate the palladium compound have failed. The VI 
state of platinum may also occur in the reported oxide, 
РО. There is also a compound of unknown structure which 
may contain Pt( VIII). This is РЕ, (СО); which is reported 
to be formed by the reaction of CO under pressure on PtF,. 
It is difficult to see why such a system should be oxidizing, 
but spectroscopic evidence shows no bridging carbonyl 
groups and no adduct molecules such as F; CO. 

The V state is found in PtF4 and in the PtF¢ ion. The 
latter was first found as a product of the reaction of O; and 
PtF, which yielded the unexpected oxygen cation in 
O}PtF;. The now famous first report of a rare gas com- 
pound was of the Xe*PtFs complex and a number of other 
compounds of the anion have since been made. 

The highest state for palladium, and the first stable state 
for platinum, is the IV state. This is represented by all four 
PtX, halides and by PtO;. Palladium forms PdF, апа PdO;. 
The latter is found as the poorly characterized hydrated 
oxide but PtO, is the most stable oxide of platinum. It is 
obtained as a hydrated precipitate from the action of car- 
bonate on Рі! solution and it is soluble in acid and alkali in 
this condition. It can be dehydrated by careful heating when 
it becomes insoluble. On heating to 200 °C, it decomposes 
giving platinum metal and O;. 

PtF, is the major product of fluorination of platinum, 
although Р‹Е; and PtF also result from the direct reaction. 
PdF, is also formed by direct fluorination though here the 
main product is PdF;. The other platinum tetrahalides are 
formed by direct halogenation and PtCl, also results when 
H,PtCl,, the product from the aqua regia solution of the 
metal, is heated. These heavier halides of platinum are quite 
stable, even PtI4 does not decompose until about 180 ^C, 
when it goes to PtI, and iodine. 

Palladium(IV) complexes are only a little more stable than 
the simple Pd'Y compounds. The common examples are the 
halides. PdX2^, all of which are known except the iodide, 
and the tetrahalide amine, Pd(amm);X,, where amm = 
ammonia, pyridine or related ligands. 

By contrast, platinum(IV) forms a large number of com- 
plexes which are always octahedral, and are stable and inert 
in substitution reactions. As platinum(II) also gives a wide 
range of complexes, platinum is probably the most prolific 
complex-forming element of all. All the common types of 
complex are found, for example all members of the set 
between Pt(NH3)4* and PtX§~ are known for a variety of 
amines as well as ammonia, and for X = halogen, OH, 
CNS, МО», etc. However, fluoride is found only in 
PtF2-. 

One very interesting Pt(IV) complex is the sulphide 
Pt(S,)3^ which contains three Si^ units forming PtS, six- 
membered rings by linking into cis positions in the octa- 
hedron. As this species with three bidentate ligands has non- 
superimposable mirror images, the optical enantiomers may 
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beresolved (compare Co(en), in section 13.8: also section 19.2 
for metal-sulphur ring compounds). 

The РҮ octahedral complexes may readily be obtained 
from the Pt" square planar complexes if the attacking ligand 
is also an oxidizing agent. Thus Pt"L,+Br, — trans- 
Br;Pi L, for a variety of ligands (L). The halogen atoms 
simply add on opposite sides of the square plane. 

An interesting class of complexes is the deeply coloured, 
usually green, type of compound which apparently contains 
trivalent platinum, such as Pt(en)Br; or Pt(NH);Br,. 
These are not Pt!" compounds at all but chains made up of 
alternate Pt'(NH3) Br, and Pt' (NH,);Br, units as shown 
in Figure 15.26. The Pt — Br distances on the vertical axis are 
250 pm for Pt'Y — Br and 310 pm for the weak Pt! — Br inter- 
action. 
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FIGURE 15,26 Structures of (a) Pt(NH3);Brs, (b) Pt(en)Brs 

"These structures consist of chains of alternate square planar 
platinum(IT) units, PCN5Br;, and octahedral platinum(IV) units, 
PtN,Bry. (N = NH, or half an ethylenediamine molecule). 


15.8.2 The (III), (II), and lower oxidation states 
As in the example above, many compounds which appear to 
be in the (III) state are instead mixed valency ones. Thus 
PdF, is Pd?* PdF2~ and similarly for РеХ з. The interesting 
Pt3Ig consists of two octahedral Pt(IV)I, units linked to a 
central square planar Pt(II)I, by shared edges. Hydrated 
oxides, M,O3, are reported but their identity is not proven. 

However, Pd(III) was confirmed in the complex ions 
Na*[PdF,]^, and Ag;PdF,. In NaK;PdF,, a structural 
study shows that the РЕ г > ion has four shorter Pd — Е bonds 
of 195 pm, and two longer ones of 214 pm, just as expected for 
a low spin d? state. 

In a second class of formally + 111 compounds, a Pd — Pd 
or Pt — Pt bond exists in a dimer in compounds of the type X- 
Pt(bident), Pt- X. Here bident = a bidentate ligand which 


bridges the two Pt atoms, holding them close enough together 
for a Pt — Pt bond to form. The M(III) compounds are made 
when the bridged Pt(II) complexes are treated with X, 
(compare the analogous gold compounds, Figure 15.29), 
There may be between л = 2 and n = 4 bident groups present, 
Such Pt(III) compounds are well-established and a few Pd 
analogues are known. 

Like nickel, these elements have a very stable 11 state, but 
occur only in the square-planar configuration in this state. 
All the dihalides except PtF; are found. Palladium forms а 
stable PdO while platinum gives a hydrated PtO which 
readily oxidizes to PtO,. Palladium dichloride has a chain 
structure of linked square planar PdCl, units: 


1 
Уч Жы. "ms JA. P 
М e a Р an fs А 

СІ СІ CI СІ Cl 


A second form of palladium dichloride, and the only form of 
the platinum compound, consists of M6Cl;; units with the 
chlorine atoms placed above the edges of an octahedron of 
platinum atoms. This structure is reminiscent of the 
tantalum(II) and molybdenum(I1) halide complex ions and 
is a further example of a metal cluster compound. 

The complexes of palladium(II) and platinum({I) are 
abundant and include all common ligands. Some examples 
have already been given in Chapter 13 (see Figure 13.18). 
Palladium(II) complexes are a little weaker in bonding and 
react rather more rapidly than the platinum(lII) complexes, 
but are otherwise very similar. The commonest donor atoms 
are nitrogen (in amines, NO), cyanide, the heavier halo- 
gens and phosphorus, arsenic, and sulphur. The affinity for 
F and О donors is much lower, but the stability of РІС) is 
underlined by the isolation from nitric acid of P((NO3)2 7 
where the nitrate groups are bonded through a single O 
forming a square planar PtO, coordination shell. Another 
example is provided by the planar PtH2" ion, a red-violet 
compound synthesized by the action of NaH on Pt under 
hydrogen. This is a further case of the polyhydride ions 
remarked in earlier sections. 

While PtNH;)4* ions are red in solution and РС 7% 
colourless, the salt [Pt(NH)4][PtCl,]—named Magnus’s 
green salt—is strongly coloured. The squarc-planar units 
stack, alternate cation and anion, directly above cach other 
in the crystal with a Pt—Pt distance of 325 pm. Similar 
species with small ligands which allow short Pt — Pt distances 
are also abnormally coloured, betokening a metal-metal 
interaction in the crystal. Such species have aroused interest 
as possible ‘one-dimensional conductors’. If some clectrons 
arc removed, as in the partly oxidized compound 
K;Pt(CN), . 0-3Br, the crystals become strongly conducting 
but only in the direction parallel to the Pt chains. 

A further interesting square-planar platinum 11 compound 
is Zeise’s salt, one of the first organometallic compounds (see 
Figure 16.5a). Similar ethylene complexes are formed with a 
variety of other ligands and for Pd as well. The dimeric 
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species [C,H,PdCl,], rapidly gives СН,СНО and Pd in 
water. When linked with CuCl, to reoxidize the Pd, this 
becomes the basis of the Wacker process for converting ethylene 
to acetylene: 


C,H, +PdCl, +3H,O = Pd +CH,CHO +2H,0* +201- 
Pd +2CuCl, = Расі, + 2CuCl 
2CuCI -2H40* +2Cl~ +40, = 2CuCl, -3H;O 


which adds up to C,H,+40, = CH;CHO. The process is 
viable as the reaction between Pd and CuCl, is quantitative 
and elficient, so only low Pd concentrations are required. 

One or two examples do exist of coordination numbers 
other than four in the H complexes: Pd(diars),Cl* for 
example is a trigonal pyramid and Pt(NO)CIH" is octahedral 

though the latter might be formulated as an NO^ com- 
pound of Pt” rather than as the NO* compound of Pt"). 
The SnCl; complexes also provide examples. Platinum(I1) 
forms a square-planar ion PtCl,(SnCl;)3~ (as does ruthen- 
ium) but it also gives the ion Pt(SnClj)3^ which has a 
trigonal bipyramidal PtSn; skeleton. This species reacts with 
hydrogen under pressure to form the hydride ion 
HPt(SnCl,)3~. Palladium forms the ion PdCl(SnCl,)>, but 
it is not yet known if this is a monomer or forms a chloride- 
bridged dimer which would be square-planar around the 
palladium. Such compounds are commonly precipitated as 
salts of very large cations (like Ph4As*) from acid chloride 
solutions containing palladium, or platinum, and tin. A 
number of compounds containing the analogous M — Ge 
bond have also been reported such as (R3P),M(GePh3)3 
for M — Pd or Pt. 

One of the most striking uses of platinum(II) compounds is 
the use of the cis isomer of Pt(NH;);Cl, in the treatment of 
tumours. A very high success rate has been achieved in 
treating solid tumours, especially of the genito-urinary tract. 
The trans isomer is ineffective, and it is thought that the mode 
of action is the substitution at the N(7) site of guanosine in 
DNA in the place of the Cl. Thus the (NH), Pt unit can 
bridge across two nearby G residues, thus interrupting the 
reproduction ofthe DNA of the tumour cell. The compound is 
used under the name of cisplatin and its effectiveness seems to 
depend on the intermediate character of Cl as a leaving 
group. More easily displaced groups allow hydrolysis to 
hydroxy — Pt species which are highly toxic, while more 
firmly bound groups do not allow the bonding to N(7). As 
cisplatin is quite toxic, many efforts have been made to find a 
substitute, and variations on the amine and X groups have 
been extensively studied. The amine groups need at least one 
H, suggesting hydrogen bonding has an important role, and 
the most promising substitutes for ammonia seem to be 
diamines such as 1:2-С,Н,0(ҸН,) 2, while the best replace- 
ments for Cl may be dicarboxylates. 

The I state is represented by the reported Pd; (CN) 
analogous to the nickel complex. Platinum(I) is found 
in the carbonyl anion, PtCl,(CO) ~. This is a dimer linked 
by a Pt—Pt bond with approximately square planar 
[Pt(CI), (CO) (Pt) | coordination. 


4- 
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In the O state, there are no stable carbonyls analogous to 
Ni(CO),, though M(CO), species are formed in low- 
temperature matrix studies. The isoelectronic M(CN)3~ ions, 
and M(PF,), species, do exist and CO-containing molecules 
occur such as Pt(CO),(PR;),_, (n = 1, 2). There are also 
reports of Pt(NH;), and Pt(en), analogous to the iridium 
compounds. It has also been shown that the phosphine 
complexes, (Ph3P),Pt and (Ph,P),Pt, are probably deriva- 
tives of Pt? rather than hydrides of higher states as originally 
reported. The structure of Pt(PPh4)4 has been shown to 
contain the planar PtP, group. 


T 
AN LA NS 
| | Pt CO Pt 
P P 
ma Bergen XN 
(a) (b) 


FIGURE 15.27 Some platinum clusters 
(a) The basic building unit of [Pt,(CO).], (known for n up to б), 
(b) The Pt, (CO), skeleton of [(R3P)Pt]4 (CO);. 


Platinum forms a number of irregular clusters containing 
carbonyls. The family of polymetallic 2-carbonyl anions of 
the general type, [Р (СО), ]2  , are built up of the basic unit 
shown in Figure 15.27a. The Pt, triangles stack up above 
each other in twisted trigonal prisms, and species with n up to 
6 have been characterized. The cluster of Figure 15.27b is 
found in Pt,(PR3),(CO),. The four Pt atoms, each with a 
terminal PR, form a tetrahedron which has five out of the six 
edges bridged by CO groups. See also section 16.2.4. 


15.9 Silver, 4d'?5s' , and gold, 5d'^6s' 
The major part of silver chemistry is that of the 4\9 state, 
Ag(I). Gold is most often found in Au(III) square planar 
complexes, but there are also a variety of Au(I) compounds, 
mostly complexes. Simple compounds of gold readily give the 
element, and silver is also reduced to the element fairly 
readily. These elements differ quite widely in their chemis- 
tries, and also differ from copper which occurs in the IT state. 
Reasons for this were discussed in the copper section (14.9). 

The elements are found uncombined and in sulphide and 
arsenide ores. They may be recovered as cyanide complexes 
which are reduced to the metal, in aqueous solution, by the 
use of zinc. Gold is inert to oxygen and most reagents but 
dissolves in HCI/HNO; mixture (aqua regia) and reacts 
with halogens. Silver is less reactive than copper and is 
similar to gold, except that it is also attacked by sulphur and 
hydrogen sulphide. 

It is easiest to treat the two elements separately as there is 
little resemblance in their chemistries. 
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15.9.1 Silver 

There are one or two examples of Ag" compounds. 
Fluorination of a mixture of alkali and silver halides gives 
M'AgF, and oxidation in basic solutions gives Ag(IO,)3~ 
or Ag(TeO,)3~: copper(III) compounds are obtained 
similarly. Electrolytic oxidation gives Ag;O; with the same 
structure as Au5O; with square planar MO, units linked by 
shared corners into a network. A similar oxidation in base 
yielded square planar Ag(OH);. The mixed Ag(II)- 
Ag(III) oxide, Ag3O4, has also been isolated from anodic 
oxidation work. All silver(III) compounds are strongly 
oxidising. 

When Ag;O is oxidized by persulphate, black AgO is 
obtained. This is a well-defined compound which is strongly 
oxidizing. It is diamagnetic, which excludes its being an Ag" 
compound which would contain the paramagnetic d? con- 
figuration. A neutron diffraction study has shown the exist- 
ence of two units in the lattice, linear O— Ag — О and square 
planar AgO, groups. This strongly suggests a formulation as 
Ag'AgO,. The square planar configuration is expected for 
the dë Ag while the linear one is common for 219 as in Ag! 
(compare Ag! with Cu! or Au! which both show linear con- 
figurations and compare the III state with Au™'), AgO is 
stable to heat up to 100 °C and it dissolves in acids giving a 
mixture of Ag* and Ag?* in solution and evolving oxygen. 

The only simple compound of silver(II) is the fluoride, 
AgF;. This is formed from the action of fluorine on silver or 

AgF. It isa strong oxidizing or fluorinating agent and can be 
used in reversible fluorinating systems in a similar way to 
CoF3. 

Silver ions of the II state can exist in solution but only 
transiently. They are produced by ozone on Ag* in per- 
chloric acid. The potential for Ag?* „е^ = Ар? has been 
measured as 2:00 V in 4M perchloric acid. This makes Ag?* 
a much more powerful oxidizing agent than permanganate 
or ceric. Silver also gives a number of complexes in the II 
state. These are usually square planar and paramagnetic 
corresponding to the d? state, and known structures, for 
example, of Agpy3*, are isomorphous with the Cul! 
analogues. Other examples include the cations Ag(dipy)3* 
and Ag(phen)}*. These cations are stable in the presence of 
non-reducing anions such as nitrate, perchlorate or per- 
sulphate. The interesting species Ag(MF,); (М = Nb or Ta) 
consists of a central АрЕ, octahedron sharing three cis F with 
MF, octahedra. The AgF, octahedron has two long and four 
short Ag - F bonds consistent with 4? Ag(I1). 

The normal oxidation state of silver is Ag! and the chemis- 
try of this state is already familiar, for example, from the 
precipitation reactions of Ag* in qualitative analysis. Salts 
are colourless (except for anion effects) and generally in- 
soluble apart from the nitrate, perchlorate, and fluoride. 
Structures are usually similar to those of the alkali metal 
equivalents, for example, the silver halides have the sodium 
chloride structure. As discussed in Chapter 5, their lattice 
energies are higher because the Ag* ion is more polarizable, 
hence the lower solubilities. 

One very striking structure containing Ag is provided by 


the central core of the [Ag,(S — R — S)3]?~ ion (К = o-xylyl) 
which contains an octahedron of the 6 S atoms with the 4Ag 
atoms in the centres of alternate faces, so that the Ag is planar 
and 3-coordinated. 

A highly important application of Ag(I) salts is in pho- 
tography. The basic process is the activation by light of Ag 
centres in the AgBr film, and these nucleate the formation of 
Ag metal particles when reduction (development) occurs. 
The unreacted salt is removed (fixing) by forming soluble 
Ag* complexes, typically sulphur species. Colour pho- 
tography is based on the same general process with the 
interposition of dyes to filter out the three primary colours. 

Silver (I) forms a wide variety of complexes. With ligands 
which do not z-bond, the most common coordination is 
linear, two-coordination as in Ag(NH3)7 , while z-bonding 
ligands give both 2- and 4-coordinate complexes and 3- 
coordination is found for some strongly z-bonding ligands 
such as phosphines. 

A formal 1/2 oxidation state is found in Ag;F. This has a 
layer lattice of the anti-CdI; type and the Ag — Ag distance is 
similar to that in silver metal, and this accounts for the low 
formal oxidation state. The properties are metallic. 


15.9.2 Gold 

The highest oxidation state found for gold is the (V) state, 
which has the d$ configuration. Thus Au(V) corresponds to 
Pt(IV). Powerful oxidation of AuF; with F, and Хер, gives 


AuFg as the Xe;Ff, salt (compare section 17.9). The 
AuF; ion is a slightly distorted octahedron linked by long 
weak Au-F --- Xe bonds to the two Xe atoms of the Xe Fi; 
ion. Other cations, including the larger alkali metals and 
Ož, stabilise the AuF; ion. The KrF;AuF, species has a 
stronger bridge and is best seen as FKr— FAuF, with a more 


covalent interaction. AuF, is formed by gentle heating of the 
krypton compound. The pentafluoride is extremely reactive 
anda violent fluorinating agent. It decomposes to Аш, and F3 
at 200°C and forms HAuF, which melts at 88°C. Among 
unusual adducts are BrF ,.AuF which is oxidized by KrF, to 
BrF;.AuF although free BrF, does not exist (section 17.8). 

Gold(I11) is the most common oxidation state of gold in 
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FIGURE 15.28 Reactions of gold! IID 
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compounds. The interrelations are illustrated in Figure 
15.28 starting off from the solution in aqua regia. The 
simple compounds readily revert to the element but the 
complexes are more stable. Square planar four-coordination 
is the most common shape. AuCl, and AuBr; form planar 
bridged dimers (as R,AuX below with R = X) while AuF, 
forms a polymer made up of cis-bridged AuF, units —i.e. 
(AuF;F55), There is evidence for a few six-coordinate 
complexes such as AuBrg~. Examples of the tendency to four- 
coordination are provided by the alkyls such as R;AuX. 
These contain sigma Au — С bonds which are among the 
most stable metal-carbon bonds in the transition block. The 
halides have dimeric structures: 


R X R 
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while, when X — CN, tetrameric structures are found: 
R Au- CN - AuR; 
С С 
N N 
R Au- CN - AuR, 

Formal Au(II) results from Au — Au bonding in the same 
way as Pt(III) in the last section (see Figure 15.29). Ligands 
with two donor atoms close together, such as Ph; PCH;PPh; 
bridge two Au atoms holding them close together. Then 
stepwise oxidation by successive additions of halogen converts 
the Au from (I) through (II) with the Au — Au bond to (III). 


Gold(I) is less stable but forms the simple halides and 
Au; O. Aul and AuCl have similar chain structures 


Complexes are usually linear, eg. [AuX,]~ (X = halogen, 
CN ete.) or RjPAuX. X includes CH, as well as halides etc. 
The R4PAu-^ group itself forms a range of complexes, often 
of high coordination number, for example RyPAuV (CO), or 
(R;PAu);Re(CO),. The long-known carbonyl Au(CO)CI 
can now be readily made and is a valuable source of Au(I) 
complexes since the CO is very weakly bonded. Planar three- 
coordinate Au(I) is found in (R3P);AuCl and (R4P)4Au*. 
Gold(1)-sulphur compounds are of interest as photosensit- 
izers of silver halide layers in photography. As well as AuS 
and Аи, study of such systems has yielded the complex 
ion, Au, S$”. This has an unusual cubic structure where the 
S atoms are at all the corners and the 12 Au atoms are in the 
centres of the edges. The structure is slightly distorted with 
angles at S in the range 87-93^ and the Au atoms in 
essentially linear configuration, as preferred. The Au. Au 
distances are 318-335 pm, which suggests a weak interaction. 
In lower formal oxidation states, gold forms an extensive 
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FIGURE 15.29 Transformations of the К,Р — СН, — РК, bridged digold 
compounds 

Theshort *bite' ofthe bidentate phosphine holds the two Au atoms 
close together in a rigid conformation. 


with formal oxidation state 0-33. The gold atoms, each with 
one terminal phosphine, form an axially compressed octa- 
hedron. This form is paralleled in [Аи (PPh3);] * where the 7 
Au form a pentagonal bipyramid with a short axial Au — Au 
distance. 

Clusters containing up to 13 Au atoms are well-established 
and evidence has been presented for the much larger 
Auss(PPh;3),5Clg cluster containing an inner Ац, icosah- 
edron surrounded by an outer shell of Au, Au ~ P, and 
Au — Cl units. Very large mixed silver-gold clusters have also 
been found, such as Au;gAg;7(PPh3),2Br7; whose structure 
is based on three icosahedra sharing vertices. Examples of the 
poly-gold clusters are AugL3*, Au;;L3* and Ац, 3125 and 
related species where L includes phosphines and halides. Тһе 
Au,3 species has one Au atom at the centre of an Au, 
icosahedron, and the other two are also centred with the 
remaining atoms forming an incomplete icosahedron. 

The L — Au(I) unit readily attaches to other metal clusters 
so that gold is incorporated in small and intermediate-sized 
clusters with many metals. Examples аге V AuLg containing 
a VAu; trigonal pyramid and FegAu,CL а where the 2 Au 
atoms occupy neighbouring positions in an octahedron 
enclosing the C. In such compounds, L is generally CO or a 
phosphine or similar ligands in combination. 

Au has a relatively high electron affinity (compare 
Table 2.9) and Au(-I) has the 419? configuration which is 
fairly stable as found. in Hg(0) (compare relativistic effects, 
section 16.10). A very striking consequence is to have 
evidence for the Au ^ ion. The first indications appeared halfa 
century ago, particularly the observation that CsAu had no 
metallic properties and was thus not an alloy but Cs* Au. 
More recent work has fully confirmed this, and Au^ (the 
auride ion) has been confirmed in liquid ammonia or ethy- 
lenediamine (compare section 6.7) and has been isolated with 
various large cations, especially (crypt)M *. 

One significant medical use of gold is in the treatment of 
rheumatoid arthritis. The drugs are Au(I) species with 
sulphur ligands, with inferred (R)S — Au – S(R) structures 
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(single crystals cannot be prepared so the structure is not 
definite). Later drugs are phosphine complexes, again with 
linear structures at Au. The К groups on S or P were chosen to 
enhance the lipid solubility, allowing distribution through the 
body. 


15.10 Thezinc Group 

The Zinc Group does not fit the general picture of the 
transition Groups as developed in the last two chapters. It 
shares with beryllium the property of belonging to one block 
of the Periodic Table and having many of the properties 
characteristic of another. In this case, the three elements of 
this Group resemble the three heavy elements of the Boron 
Group. 

The elements, zinc, cadmium, and mercury, in this Group 
have the outer electronic configuration d!°s? and have the 
common oxidation state of II, corresponding to the loss of the 
two selectrons. In addition, mercury shows a well-established 
I state and cadmium and zinc form analogous but very un- 
stable I compounds. Thus the heaviest element is more stable 
than the lighter ones in a low oxidation state, a characteristic 
of the Main Groups. 

The radii also reflect this transitional character. Shannon 
crystal radii for M(II) are (pm) 


Coordination no. 4 6 8 
Zinc 74 88 104 
Cadmium 92 109 124 
Mercury 110 116 128 


The significant increases between successive Group members 
for the 4-coordinate radii is like that found for a Main Group 
while the pattern of changes in 8-coordination is that typical 
of a Transition Group. (See also relativistic effects, section 
16.10). 

Тһе M"/M redox potentials show a large difference 
between Cd and Hg which can be ascribed in part to the 
higher solvation energy of Cd?* , which is an effect of smaller 
size. The potential values for M?* + 9267 = M are: 


Zn = —0:762 V, Cd = —0402 V, Hg — 0:854 V 


These values show the relatively high electronegativity of 
zinc and cadmium and reflect the reducing power of these 
clements. By contrast, mercury is unreactive and ‘noble’, 

The elements are all readily accessible as they occur in 
concentrated ores and are easily extracted. Zinc and cad- 
mium are formed by heating the oxides with carbon and 
distilling out the metal (boiling points are 907 °С for zinc 
and 767 “С for cadmium). Мегсигу(П) oxide is decomposed 
by heating alone, without any reducing agent, at about 
500°C, and the mercury distils out (b.p. = 357°C). Mercury 
is the lowest melting metal with a melting point of —39 °C, 
while zinc and cadmium melt at about 420 ^C and 320 ^C 
respectively. Mercury is monatomic in the vapour, like the 
rare gases. The element, and many of its compounds, are very 
poisonous and, as mercury has a relatively high vapour 
pressure at room remperature, mercury surfaces should al- 
ways be kept covered to avoid vaporization. 


tetragonal unit cell of Не, СІ, 


Ос! @ Hg 


FIGURE 15.30 The crystal structure of mercurous chloride, Hy; Cl; 


15.10.1 The (I) state and subvalent compounds 

In the I state, mercury exists as the dimeric ion, Hg? *. 
This has been demonstrated by a number of independent 
lines of evidence: 


(i) The Raman spectrum of aqueous mercurous nitrate shows 
an absorption attributed to the Hg — Hg stretching vibration. 
(ii) The crystal structures of mercury) salts show the exist- 
ence of discrete Hg, units: see Figure 15.30 for the case of 
Hg,Cl,. 


(iii) АП mercury(I) compounds are diamagnetic, whereas 
an Hg* ion would have one unpaired electron. 

(iv) E.m.f. measurements on concentration cells of mercurous 
salts show that two electrons are associated with the mercur- 
ous ion. For example, the e.m.f. of the cell: 


mercury(I) 
Hg | nitrate in 
01м HNO, 


mercury(I) 
nitrate in 
01м HNO, 


(005M) (0:005M) | Hg 


RT c 
was found to be 0-029 V at 25 °C. Now E = F In(c)/(e2) 
n 


where the concentrations are €, and сз, n is the number of 
electrons, and the other constants have their usual signifi- 
cance. If values are put in for the constants and conversion to 
logarithms to the base ten is carried out, the equation be- 
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comes E = (0-059/n) log (0-05/0-005): hence n = 2. 
у) Conductivities and equilibrium constants also fit for a 
dimeric ion of double charge and not for Hg*. 


The redox potentials involving mercury(I) are 


Hg3* +2е7 = 2Hgqiuia) Е = 0:789 V 
2Hg!*--2e- = Hg?* Е = 0920 V 


It follows that, for the disproportionation reaction: 
Hg--Hg'* = Hg?*, 


the potential is E = 0-131 V. Then, as E = (RT/nF) InK, 
where K is the equilibrium constant for the reaction: 


К = [(Hg2*)]/[(Hg?*)] = about 170 


In other words, in a solution ofa mercury(I) compound there 
is rather more than $ per cent mercury(1I) in equilibrium. 
‘Thus, if another reactant is present which either forms an 
insoluble mercury(II) salt or a stable complex, the mer- 
cury(I1l) ions in equilibrium are removed and the dis- 
proportionation goes to completion. If ОНГ is added to а 
solution of Hg2*, a grey precipitate of HgO mixed with Hg 
is formed. Similarly, sulphide precipitates HgS and CN ^ ions 
give a precipitate of mercury and the undissociated cyanide 
of mercury(II), Hg(CN);. 

Гре existence of this disproportionation reaction means 
that a number of mercury(I) compounds, such as the sul- 
phide, cyanide or oxide, do not exist. The main compounds 
of mercury(I) are the halides and a number of salts. Hg F, 
is unstable to water giving HF and HgO plus Hg. The other 
halides are very insoluble. Mercurous nitrate and per- 
chlorate are soluble and give the insoluble halides, sulphate, 
acetate and other salts by double decomposition reactions. 
The nitrate and perchlorate are isolated as hydrates which 
contain the hydrated ion [H;O — Hg- Hg НО]? *. 

A three-atom chain exists in Hg3(AICI,); where the basic 
structure is a Z-shaped molecule with Cl bridging between 
approximately tetrahedral AlCl, units and approximately 
linear Hg — Hg — Hg chains. 

In the reaction with fluoro-arsenic or antimony species, a 
number of poly-mercury ions result. For example, 


3Hg + 3AsF4 — Нез AsFg) + AsF3 
4Hg + 3AsF, > На (AsFg)2 + AsF; 
6Hg -- 3AsFs — [Hg2.gsAsFo]n + ASF; 


(the last reaction in SO;). a Jut 
The crystal structures show a linear symmetric Hg3 ion 
with Hg — Hg = 255-2 pm. In Hg3*, the structure is centro- 
symmetric and nearly linear with angle 176°. 
Hg 227. Hg 27 Hg — Hg 
Infinite chains are found in [Hg вз АЁ в] which contains 
chains of Hg atoms passing in two directions at right angles 
through a lattice of octahedral AsFg ions. The average 
Hg — Hg distance is 264 pm. Similar mercury chains are 
found where the As is replaced by Nb or Hf, but such 


compounds change on standing to give golden crystals which 
contain planes of close-packed Hg atoms separated by layers of 
MF; ions. 

The existence of a cadmium(I) ion, Са? *, has been con- 
clusively proved in a molten halide system. CdAICI, is ob- 
tained as a yellow solid and shown to be Cd? * (AICI,); . This 
reacts violently with water to give cadmium metal and Cd? * 
in solution. Са! may also exist in the deep red melts of Cd 
in cadmium(II) halides. The Cd2* ion is quite unstable to 
water. A recent report indicates that zinc(1), Zn2*, exists 
under similar conditions. 


15.10.2 The (II) state 

The most stable state for all three elements is the II state. 
In this, zinc and cadmium resemble magnesium and many of 
the compounds are isomorphous. Мегсигу(П) compounds 
are less ionic and its complexes are markedly more stable than 
those of zinc and cadmium. All three elements resemble the 
transition elements more than the Main Group elements in 
forming a large variety of complexes. 

The halides of all three elements are known. All the 
fluorides, MF, are ionic with melting points above 640 °С. 
HgF; crystallizes in the fluorite lattice and is decomposed in 
contact with water. The structures of ZnF, and CdF, are 
unknown: these compounds are stable to water and are 
poorly soluble, due both to the high lattice energy and to the 
small tendency of the fluorides to form complex ions in 
solution. In this the zinc and cadmium fluorides resemble the 
alkaline earth fluorides. The chlorides, bromides, and 
iodides of zinc and cadmium are also ionic, although polari- 
zation effects are apparent and they crystallize in layer 
lattices. The structures are approximately close-packed 
arrays of the anions with Zn?* in tetrahedral sites in the zinc 
halides while, in the cadmium halides, Cd?* ions occupy 
octahedral sites. The zinc and cadmium halides have lower 
melting points than the fluorides and are ten to thirty times 
more soluble in water. This is due, not only to lower lattice 
energies, but also to the ready formation of complex ions in 
solution. A variety of species result, especially in the case of 
cadmium halides. Thus a 0:5М solution of CdBr; contains 
Cd?* and Вг ions and, in addition, CdBr*, CdBr;, CdBr; 
and CdBri^ species, the most abundant being CdBr*, 
CdBr, and Br (these species are probably hydrated). 
Hydrolysis also occurs and species such as Cd(OH)X are 
observed. The tetrahalides, ZnX2^ and Сах27 may be 
precipitated from solutions of the halides in excess halide by 
large cations. These are tetrahedral ions,.as are all four- 
coordinated species in this group. 

By contrast, HgCl;, HgBr;, and Hg], are covalent solids 
melting and boiling in the range 250 *C—350 °С. НЕСІ, is 
a molecular solid with two Hg — Cl bonds of 225 pm and the 
next shortest Hg — Cl distance equal to 334 pm, so that there 
is little interaction between the mercury atom and these 
external chlorines. In the bromide and iodide, layer lattices 
are formed, but in the bromide, two Hg — Br distances are 
much shorter (248 pm) than the rest (323 pm) so that this is a 
distorted molecular lattice. Неї, forms a layer lattice in 
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which there are HglI, tetrahedra with the Hg —I distance 
equal to 278 pm. In the gas phase, the mercury halogen dis- 
tances in the isolated HgX, molecules are, for X = Cl, 
228 pm; X = Br, 240 pm; X = 1,275 pm. Thus the Hg — СІ 
distances are the same in the solid and gas, underlining the 
molecular form of the solid. The Hg — Br distance is a little 
longer in the solid while the Hg—I distance is markedly 
longer in the solid, showing the increasing departure from a 
purely molecular solid on passing from the chloride to the 
iodide. Mercury also forms halogen complexes, and the same 
species are found for mercury as for cadmium. The stability 
constants for the mercury complexes are much higher than 
those for the zinc and cadmium species. Halo-mercury ions 
are found, eg. (HgI)* which exists as infinite chains, with 
IHgl angles near linear and HgIHg angles around 90*. In 
presence of a large cation, the HgCl3~ ion may be isolated, 
whose shape is a trigonal bipyramid with short axial Hg - Cl 
distances of 233 pm and long Hg — Cl equatorial distances of 
303 pm. This can be seen as a linear Cl — Hg - Cl unit weakly 
coordinated by three further C17 ions. 

The oxides are formed by direct combination. ZnO is 
white and turns yellow on heating. CdO is variable in 
colour from yellow to black. The colours in both cases are due 
to the formation of defect lattices, where ions are displaced 
from their equilibrium positions in the crystal lattices to leave 
vacancies. These may trap electrons whose transitions give 
rise to colours in the visible region. HgO is red or yellow, 
depending on the particle size. Zinc oxide and the hydroxide 
are amphoteric. Zn(OH); is precipitated by the addition of 
ОНТ tozinc solutions and dissolves in excess alkali. Cd(OH), 
is precipitated similarly but is not amphoteric and remains 
insoluble in alkali. Mercury (1I) hydroxide does not exist; the 
addition of alkali to mercuric solutions gives a precipitate of 
the yellow form of HgO. The elements all form insoluble 
sulphides and these are well-known in qualitative analysis. 
ZnS is somewhat more soluble than CdS and HgS, and has 
to be precipitated in alkali rather than the acid conditions 
under which yellow CdS and black HgS precipitate. 

Most of the oxygen Group compounds of Zn, Cd, and Hg 
have the metal in tetrahedral coordination in the zinc blende 
structure (see Figure 5.1c) or in the related wurtzite struc- 
ture (Figure 5.4a). Both these are found for ZnS, with the 
wurtzite form the stable one at high temperatures. ZnO, 
ZnS, ZnTe, CdS, and CdSe all occur in both the wurtzite 
and the zinc blende forms. ZnSe, CdTe, HgO, HgSe and 
HgTe are found in the zinc blende form only. HgS occurs in 
two forms, one is zinc blende and the other is a distorted 
NaCl lattice. The only other example of six-coordination is 
CdO which forms a sodium chloride lattice. These structures 
again illustrate the strong tendency for these elements to 
form tetrahedral coordination. A growing range of sulphides 
and selenides of cadmium and zinc have been prepared which 
are polynuclear species containing segments of the tetra- 

hedral ZnS structure. A small unit is seen in the Cd,Se,, 
skeleton of [(RSe)5(CdX)4]?~. Figure 15.31 shows the struc- 
ture for X — SeR (note the SeR groups occupy both terminal 
and bridging positions). Other terminal groups, such as X — 


FIGURE 15.31 The structure of the Cd4Se,o skeleton of the Са, SeR)?5 
ton 


O Cd 
FIGURE 15.32 The С, 050 skeleton of [S4Cd, (SR) | ]* 


halogen, are found, SR may replace SeR, and Zn may 
replace Cd. The basic skeleton is the same structure as P4849 
(Figure 17.29b). 

In [S4Cd19(SR),6]*~, four of these units are fused tog- 
ether, see Figure 15.32. Here, four of the S atoms are bonded 
only to Cd, six edges are bridged by SR, and the remaining 
SR are terminal on Cd. Again, Zn and Se analogues are 
known. Even larger polytetrahedral clusters are known, and 
the ultimate product of successive fusion is the sulphide. Such 
compounds may reflect the coordination of Cd in 
biomolecules. 

This formation of four and six-coordinated species is also 
found in the complexes of these elements. Zinc occurs largely 
in four-coordination in complexes like Zn(CN)i or 
Zn(NH;);Cl, and is also found in rather unstable six- 
coordination, as in the hexahydrate and the hexammine, 
Zn(NH;)é*. Cadmium forms similar four-coordinated 
complexes but is rather more stable than zinc in six-co- 
ordination, due to the larger size. Mercury is commonly 
found in four-coordination, though a few octahedral com- 
plexes such as Hg(en)2* are also found. 

All three elements are also found in linear two-coordina- 
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tion especially in their organo-metallic compounds, and in 
the halides and similar compounds. The organic compounds 
RM (M = Zn, Cd or Hg) are well-known and mercury also 
forms RHgX compounds with halides. The so-called RZnX 
and RCdX species are, like the Grignard reagents, RMgX, 
more complex and their structures are not fully understood. 
They are polymeric with some evidence for MX; and MR; 
groups and are usually coordinated by the ether used in their 


preparation. 


PROBLEMS 


15.1 Carry out, for the transition elements of the second and 
third series, the exercises given in questions 14.1 and 14.2. 


15.2 For cach element of the second transition series in turn, 
compare and contrast the chemistry with that of the other 
two elements in the same Group. 


15.3 Discuss the lanthanide contraction and its effect on 


15.4 Continue general surveys along the lines suggested for 
Chapter 14 Problems, e.g. question 14.5. 


16 Transition Metals: 


Selected Topics 


The preceding three chapters have covered the basic 
themes of transition metal chemistry. In this chapter 
we select a few topics—each where work is proceeding 
actively —to give a further indication of the transition 
chemist’s current interest. This selection is necessarily 
arbitrary and many areas of interest have been omitted. 
The treatment of each is limited to an introductory 
review. 
Readers may wish to omit this chapter at first reading. 


16.1 ‘Warm’ superconductors 
Superconductivity was first discovered in pure metals in 1911. 
When a metal such as Hg or Pb was cooled nearly to absolute 
zero, it was found to offer no resistance to electric current. 
This happens at a critical temperature, T,, and work for the next 
50 years led to a slow rise in the highest critical temperature 
found, up to around 20 K for alloys. By 1973, the T, of Nb4Ge 
at 23-7 K was the best that had been achieved, and similar but 
cheaper niobium-tin alloys, 7, about 22 К, were being used 
in magnet windings. The great advantage of superconductors 
is that, once a current has been created in a coil, it continues 
with no loss. Thus the first major application was in 
producing high-field electromagnets, used in nmr, in particle 
accelerators, and similar devices. Unfortunately, the low 
temperatures needed to achieve criticality needed expensive 
liquid helium as a coolant. Large-scale commercial appli- 
cations, such as power transmission, were out of the question. 
Work in raising 7, had thus stalled, with no significant rise 
for years despite the study of a wide range of metals and alloys 
(but also including mixed oxide phases), until Bednorz and 
Mueller, working in Switzerland in 1986, announced a mixed 
metal oxide, Las- ,Ba,CusOs(4..,, with a T, of 35K. The 
species was a member of the perovskites, and turned attention 
away from metals and alloys in the quest for superconductors. 
The discovery created enormous interest, and reports of new 
records in 7, poured out from the USA, Japan, China, and all 
round the world. Extra sessions on superconductivity were 
slipped into conferences, and short-notice seminars were filled 


to overflowing and continued into the night. The huge 
interest cumulated in the award of the 1987 Nobel Prize in 
Physics to Bednorz and Mueller— the most rapid award ever. 

Of course, in all the excitement and pressure, confusions 
arose. The preparation of the materials demands a specific 
regime to control the oxygen content, and lots of private 
‘recipes’ flew about. Many samples were mixtures where only 
one phase was superconducting. In such systems, the re- 
sistance drops over a temperature range before true super- 
conductivity sets in, and many of these high temperatures 
appeared as new ‘records’ in the popular press. 

Judged by two reasonably strict criteria that the re- 
sistance should drop to zero sharply over a range of only a 
degree or so, and that the sample should show the Meissner 
effect in which it expels magnetic field lines(most spec- 
tacularly, a small sample floats in a magnetic field) — there 
are two well-established classes of superconductors. One is 
based оп the original species, reformulated as 
Laz- ,Ba,CuO,.,, where x is 0-15 to 0-2, and y is undefined 
but small. These are cases of the established La;CuO, layer 
perovskite with the K;NiF, structure where up to 10% of the 
La?* is replaced by Ba?*, and there is a small oxygen 
deficiency. Of course, the changes were immediately rung on 
the constituents, especially replacing Ba by Ca or Sr, or 
substituting lanthanides, and T, was raised to around 50K 
very quickly. 

The second system was first announced by Wu, Chu, and 
colleagues early in 1987, and is of general formula 
YBa,Cu30,_,, called the 1-2-3 type from the numbers ОЁ 
metal atoms. This compound also has a perovskite structure. 
It is superconducting when x is around 0: l, but semiconduct- 
ing when x os 0:5 or more, and the value of 7, is 93 K. Again, 
analogues have included substitution of Y by Ho, the 
lanthanide with the same radius but paramagnetic. Despite 
theories to the contrary, the presence of paramagnetic ions 
did not destroy the superconductivity and the holmium 
species has 7, of 91 K. Sm, Eu, Nd, Dy, and Yb have also been 


substituted so the M?* radius is not critical. Values of Te 


around 90K are well-established for this series, and the 
Meissner effect is exhibited. The great advantage is that 7, is 
above the temperature of liquid nitrogen which boils at 77 K. 
Thus superconductivity is accessible much more cheaply and 
widely. Stop press news early in 1988 was the discovery of two 
new systems, based on Bi or Tl in the place of the lanthanide 
elements, which bring T, up to around 120 К. The structure 
is a perovskite, related to those of Figure 16.1, but with 
Cu — O and ВІО or TIO layers as the major feature. Adding 
more layers could take 7, above 150K. These new super- 
conducting compounds are much less brittle, which should 
make fabrication easier. 

Fhe 90 К superconductors are perovskite phases which are 
brittle solids. Most have been made only as powders, and 
much effort is going into the problems of finding forms which 
can be fabricated on a large scale. Because the rewards are 
large, the problems are likely to be solved faster than the 
pessimists’ estimate of twenty years. 

Out of all the syntheses, the main route has been to grind 
together the metal oxides or carbonates in stoichiometric 
amounts and then heat in air, cool, regrind, heat in oxygen, 
anneal in oxygen and finally cool. In a modification which 
allows easier control of composition, the carbonates or citrates 
are precipitated from a stoichiometric mixture of soluble salts 
such as the nitrates. One preparation then continues: ‘dry at 
140 °С overnight, heat in air at 950°C for 24h, cool in air, 
grind and form into pellets and reheat in a flow of oxygen at 
950°C for 16h, cool in oxygen to 200°C over І h and finally 
cool in air' These details show how critical the oxygen 
content is. 

The key to the superconducting properties is thought to lie 
in the copper chemistry, and to understand this we have to 
look at the structures in more detail. If we start with the 
perovskite structure of Figure 5.4c, we need to insert a 
number of different metal atoms in the twelve-coordinate site. 
Thus the unit cell will be stretched from the cubic one of the 
simple perovskite along one axis to accommodate several units 
with different metal atoms. By crystallographic convention, 
this long axis is the c axis, parallel to the Z coordinate, so we 
turn the Figure 5.4c structure through 90* and extend it by a 
number of units. 

The formula La;CuO,, on which the first class of super- 
conductors is based, is created by adding an extra layer of O 
atoms to the perovskite formula, CaTiO; (recall that the 
atoms on the edges of the unit cell are shared between four 
cells, so each adds 1/4 to the contents of the cell). Some 10%, of 
the La ions are replaced with Ba ions, and to compensate for 
this loss of charge, a corresponding number of Cu atoms 
change from Cu(II) to Cu(III). It is thought that the 
superconductivity is due to electron transfer between the two 
copper states, mediated by the oxygens, perhaps also involv- 
ing copper(I), and assisted by the small oxygen deficiency. 
From general copper chemistry, we recall that Cu(II) has a 
tetragonally-distorted coordination sphere. 

For the 1-2-3 structure, we need a tripled perovskite 
structure. To arrive at a formula YBa;Cu4O; we insert 
a Y?* ion in the centre cell, with Ba?" ions in the 
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FIGURE 16.1 Barium-yttrium-copper-oxide perovskite phases: (a) the struc- 
ture of the superconductor YBa,Cu3O7-x, (b) the structure of the 
semiconductor phase YBa;Cu3;0¢ 


two outer cells, and also remove the oxygen atoms in 
the plane of the yttrium (which reduces the composition 
to YBa,Cu3;Og from the (ABO3), formula of the tripled 
perovskite). If we further remove two of the four oxygens 
in the top and bottom faces of the unit cell, we arrive 
at the stoichiometry YBa;Cu4O; which is that shown in 
Figure 16.1(a). The final superconductor stoichiometry 
YBa;Cu4O;., results from removing between 10% and 
50%, of the remaining oxygens in the end faces, with 50% 
at the limit of the superconducting composition range. 
Ifwe remove all the oxygens in these two faces, the structure of 
Figure 16.1 bresults, for formula YBazCu306, and this phase is 
only a semiconductor. 

In the structure оҒҮВа СиО _,, there are two different 
copper positions. In those copper layers which lie between the 
Ba and the Y, the removal of the oxygens from the Y layer 
leaves the Cu 5-coordinated in a square pyramid. (Remem- 
ber that the Ti atoms, which are at this position in the basic 
perovskite structure, are octahedrally coordinated to O). The 
second copper site is in the end layers (i.e. between two layers 
of Ba in successive unit cells) and these Cu atoms are in square 
planar 4-coordination in YBa,Cu3O,, linear 2-coordination 


274 TRANSITION METALS: SELECTED TOPICS 


in YBa;Cu4Og, and somewhere between these two in 
YBa;Cu4O,. ,. 

From the stoichiometry, as neither Ba nor Y are like to 
have variable charges, seven charges are shared among 
three Cu atoms in YBa;Cu4O;. The square planar 
positions are allocated to Cu(II), resonable for 
the d? configuration, while the Cu(II) are allocated to 
the square pyramidal positions, again reasonable in view 
of the usual distortions found for Cu(II). As x increases and 
O is removed, some of the square planar Cu(II) sites are 
converted into trigonal, and eventually linear Cu(I) con- 
figurations (completely at the YBa CuO% stoichiometry). 
Again, the superconductivity is thought to result from the 
ready transfer of electrons between the different copper 
oxidation states, mediated by the oxygens. 

Since the current theory of superconductivity in the 
classical metal and alloy case involves electrons moving as 
pairs, the coexistence of Cu(I) and Cu(II) is thought to be 
important. However, there are many current suggestions and 
no generally accepted theory for the high-temperature super- 
conductors at present. 

These observations suggest that this type of superconduct- 
ivity is particularly associated with copper. The combination 
of three accessible oxidation states, with different preferred 
coordination in each, and perhaps the tetragonal distortion 
associated with Cu(II) are important. If the rest of the 
transition elements are reviewed, this combination is unique. 
For example, while d^ configurations are also distorted, choices 
such as Mn(III) or Cr(II) may be less good because the 
neighbouring oxidation states vary substantially in stability 
and do not show the same variation in preferred coordination. 
On the other hand, variations in the М2* and M?* species 
have minor effects, presumably as long as they are reasonably 
big. No doubt many other changes will be tried, S for O, 
doping of some M(I) sites with Ag or M(III) sites with Au. 


16.2 Carbonyl compounds of the transition elements 

A brief indication of the carbonyls of the individual elements 
is given in Chapters 14 and 15 in the discussions of the low 
oxidation states. 


16.2.1 Formulae 

Over a century ago, Mond found that nickel reacted with 
carbon monoxide to form an unusual volatile compound, 
Ni(CO),, which we call nickel carbonyl. Ni(CO), is readily 
decomposed to Ni--4CO by gentle heating. The for- 
mation and decomposition of Ni(CO), became the Mond 
process for nickel refining which was used for many years 
(compare section 14.8). 

It has since been found that most transition. metals 
form one or more carbonyl compounds. Although a num- 
ber of specific syntheses are available, the preparation 
from metal or readily reducible compound and CO applies 
generally 


М +пСО > = M(CO),........ (16.1) 


though usually requiring raised temperatures and pressures. 


Table 16.1 lists the simpler carbonyls formed by each element. 
A very large number of more compliated species are 
reported, particularly for Re, Ru, Os, Co, Rh, and Pt. The 
first M — CO compound to be reported was the mixed ligand 
Pt(CO),Cl,. 

The carbonyls, on the basis of equation (16.1), are best 
regarded as forming from neutral CO and the metal in an 
oxidation state of zero. A convenient guide to the formulae 
is provided by the 18-electron rule. Each CO provides 2 
electrons and these, with the metal valence shell electrons, 
add up to the rare gas configuration of eighteen electrons in 
nearly every case. Thus nickel(0) has 10 valency electrons 
[4%2] and the 8 from the four CO groups give the rare 
gas configuration. Similarly, iron with 8 clectrons and 
chromium with 6 require respectively 5 and 6 CO groups to 
make up the 18. For manganese, with 7 electrons of the 
d? configuration, we see that Mn(CO), would have only 
17 electrons while Mn(CO)g would have 19 electrons. In 
this case we find that two Mn(CO); units join together 
forming a Mn—Mn bond and the two shared clectrons 
of the bond count for each Mn. Thus there are 10 CO 
electrons, 7 Mn electrons plus 1 shared from the second Mn 
making 18. Similarly cobalt forms Co,(CO), where the 
count at each Co atom is 8 from 4 CO groups, 9 valency 
electrons and one from the Co — Co bond. The only excep- 
tion to the 18-electron rule is provided by vanadium which 
forms the V(CO); monomer with only 17 electrons. 
Possibly this is due to the steric problems of 7-coordination 
in a dimer. 

The carbonyls are readily reduced, by such reagents as 
sodium amalgam or hydrides, to form anions. These all 
obey the 18-electron rule and we find species such as 
Со(СО) or Fe(CO)?". Vanadium carbonyl very readily 
forms V(CO)g where the extra electron completes the 
eighteen. Addition of acid to the anions forms the carbonyl 
hydrides, such as HMn(CO), or H;Fe(CO),. These also all 
obey the 18-electron rule. The M — H bond is relatively weak 
and the simple hydrides readily lose H forming the parent 
carbonyl. 

Cationic species are rarer, but those which are established 
also obey the 18-electron rule: one example is Mn(CO)g . 

As the known carbonyls, carbonyl ions, and also a range 
of other derivatives such as hydrides and halides, almost all 
follow the 18-electron rule, we can turn the argument round 
and use the 18-electron rule as a guide to suggest the for- 
mulation of more complex species. Thus, iron forms two 
more carbonyls in addition to Fe(CO),. In Fe;(CO),, there 
are 18 electrons from the CO groups, 16 from the two Fe 
atoms, and so we need опе Fe— Fe bond to complete 18 
electrons at cach iron. Similarly, Fe,(CO),, with 24 co 
electrons and 24 Fe electrons needs 3 Fe—Fe bonds (i.e. 2 
per Fe atom) to complete 18 electrons per iron. 


16.2.2 Bonding 

Since the metal is zero-valent, and the CO group is a very 
poor lone pair donor, it is clear that a simple electrostatic 
approach cannot account for the carbonyls. We find that 


TABLE 16.1 Properties of the simpler carbonyls 


У(СО), Cr(CO); Mn,(CO) io 
dark green colourless yellow 
d. 70° d. 130°, s m 154°, 5 
octahedron octahedron Fig. 16.3a 
paramagnetic 
Мо(СО), Тс, (СО) о 
colourless colourless 
d. 180°, s m 160°,s 
octahedron as Fig. 16.3a 
W(CO)s Re;(CO)io 
colourless colourless 
d. 1807, s m 177,s 
octahedron as Fig. 16.3a 
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Fe(CO), (CO) Ni(CO), 
yellow orange colourless 
m — 20°, b 103° m5l/,s m — 19-3°, b 42° 
trigonal Fig. 16.3b, c tetrahedron 
bipyramid 

Fe;(CO), Со, (СО), 

orange black 

d. 100° d. 60° 

Fig. 16.3d 

Fe;(CO);2 

green 

а. 140°, 5 ` 

Fig. 16.4а 

Ru(CO); 

colourless Rh4,(CO);; 

m — 16° red 

trig. bipyramid d. 150° 

Ru3(CO) 12 

orange 

m. 150° 

Fig. 16.4b 

Os(CO)s (СО); Pt(CO), 
colourless yellow transient 
m 2° d. 210° existence 
trig. bipyramid tetrahedron of 

О» (СО), Ir(CO), units 

yellow 

m 224 

Fig. 16.4b 


the carbonyls are readily accommodated by the molecular 
orbital approach with bonding between metal and ligand, 
as in case (a) of section 13.12, where the ligand has empty 
orbitals of л symmetry which accept electron density from 


the metal. 
The basic M—CO bond is illustrated schematically in 


FIGURE 16.2 The sigma and pi-bonds between a 

metal and CO 

(a) the sigma bond formed when the lone 

pair on the CO donates into a suitable metal 

orbital; (b) the pi-bond formed when elec- 

trons from a filled metal orbital donate back (b) 
into the empty z* antibonding orbital on the 

CO. Cross-hatching indicates the orbitals 

which originally held the donated electrons. 


Figure 16.2. The CO molecule has three occupied c orbitals 
(see Table 3.4 and Figure 3.24b) of which 6, is strongly 
bonding between C and О. c; and оз are weakly bonding or 
non-bonding between C and O, and are directed outwards 
on О and C respectively. Thus оз is suitable for donation to 
the metal as in Figure 16.2a. As the M accepts electrons 
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from c interactions with a number of CO groups, the 
electron density on M builds up. However, the z* orbitals 
on CO are empty and suitably aligned to form л bonds as in 
Figure 16.2b. This removes electron density from the metal 
(making it a better acceptor) and increases electron density 
on the CO (making it a better donor) so that the с and л 
processes reinforce each other. The term synergic has been 
applied to describe this mutual reinforcement. Notice that 
this process weakens the CO z bonds, as it populates the 
CO z* orbital, but this is more than compensated by 
the enhanced M 
favourable. 

This CO weakening is reflected by a drop in the CO 
stretching frequency (compare section 7.7). As the CO fre- 
quencies are usually very strong bands in the infrared 
spectrum, this gives a conveniently-observed way of study- 
ing carbonyl bonding. In this way we find the infrared 
absorption due to the carbonyl stretching at 2037 ст! in 
Ni(CO),, distinctly less than the frequency of 2157 ст! in 
free CO. If we increase the negative charge on the metal, we 
expect more л donation from M to z* (as in Figure 16.2b), 
a weaker CO bond and a reduced carbonyl frequency. Thus 
for Co(CO); and Fe(CO)2- (which are isostructural with 
Ni(CO),) the frequencies drop to 1918 ст! and 1788 ст! 
respectively, reflecting the increased negative charge. 

The measurements of other parameters, such as M—C 
bond lengths, all support this picture. Therefore the bonding 
model (a) of section 13.12, as applied in Figure 16.2, is an 
adequate way of describing the metal carbonyls. More 
detailed treatments, taking account of all the CO groups 
and the symmetry of the complex and extending to other 
substituents, are very successful, but all are based on the 
core concepts described here, 

We note that the model helps to account for the distri- 
bution of the simple carbonyls: to the left of the d block the 
metals have insufficient electrons to form the z bonds while 


to the right the elements lack empty orbitals to accept the 
sigma electrons. 


C bonding so the overall process is 


16.2.3 Structures 

The simple carbonyls have the symmetric shapes expected 
(Table 16.1). In M;(CO),, (M = Mn, Tc, Re) the second 
metal atom completes the octahedron, Figure 16.3a. 

The other dimeric carbonyls of the first transition series, 
Со, (СО), and Fe;(CO),, introduce a new type of carbonyl 
bonding, the bridging carbonyl group. The structure of 
Co; (CO), in the solid state, is shown in Figure 16.3b. Each 
Co is bonded to three ordinary terminal CO groups and to 
the second Co by a Co — Co bond. The two remaining CO 
groups bond to both Co atoms, bridging the Co — Co bond. 
Although sometimes written in a keto form, 


M M 
PST 
C 
| 
о 
this bridging group has no ketonic properties. The bonding 


is best regarded as a three-centre overlap, similar to that of 
the B, faces in В;Н,, (Figure 9.12c). 

In terms of electron counting, the bridging group con- 
tributes one electron to each metal, so two groups bridging 
two metal atoms have the same effect as if each was terminal 
on one metal. Thus the 18-electron rule does no! allow us to 
distinguish bridging and non-bridging structures. This is 
well illustrated by the existence of the second isomer of 
cobalt carbonyl, Figure 16.3c, which is in equilibrium with 
the bridged form in solution. 

Fe;(CO), has the structure shown in Figure 16.34, with 
three bridging CO groups placed symmetrically around the 
Fe — Fe bond. The Со, (СО) з form of 16.3b is similar to this 
with one bridging CO removed. For Ее,(СО),, the electron 
count is 8 valency electrons plus 6 from three terminal CO 
groups plus 3 from three bridging CO groups plus 1 from 
the Fe — Fe bond making 18 at each iron atom. 


x y 
PERS A ct KZ —о 
CABE AN 

elit 


о 
с 


©, 
c? 
oo 


FIGURE 16.3. Binuclear carbonyls 


(a) Мп, (СО) ‚о, (b) Со, (СО), in solid, (с) Со, (СО), in solution, 
(d) Ее, (CO). H ot ea i 


РА 
CO „Fe — 6100), 
YF кож —— 0400), 
со 
(а) (b) 
FIGURE 16.4 Structures of (a) Fe(CO)43, (b) Оз,(СО),; 


l'he presence of bridging carbonyls is clear from the infra- 
red spectrum where the stretching frequencies of bridging 
groups are found at lower energies. Thus the terminal CO 
groups of Co,(CO)g give vibrations between 2028 and 
2104 стг! while the bridging modes are at 1898 and 
1867 ст^!. 

The structures of the more complex carbonyls are built up 
in similar ways. For example, the M3(CO),, species of the 
iron group have the structures of Figure 16.4. Fe3(CO),; 
involves bridging carbonyls and can be envisaged as 
Fe,(CO)s with one bridging CO replaced by a Fe(CO), 
group. The Fe, skeleton is an isosceles triangle with the 
three Fe—Fe bonds indicated by the 18-electron rule. 
Ru4(CO);; and Os,(CO);; form equilateral triangles with 
no bridging carbonyls. A similar pattern is seen for the 
M,(CO),2 species of the cobalt group, where the metal 
atoms form a tetrahedral cluster. For M = Co and Rh, the 
base triangle face consists of terminal (CO);M units with 
a bridging CO along each edge and the apex is occupied by 
an M(CO), group. For M = Ir, the structure is symmetric 
with four Ir(CO), terminal units in a regular tetrahedron. It 
is found generally that bridging CO groups are commoner 
for the lighter elements. 

Hydrides with more complex structures are well known. 
Figure 16.5 shows some of the simpler examples. The edge- 
bridging hydrogens (as in Figure 16.5c) are analogous to the 
В-Н – В bridges in the boron hydrides (Figure 9.10). In 
HFe3(CO)jj, the Н replaces one of the bridging CO groups 
of Figure 16.4a. 


16.2.4 Metal carbonyl clusters 

Recent years have seen a considerable number of more 
complex carbonyls. Examples include Mg(CO) 16, M = Co, 
Rh, which contain an octahedron of metal atoms, 
Rh,>(CO)35 with two such octahedra joined by a Rh — Rh 
bond, and №,(СО)25 with a trigonal bipyramid of nickel 
atoms. A very large range of compounds containing between 
four and ten metal atoms is known, with a variety of shape. 
Thus, among M, species are bicapped tetrahedra, octahedra, 
trigonal prisms and antiprisms, and more open structures 
such as six triangles sharing edges. The eighteen electron rule 
no longer holds and the structures adopted depend on the 
total electron pair count in the compound, with the larger 
number of electrons giving the more open structures. See the 
reviews listed for detail of the very elegant models which have 


been proposed. 
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FIGURE 16.5 Some carbonyl hydride species 
(a) HGr(CO) го, (b) HW;(COi , (c) Н,Мп, (СО), 2. 


In these larger clusters, hydrogen is found in three- 
coordinate positions where it bridges a triangular face, in 
addition to the terminal and edge-bridging positions of 
simpler species. There are even a limited number of examples, 
such as [HRug(CO),5]^ where the H atom is held interstiti- 
ally. Almost all such cases have octahedral H, in contrast to 
the binary metal hydrides where the H is commonly tetra- 
hedral (compare section 9.4). 

As well as interstitial H, other elements arc also found in 
encapsulated sites including C, Si, N, P, As, and Sb. The most 
extensive set are the carbides. For example, in Rug(CO),;C, 
or [Fes (CO), 6С]? , the carbons lie at the centres of metal 
octahedra while in Fe,(CO), 5C, the carbon lies in the base of 
a square pyramid of Fe atoms. In these environments, the 
carbon atoms are in situations similar to those which they 
occupy in the binary carbides such as TiC (see Table 17.9). 

When we come to larger clusters, with upwards of 12 metal 
atoms, a new structural feature emerges. The metal skeleton 
tends to adopt a close-packed arrangement, or one 
that is close to this. One very interesting example, of high 
symmetry, is found in the ion [HjRh,3(CO) 4]?~. Here 
the 13 Rh atoms form a small section of approximately close- 
packed structure: the central Rh is surrounded by six others in 
the central plane with triangles of3 Rh above and 3 Rh below 
(compare section 5.6). Each Rh has one terminal CO and the 
remaining CO groups bridge half the polyhedron edges. 

A more complex structure is shown by the ion 
Rh,,(CO)$>. This contains four layers of metal atoms again 
in approximately close packed positions, containing respec- 
tively 3,6, 7 and 6 atoms. In one of the largest metal clusters 
measured to date, we see an even more extended structure 
containing layers of 7, 12, 12 and 7 platinum atoms in a close 
packed array in the ion Pt35(CO)2;.. In species as large as 
this, the light atom carbonyl groups cannot be detected with 
certainty in the presence of the large number of heavy atoms. 
A cluster like this is part way between the simple metal 
carbonyls and a metal which has carbon monoxide absorbed 
on it. Such large clusters are interesting because they give 
insight into the way metal surfaces act as catalysts. 

It is beyond our scope to pursue this topic further, as it is a 
rapidly-expanding field (a recent review lists over 50 car- 
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bonyl clusters containing six or more metal atoms). Such 
species, often containing H or other groups as well as CO on 
the surface of a metal cluster, may well be realistic models for 
surface catalysis on metals. The carbonyls themselves find 
uses as catalysts; compare for example section 14.7. 


16.2.5. Related species 

To return to the simple carbonyls, we note two other closely 
related types of compound. First the nitrosyls, where the 
NO group behaves similarly to CO but acts as a 3-electron 
donor. Thus Cr(NO), is an 18-electron species and we 
can construct the isoelectronic series from this through 
Mn(CO),(NO), Fe(CO);(NO), and Co(CO),(NO) to 
Ni(CO),, all of which have now been reported. 

Another ligand closely related to CO is PF}. Unlike 
organic phosphines, such as P(CH;),, PF, is a poor т 
donor, as the electron density of the phosphorus lone pair is 
attracted by the electronegative fluorines. However, this 
same attraction makes the P a good л acceptor, using its 
empty 3d orbitals. As a result of these effects, PF; turns out 
to be a ligand very similar to CO, and PF, can replace 
terminal CO in most formulae, so we find Ni(PF3),, 
Fe(PF3), or Cr(PF) for example. The properties of such 
species are very similar to those of the carbonyl analogues. 

There is also a huge range of mixed-ligand compounds 
containing the carbonyl group. For example, we find the 
reaction 


(CH5),5nW(CO); --NO* = (CH;),;SnW(CO),NO 


or the reaction. of [(CsH;)Fe(CO) (PR3)I] to form other 
[(С;Н,)Ее(СО) (PR3)X] species with halogens. 


16.3 Metal-organic compounds 

Many of the early attempts to make metal-organic com- 
pounds were unsuccessful, and molecules which were 
isolated, such as CH;CH;Mn(CO),, decomposed easily (in 
this case, at —30°C). The discovery in 1951 of the very 
stable organometallic compound, ferrocene (CsHs) Fe, was 
thus of considerable moment. This was quickly found to have 
an unusual structure and the interest created led to a very 
rapid expansion of the organometallic field. The two chemists 
most involved in the organometallic revival, Fischer and 
Wilkinson, were jointly awarded the 1973 Nobel prize for this 
work. 


16.3.1 Metal-carbon sigma bonding 
The simplest system to consider is that of a metal bonded to a 
methyl group. Here, the only bonding interaction of any 
significance is a sigma bond using appropriate orbitals on M 
and CH}. Such bonds are very similar to the transition metal, 
М —H, bond and also to the relatively stable bonds to main 
group metals as in Sn(CH;),. On the whole, sigma bonded 
metal-organics are unstable. A number of simple compounds 
exist, notably Ti(CH;),, Nb(CH;), and W(CH,), with a few 
related species, which are well-characterized but which 
decompose at or below normal temperatures, often violently. 
In the presence. of other ligands, stability increases. Thus 


Ti(CH;), starts to decompose above — 78^ C but (СНз), ТІСІ, 
can be prepared at —20°C and diamine complexes are stable 
at 0°C. The higher alkyls are generally less stable, but 
aromatic derivatives are more stable, than the methyls, 

It is instructive to examine the factors affecting the metal- 
carbon bond stability. A number are of importance: 
(1) the metal-carbon bond is probably relatively weak 
There is little quantitative data but we note the thermal 
instability and the fairly low force constants for the metal- 
carbon stretching vibration. 
(2) organic products of M- C cleavage are highly reactive 
Whether M — CH, cleaves to give methyl radicals or organic 
ions, these will react rapidly with the solvent or with each 
other. Contrast this with the cleavage of most metal-ligand 
bonds, eg. M—OH, or M—Cl, which give unreactive 
species such as H5O or СІ”. 
(3) bonds formed by the organic cleavage products are relatively strong 
We expect to find bonds such as C—C, C—O, C-N, 
C — halogen, depending on the system. 

Thus we expect that, in a model reaction such as 


2M - CH, = H;C—CH;+M products. . . (16.2) 


the forward reaction will be exothermic and thermodynami- 
cally preferred. Further, any equilibrium involving the first 
cleavage step, e.g. 


M-CH; = M-+-CH,.... 


will be driven to the right as the «CH, will rapidly be 
removed by further reaction. 

However, even if compounds are thermodynamically un- 
stable with respect to their decomposition products, their 
lifetime depends on the rate of the reaction — i.e. on their kinetic 
stability. Lifetimes range from the extremely short to the 
indefinitely long. The main factor affecting kinetic stability is 
thesize ofthe energy input the activationenergy— required to 
get the molecule into astate where reactions such as 16:2 or 16:3 
occur. Such an input may involve bond weakening or break- 
ing, formation of an intermediate, population of antibonding 
orbitals and so forth. If the required activation cnergy is large, 
the compound may be stable indefinitely, even if the overall 
decomposition reaction has a strongly favourable free energy 
change. Similar comments apply to stability to other re- 
actions such as oxidation or hydrolysis. 

With these comments in mind we can list some factors 
which will generally be expected to lead to relatively stable 
metal-carbon sigma bonds. 

(1) If we make the reasonable assumption that population 
of the antibonding orbitals leads to bond breaking, any factor 
that increases the energy gap between the highest filled 
orbitals and the antibonding ones, will improve stability. 
Such factors are: 

а) ad? configuration no electrons in the relatively high non- 
bonding orbitals such as ta, in an octahedral complex 

(b) in any other configuration, all factors increasing the 
ligand field AE (compare sections 13.3 to 13.5, and 13.12 


2) All factors which decrease the kinetic contribution such 
as: 


‚. (16.3) 


(a) steric hindrance from large ligands in higher coordination 
numbers. 

(b) substitution-inert configurations such as df octahedral 
(see p. 193). 

(c) absence of low-energy pathways such as f-elimination (in 
the interaction with fi-hydrogen below). 

(3) Factors which directly increase the metal-carbon bond 
strength. These include z contributions to the M — C bond as 
discussed below. 

Of course, such contributions to stability do not necessarily 
have only one effect. Thus, z bonding ligands L in 
L,M ~ (СН), will increase AE (see 1b) but will probably 
increase the metal-carbon bond energy as well. This energy, 
in turn, affects the stability through both its thermodynamic 
eflect (decreasing the free energy change for the forward 
reaction of equation 16.1), and through its kinetic effect 
increasing the activation energy input for М-С bond 
cleavages as in equation 16.2). 

lable 16.2 lists some examples of metal-carbon sigma bonds, 
and it will be seen that the factors outlined above apply in 
most cases. Note that there are many further examples with 
1t-bonding ligands such as C5H5, CO, phosphines etc. 

lhe stability order СН» > CH; > C,H; is accounted for 

by two features: 
(a) aromatic ligands (and unsaturated ones generally) allow 
{or additional M —R л interactions between metal d orbitals 
and ligand z* ones. Note, for example, that a metal-acetylide, 
M —CzCH, is isoelectronic with the carbonyls, M-CzO, 
discussed in the last section. 

Further, since the charge distribution is usually 
M?* — C?^, any organic ligand able to delocalize the nega- 
tive charge should help stability. This applies to aromatic 
ligands, halogen-substituted ones etc., culminating in the gen- 
erally high stability of M — CF; groups. 

(b) [tis commonly found that systems which do not contain H 
on the carbon В to the metal atom are distinctly the more stable. 
Thus, in equivalent species, M —CH;, M-CH; - C(R);, 
M-CH;-Ar, M-CH;-SiR, or M-CH;-NR, are 
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This provides an additional pathway for reaction (and the 
reverse reaction provides a synthesis). 


16.3.2 Metal-carbon multiple bonding 

An interesting development of the last decade has been 
the evidence that metal-carbon double and triple bonds 
may occur in the carbenes M = CR, and carbynes М = CR 
respectively. One of the first examples of a carbene was 
(CO);WC(R)OMe whose crystal structure shows the 
CR(OMe) group completing an octahedron at W with the 
structure 


R 
que. 
О (R = CH3, C; H5) 
M = Cr, C—Cr = 204 pm 
CH; W, C—W = 205 pm. 


The W—C bond length of 205 pm is greater than W—CO 
(190 pm). The bonding is formulated as (a) a W—C sigma 
bond plus (b) a л bond formed by a carbon p orbital over- 
lapping with, say, d,, оп W (2 is W СК, axis). As the d, 
overlap would be identical, there is cylindrical symmetry 
around the z axis and the CR, group is free to rotate. A range 
of metal-carbenes is now known. 

More recently a further family of compounds has been 
reported, the carbynes, with an M – СК unit. An example is 
(СО) МС(С,Н;). For this and related compounds, the 
structure is octahedral with the halogen trans to the CR and 
with the dimensions 


For К 2 CH; or СН; and X — Br or I 


more stable than M—CH,CH, or M—CH,—CHR, іп X(CO),M-CR Cr— С = 169 pm 
general. This effect arises because the metal may interact with М-С = 190 pm. 
TABLE 16.2 Some examples of metal-carbon sigma bonds 

(CHg)4Ti (СНз)5М (СНз) 6% RM(CO); 

CH;TiCl; М = №, Ta (CH3)gW?- М = Mn, Tc, Re 

diamine Ti(CH3)4 (CsHs)2VR (CsHs)M(CO)3R 

V(C6Hs)6 M = Cr, Mo, W 
RCr(H,0)3* 

(CsHs)M(CO),R RCo(CN)3 ~ (PR5);MR; (PR3)AuR 

M = Fe, Ru, Os RM(X) (CO) (PR3); (M = Ni, Pd, Pt) (PR3)AuR, 

(diphos)Ru(R) (Н) (M = Rh, Ir) [(CH4)4PtX ], 


Notes (а) R = alkyl or aryl: stability usually decreases 
R = aryl > CH, > C,Hs 
(b) Stability increases down Group e.g. M = Ni « Pd <Р: 
(c) Note the common configu 


irations are d? or d!? or the substitution-inert ones. 
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The M - C- R angle is near 180° for R = CH, but about 170° 
for R=C,Hs. 

The bonding is expressed as an overlap of p, and p, orbitals 
on C with metal d,, and d,, orbitals, in addition to the sigma 
component. Metal p, and p, may also contribute. 

Thus we have three classes of metal-carbon compound with 
the bonding along the M — C axis. These are analogues of 
C—C, C=C, and C=C bonding respectively although the 
М-С, M =C and M = C systems are much weaker. A further, 
very widespread, class involving metal-carbon л bonding is 
that with unsaturated organic ligands bonding ‘sideways-on’ 
to the metal, and this is discussed in section 16.4. 

Finally we note that a major reason for interest in metal- 
carbon bonded species is their importance as intermediates in 
many metal-catalysed organic reactions. Examples are the 
oxo-process (section 14.7) or the Wacker process (section 

15.9). 1 


16.4 1-bonded cyclopentadienyls and related species 

A further large class of pi-bonded transition metal complexes, 
which we can refer to only briefly here, is the group con- 
taining unsaturated organic molecules as ligands. The two 
classical examples are Zeise’s salt, K(PtCl4(C5H4)] . H20, and 
ferrocene, Fe(C5Hs) 5. 

In Zeise’s salt, the three Cl atoms and the mid-point of the 
C=C bond form a square plane around the Pt atom, and the 
ethylene molecule lies perpendicular to this plane (Figure 
16.6a). The bonding is illustrated in Figure 16.6b. As in the 
carbonyls, sigma donation is postulated from the ligand, this 
time from the filled C — C л orbital, and л donation from the 
metal into the ligand z* orbital. 

In the ferrocene molecule the metal atom is sandwiched 
between the organic parts, СН — Fe — С,Н,, and the planes 
of the organic rings are parallel (Figure 16.7a). A very similar 
situation is found for other aromatic systems, as in dibenzene 
chromium (Figure 16.7b). Aninteresting extension ofthisclass 
is the triple sandwich (Figure 16.7c). 

Cyclopentadiene compounds are formed by most transition 
metals. Most metals form dicyclopentadienides, (С;Н,),М 
and the related cations such as (С,Н,),Ее*, though some, 
such as (C.H); Ti ];, are less simple than was first thought. 
Molecules are found with one ring together with other 


CH, 
Cl 
CH è "i 
Pt 
Cl Cl 


a) 


FIGURE 16.6 Zeise's salt amon, PtCl,(C,H,)~ 


a) structure, (b) Pt-ethylene bonding. In (b), initially occupied 
orbitals are hatched 


CH (c) 


FIGURE. 16.7 The structure of metal sandwich compounds | 
(а) ferrocene, (C.H, ), Ве, (b) dibenzene chromium, С, Нь 2Cr, 
(c) tris(cyclopentadienyl)dinickel cation (C,H,)Ni(CsHs)Ni 
(С,Н,)*. 


ligands, such as C,H,Mo(CO ›С1. Dibenzene compounds 
аге less widespread. Other aromatic systems appear in 
similar compounds including the cation of cycloheptatriene 
C,H,)* and the dianion of cyclobutadiene (C,H, P S ABE 


latter system has long appeared as a hypothetical aromatic 
systern with no evidence of its actual occurrence. The parent 
hydride is still unknown, but the substituted molecule with 
four phenyl or methyl groups in place of the hydrogens has 
been attached to a nickel atom, as in the compound shown 
in Figure 16.8. The four-membered ring is planar and the 
aromatic electrons appear to be fully delocalized. 

Recently, planar 8-membered ring analogues of ferrocene 
have been established for scandium and some of the f 


elements. The type compound is U(CgHg), (called urano- 
cene), see Figure 16.9a, formed using cyclooctatetraene, 
COT., For most transition metals, COT acts as one or two 
dienes or as one or more ethylenes, as in the examples in 
Figure 16.9b and c. 


Fhe bonding in these aromatic sandwich compounds 
may be described briefly. The basic bond in ferrocene 
is a single bond of л symmetry between the iron atom 
and each ring. This bond is formed by overlap of the d,. 
and d,, orbitals on the iron (the z axis is the molecular axis, 
and these two d orbitals are of equal energy) with that 
aromatic orbital on each ring which has one node passing 
across the ring. These two metal d orbitals and the two ring 
orbitals combine to give two bonding л orbitals, of equal 

nergy, and two antibonding orbitals. Each of these orbitals 
is ‘three-centred’ on each ring and the iron atom. There are 
four electrons in ferrocene which fill the two bonding orbitals. 
In the corresponding cobalt and nickel compounds, the extra 
electrons enter the antibonding orbitals, making these com- 
pounds less stable and giving cobaltocene one unpaired 
electron and nickelocene two unpaired electrons (as there are 
two degenerate z* orbitals). One component of the л bond is 
shown in Figure 16.10. Other overlaps add smaller contri- 
butions to the bonding, but this is the main interaction. The 
basic feature is that there is a single metal-ring bond and the 


Q chlorine 
e nickel 


О methyl 

Q carbon 
FIGURE 16.8 Dii tetramethylcyclobutadienylnickeldichloride) ; 
(C,Me4NiCl;); 
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$04 
RÍ Rh 
I ead Г 


Ее(СО), 
(с) 


FIGURE 16.9 The coordination of cyclooctotetraene dianion 

(a) as a planar ring in uranocene U (CgHg) (i.c. octahapto), (b)asa 
delocalized diene (tetrahapto) in (CgHg)Fe(CO), and (c) as four 
ethylenes (dihapto) in the (СН) RhCI dimer. 


rings are aromatic, undergoing aromatic substitution and 
similar reactions. Analogous orbitals can be constructed for 
the species with other C,H, rings. 

Many compounds are known which contain both carbonyl 
and pi-bonded organic ligands. The wide variety of types is 
illustrated by the species t-C4HgM (CO), (M = V, Nb, Ta, 
x24; М = Mn, Te, Re, x 23; M = Co, Rh, Ir, “= 2). 
The dimers [x — C4H5M(CO),]; are found with M = Cr, 
Mo, W and x = 3 or with M = Fe, Ru, Os and x = 2, or with 
М = №, Pt and х = 1. 

Mixed metal species include 


п-С,Н,(СО),ЕеМо(СО)з(л-С;Н;) and 
n-CsH,(CO),;MoMn(CO)s, 


and other pi ligands include, in addition to cyclopentadienyl, 
С.Н, , the groups C4H4, CoH, or С-Н; or derivatives of these. 
Just as C5H5 may be regarded as contributing five electrons to 
the central atom, these latter groups contribute respectively 
four, six or seven electrons. Also well-known аге allyl deriva- 
tives like z-C4H4Mn(CO), where the СзН; group contributes 
three electrons and diene derivatives where the substituent 
contributes four electrons, as in л-С,Н.Ке(СО) Н. 

Boron hydride analogues of ferrocene exist. For example, 
the ByC,H?; ion, which presents an open face consisting of 
a pentagon of three boron and two carbon atoms, can replace 
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FIGURE 16.10 One component of the principal ring-metal-ring bond in 
Serrocene 

This figure shows the interaction between the ring orbitals and the 
dy: orbital of the iron (where the z axis is the ring-metal-ring axis). 
The ring-d,,-ring interaction is similar. 


the СУН; ions. Compounds (B;C;H,,)Fe(C,H4)" and 
(B4C;H,);Fe?" are formed which are ferrocene analogues, 
and these are oxidizable to Fe(III) compounds, such as 
(ВСН, Ее, which are analogues of the ferrocinium ion. 
This and many other carborane ions have been shown to 
replace the cyclopentadienyl ion in a variety of other com- 
pounds such as the cobalticinium ion and (CsHs) Mn(CO),. 


16.5 The organometallic chemistry of the lanthanides 
Anorganic chemistry of the lanthanides has developed steadily 
since the establishment in the 1950s of the cyclopentadienyl 
(CsHs)~ compounds formed by the reaction 


LnCl; + 3NaC,H, > Ln(C4H,), + 3NaCl. 


Such species are known for all lanthanides, though the route to 
Eu(CsHs)3 had to be indirect to avoid reduction to the 
europium (II) species Eu(C4H.) 5. The compounds are air and 
moisture sensitive and all except Sc(C4H.), readily form 
Ln(C;Hs) ,D species with a range of donor molecules including 
D = NH}, THF, or R,P. The properties are basically ionic. 
The commonest structures have the CH rings and are planar 
with the Ln?* ion lying above the centre with all five Ln С 
distances equal. Further weaker interactions occur leading to 
polymeric units. Thus in Ѕс(С;Н,) з, one ring bridges two Sc 
atoms (in the 1, 3 positions) giving a structure with long chains 
(-(C4H4),Sc-C,H,-Sc(C,H,);-C,H,-),. In a similar 
way, the related Nd(C,H4Me), is a tetramer in the solid. 
Closely related halides are also well-known, e.g. 


LnX, + 2NaC,H, —+Ln(C,H,),X 


or 
Гах; + Ln(CsHs)3 —> Ln(C4H,),X. 


The structures are dimers with halogen bridges 


X 


вы ue Га(С,Н;), 


X 


and similar bridges form to other 


cl р 
N 


elements as: 


(СН) 1.п Li 
CI D 
These halides may be converted to other organometallics such 
as [(С;Н;): Так |, where К = H or an organic group. These 
compounds are usually dimers with electron deficient bridges: 


VR. or м, 
о. DM p 


(compare 9.6 and figures 9.9, 9.13). If R isa bulky group such 
as C(CH3)4 or CH(SiMe;);, monomers are formed and these 
are also stabilized by donor molecules in (С.Н. LnR.D 
species. One interesting reaction is the abstraction of H from a 
C(CH;) substituent: 

3(CsHs)Ln[C(CH,) 3]. THF + LiCl 

+> [Li(THF),][ ( (CSH5);Ln]4(H)4CI] 


Ln 


where the anion has a core structure containing two types of 


bridging H 


Bulky groups allow the isolation of species with direct Ln 
C bonds of formulae LoR, or [LnR4] . The latter is 
stabilized by bulky cations such as [Li(THF),]~. Such 
compounds are found for ligands R = С,Н,Ме,, C(CH3)» 
CH, SiMe, etc. 

These organolanthanide compounds are broadly parallel 
to those formed by the s elements, but they do allow à unique 
opportunity to assess steric effects. The Ln?* ions are large 
and compounds are clearly most stable when the ligands are 
very bulky. As the size of Ln? * varies in small steps from La? * 
to Lu?, effects sensitive to size can be seen. Thus 
[Ln(C;H5Me;),] [Li(THF),] could be isolated only for 
Ln = Yb or Lu. Similarly, [Ln{C(CH,),}4](Li(THF)a] 


was formed for Ln 2 Sm, Er, Y, Yb, and La. 

Two interesting types of compound resulted when the 
ligands were made more bulky. First, the cyclooctatetraene 
(CgH2~ ) sandwich compounds first found for the actinides 
(see U(CgHg)2, Figure 16.9a) were paralleled in the 
species K (diglyme) * Ln(CgHg); . The crystal structure of the 
cerium compound shows Ce in the centre of a sandwich 
formed by parallel planar CgHg rings. Divalent lanthanide 
species M(CgHg) and M(CgHg)3~ are known for M = Yb, 
Eu and Sm. 

A second bulky ligand of interest is the С; Ме; ring. This is 
too bulky to allow formation of Ln(CsMe;); but it does 
stabilise Ln-R in (Cs;Mes)2LnR species. In addition, it has 
given the most manageable compounds known to date of 
divalent lanthanides as in 


SmI, THF + CMesK > [(CsMes) (THF) SmI] 
| CsMesK 
(C4Mes),Sm(THF); 
15: 


(С,Ме;):5т. 
(he iodide is again a dimer with bes bridges. 
5 


dr. 


In (C4Me;);Sm(THF);, the coordination around Sm is 
roughly tetrahedral. When the THF molecules are removed, 
the structure remains bent with the ring-Sm-ring 
angle = 140°, Similarly, in (CsMes)2Yb, the angle = 158°. 
(CH) Sm was prepared more recently. 

The first example of a benzene 1-complex, analogous to 
(СН) Cr (Figure 16.7b) is provided by MegCsSm(AICIA); 
which contains Sm above the centre of the hexamethyl- 
benzene ring, forming CI 


/N 


Sm Al 


m 


bridges. 


CI 


Organolanthanide chemistry thus presents interesting paral- 
lels with the chemistry of the ғ elements and B or Al species, a 
way of undertaking detailed study of steric effects, and a 
number of unusual species not found elsewhere in the Periodic 


Table. 


16.6 Multiple metal-metal bonds 
The discovery in 1964 of the ion Re;CH brought into the 
focus of chemists’ attention the existence of metal-metal 
bonds of high bond order. The Re;CH. ion has the eclipsed 
structure shown in Figure 16.11. There are two extraordinary 
features of this structure : the extremely short Re — Re distance 
of 224 pm (compare 274 pm in Re metal) and the eclipsed 
configuration which makes the Cl—Cl distance between 
opposite halves of the molecule markedly less than twice the 
Cl van der Waals’ radius (compare p. 29). 

It was soon demonstrated that a wide range of similar 
rhenium(III) species existed, of general type Ке,Хё ^ where 
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FIGURE 16.11 Structure of the Кез СІ ion 


X was a univalent anion, and with Re—Re distances in 
a very narrow range around 222 pm. Such species often 
occurred with further ligands, such as H5O, on the Re atoms 
in the axial position (rans to the Re— Re bond but this sub- 
stitution had only a minor effect on the Re — Re distance. A 
further series of compounds with very short M—M bond 
lengths were those with carboxylic acid groups bridging the 
two metals, of the type Re;(O;CR)2 *. Mixed species like 
Re;CL(O;CCH;); are also found. The dinuclear species 
bridged by four acetate groups, M,(O,CCHs3)q, was already 
well-known eg. for M=Cr (Figure 1416) or M= Cu 
(Figure 14.30). The molybdenum acetate, Mo,(O,CCH3)4 
has a short Mo — Mo distance of 211 pm, thus extending the 
class of multiple metal-metal bonds to Mo(II). The 
chromium compound has Cr — Cr of 238 pm (compare the 
metal, 258 pm) so it also belongs to this class. (Note that not 
all dimeric acetates show multiple bonds— the copper com- 
pound has a long Cu — Cu distance of 265 pm compared with 
256 pm in the metal). 

A further group of short metal-metal bonded species was 
found for neutral compounds M;X& where M = Mo(III) or 
W(III) and X = halide, NR;, OR- etc. Other formulae 
include the rather rare M —C sigma bond in W;(CH)$ 
bridging carbonate or sulphate analogous to the acetates 
eg. Re,(SO4), , and the cyclooctatetraene derivatives 
M,(CgHg)3 (М = Cr or W) with one bridging СН» group 
(Figure 16.12a). 

The first stable technetium species was Tc, (O,CCMes3)4Cl, 
(Figure 16.12b) which shows axial ligands and seems to 
require them for stability as Tc,Cl§~ is unstable. 


Bonding 

The unusual properties of Re;CR^ were explained by Cotton 
by postulating a quadruple Re—Re bond, Figure 16.13. If we 
consider the Re — Re axis as z, and x and y to lie along Ке CI 
directions, then the square planar ReCl, unit will be bonded 
using the Re s, px, py and da. ,: orbitals. The Re - Re sigma 
bond is then formed using the d,2 orbital, on each Re. (If we 
include p, contributions as well, a second orbital on each Re, 
pointing outwards along the z axis, is suitable for bonding the 
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FIGURE 16.12 Unusual metal-metal bonding 
(a) W3(CgHg);, (b) Te3(O,CCMe;),Cl,. 


J J 


xory xory 
Re Ке; (b) 


xy plane 


xy plane 


FIGURE 16.13 The quadruple bond in Ке,СЁ- 
(a) sigma component, (b) pi (one of the two components), (c) delta 
component. 


additional axial ligands.) The d,, and d,. orbitals on each Re 
may then overlap to give two Re— Re z bonds. This leaves 
the d,, orbital on each rhenium to form a ô bond (compare 
p. 43). 

Thus a bond of order 4 may be formulated with the occu- 
рапсу c?z*ó". We see that the ӧ component explains the 
eclipsed configuration (and indeed was proposed because of 
this configuration) whereas a pair of z bonds allows any 
configuration. The д component makes a relatively weak con- 
tribution to the total bond strength since the two nodal planes 


reduce the electron density (compare z bonds which are in 
turn weaker than sigma bonds—see Figure 3.13). 1: has been 
estimated that the 6 contribution is less than 15 % ef the total 


bond energy. Calculated stabilization energies in Мо,С 7 
were approximately — 7-3, —6-1 and —4-9 eV for o, mand д 
electrons respectively. 

If we take the Re(III),X2~ and the carboxylate species as 
bases, it will be clear that the corresponding Cr(1!;, Mo(II) 
or W(II) species M;X$- and M,(O,CR), are isoclectronic 
and will also be formulated with a quadruple bond. If we then 
move to Mo(III) or W(III), and at the same time take two 
X- ligands away, we leave enough electrons to form 527. 

Thus we obtain the well-represented M3X, class, As the 
triple bond does not impose barriers to rotation, these 
species are staggered in configuration like ethane. We can 
add a donor group (retaining the triple bond), as in 
Mo;(OR),.2NHMe;, and find that the MX conliguration 
is adopted with approximately planar M(OR),(NHMe3) 
units, but the two ends of the molecule are again staggered. 

A triple bond also results if 2 electrons are added to the 
quadruple bond since the lowest empty orbital is ó*. Thus we 
get the с?л*б26*? configuration for Re,Cl,(PEt,)4 (regard 
the 4P lone pairs as replacing 2СІ- lone pairs and 2C) - single 
electrons —hence the two additional electrons). 

Finally, if we remove one electron from the quadruple 
bond we get о2л201, corresponding to a bond order of 
3-5. Two pairs related in this way аге Mo;(SO,)j ^ with 
Mo,(SO,)3~ and the unstable Tc;CH with ТоС. In 
most cases, oxidation causes structure change as in the re- 
action of Re;X$- with halogens to form the face-sharing 
bis-octahedral structure of Re;X;. 

Quite often, reactions of these multiply-bonded species 
occur with little change to the М, unit. A striking case 
is the addition of axial donor groups: for example the 
Mo — Mo distance in Mo;[O;CCF,], is 208 pm and in 
(CsHsNMo),[O,CCF3], it is 213 pm. Some M;X, species 
undergo insertion reactions 


W;(NMej), +6С0, = W,[0,CNMe,|, 
Mo:(NMej),  4CO; = Mo;[ (NMej),(O CNMe;).]. 


The substituted species have very similar M — M bond lengths 
but the M coordination number increases. For example, 
W2(02CNMe,), has two bridging W —OC(NMe;) -OW 
units together, one bidentate and one monodentate ligand on 
each W, making W five-coordinate to oxygens. 

These metal-metal bonds of high order complete a natural 


TABLE 16.3 Species with multiple metal-metal bonds 
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—————— ees E 


Comments 


Oe 


М-М distance (рт) 

V3[CG; H4(OMe);], 220 

Cr; [O;CR], 185-254 
Cr; [CGSH,]s 

Cr; [C4Me, (CO)4]; 228 
MD 209-214 
Mo;[SO,] 216 
Mo;X, 220-224 
W;[Cl;Me,]*^ 226 
ША: Я 238 
W;X, 227-230 
Tc; [O;CCMe;],Cl, 219 
Toeg- 212 
ReXi- 220-224 
Re;[O;CR]i * 223 
Re;O$* 226 
Ru;(O;CR)4CI 228 
Rh;(O;CCHj), 239 


One example only 


Many examples: very 
variable bond length 


3 
4 Many examples including 
mixed species and extra D 
35 Compare 211 рт in Мо, [50, 
3 Many examples including extra D 
4 Also %/,М ^ 
+ 
3 Many examples including extra D 
4 Тс, > very unstable 
35 
4 Many examples including 
mixed species and extra D 
3 
3 in La,Re,0,0 
4 Chain structure linked through 
(3 unpaired anion CI ^ 
electrons) 
3? Compare 246-255 for Rh =Rh 


and 280+ 15 for Rh — Rh 


Notes 1. Where a range is given, this shows the commonest bond lengths. Unusual species greatly widen the range—eg. 218 pm іп Ке, Ме" and 226 pm 


in Re;Cl, (diphos);. 


2. X =halide, OR~, NR; and other monovalent monodentate anions. O;CR = carboxylic anion or other bridging bidentate species. D = neutral 


donor such as Н,О, RN, К,Р. 
3. Multiple bonds are found in rather different types of compound, 


(a) For Fein [((C,R4);Fe] (y — СО), and [( [(R4P) Fe]; (u — H), which have Fe — Fe = 218 pm and 234 pm respectively (bond order 3 postulated). 


(b) For Ir, in [(R4P)5 (H)Ir]; (u — H)3 a triple bond is also postulated. 


(c) Long triple bonds are found for Cr, Mo, W in species of the type (С,Н;),М, (СО). 


progression which starts from very weak interactions—e.g. 
Cr — Cr of 391 pm in Cr,Cl~ and the Cu; [O;CCH,], case 
mentioned above—through single bonds (compare Figures 
16.3, 16.4), and double bonds to these cases of order 3 to 4. 
Double bonds are fairly widespread and we quote just one type 


(CHAM = M(CSES) 


found for a number of metals M (e.g. Fe, Rh) and a range of 
bridging groups X and Y including CO, NO, NR; and 
organic groups. The steps in bond order are not nearly as 
sharp as they are in main group chemistry (e.g. between 
C—N, G=N, and Cz N) but the whole range of species 
represents a continuum of metal-metal interactions. 


16.7 Metal-dioxygen species 
Several areas of work have converged to create the current 
interest in species containing O, groups bonded to metals. 
Compounds resulting from the action of hydrogen peroxide 
have long been of interest, e.g. in analysis —see section 14.4 for 
the Ti, V and Cr species as examples. Secondly, the reversible 
uptake of oxygen gas by haemoglobin (see Figure 14.23) and 
other oxygen-carrying proteins has been shown to depend on 
dioxygen-metal coordination. Much work has gone into the 
study of such systems and into the syntheses of simpler model 
compounds which might aid understanding. A third area of 
interest lies in catalysis of oxidation by O3: here the basic 
species is again likely to be an О, — M unit formed on the 
metal surface in the case of a heterogeneous catalyst or formed 
by homogeneous catalysts such as metallo-enzymes. 

There has been considerable debate about the formulation 
of metal-dioxygen species. First we recognize that it may 
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TABLE 16.4 M—O and O—O bond lengths (pm) in peroxo MO, units 


Ti У Сг Мһ 
145-46 144-47 140-46 
185-89 187-88 181-92 
Zr Nb Mo 
ob. 148-51 138-55 obs. 
197-204 191-97 
Hf Ta 4 Re 
obs. obs. 150 obs. 
193 


Fe Co Ni 
142-45 obs. 
187-90 

Ru Rh Pd 

obs. 142-47 obs. 
202-03 

Os Ir Pt 

obs. 130-52 145-51 
200-07 201 


(а) Top value is range of O — О distances in the reported compounds and the lower value is the M—O range. 


(b) Obs. — peroxo species observed but no structural data. 


TABLE 16.5 Parameters in metal-dioxygen species 


Number of 


Average O — O Average О-О 
Bond Type Metal (a) distance (pm) frequency (cm 1) examples (b) 
End-on (1) Fe(III), Co(III), 125 1134 9 
Rh(III) 
Side-on (2) Table 16.4 145 881 (3d elements) 33 
872 (4d elements) 66 
850 (54 elements) 75 
Planar bridge (3a) Co(II) 131 1110 5 
Twisted bridge (3b) Mn(III), Fe(III), 144 807 7 
Co(1II), Rh(III), 
Mo(VI), Co(II)? 
Double bridge (4) V(IV) 149 1 


(a) Metal species forming this structure type. 
(b) Number of examples giving the stretching frequencies. 


(c) Stretching frequencies (cm~!) of O, = 1556 cm^!,O; = 1145 cm^!,O2- = 770cm-!, 


be difficult to distinguish, let us say, M(I) plus neutral О, 
from M(II) plus Oy (superoxide) from M(III) plus 03> 
(peroxide), since it may not be possible to determine the 
degree of electron transfer from M to the O; species. An 
example is given by the cobalt species on p. 232, where 
green [(NH4J&.Co -0 — O — Co(NH)5]5* was originally for- 
mulated as a superoxo species containing one Co(IV) atom. 
Secondly, the method of synthesis does not, as was thought, 
give any guidance. For example, direct addition of molecular 
O; is found (16.4) 


[IrCl(CO) (PR3)2] +O, > [(0;)IrCI(CO) (PR), 
A B 


(16.4) 


but A is iridium (I) and B is best formulated as a peroxo 
complex of iridium (III). Indeed, it has now been demon- 
strated that the same species results either by the action of O, 


or by the traditional reaction of hydrogen peroxide in a 
number of cases such as (16.5) 


[Co'(H,0),(diars),]°* 
+H,0, 


[(O,)Co" (diars),]* . . . . (16.5) 


(Co! (diars),]* +0, 


(diars = bidentate arsine 
ligand, see Appendix B). 


However, there is now sufficient evidence from molecular 
Structure determinations to show that M —O, units exist as 
опе or other of the forms (1) or (2). 


— —À 


— 


[0] о 
of 0—0 о м u b" 
| A, 25 LERA м 
M M M [0] о 
епа-оп side-on bridged double-bridged 
(1) (2) 3(a) and (b) (4) 


There are also two bridged forms: 3(a) where the 
M —O —O -M unit is all in one plane and 3(b) which is 
non-planar with a twist angle generally about 145° between 
the two MOO planes. A final, double-bridge species has 
recently been reported. 

The side-on form (2) is by far the commonest, and the 
structures of about fifty species have been determined. The 
two M —O distances are usually equal within experimental 
limits, and M—O increases with metal size while О-О 
distances are relatively constant. Table 16.4 lists the ranges 
found. The О — О distances fall in the range 130—155 pm and 
90 % are between 140 and 152 pm, while the overall average 
is 146 pm (compare 149 pm in О?” and 147 pm in H50,). 

The number of established end-on structures of type (1) is 
much smaller but these are characterized by much shorter 
O —O bond lengths (compare О; = 128 pm). This bond 
length evidence is supplemented by the O—O stretching 
frequencies, which have been assigned for a much larger 
number of complexes than have had crystal structures deter- 
mined. Furthermore, when the M — O — O — M bridged struc- 
tures are examined it is found that the values for the planar 
species (3a) fall into the same range as the end-on MO; 
species (1), while those for the non-planar species (3b) agree 
with the side-on MO, species (2). The values are summarized 
in Table 16.5. 

Thus, apart from the double-bridge example, there are 
only two basic types of metal-dioxygen species: 

(A) those with a shorter O—O distance and stretching 
frequency above 1075 cm ^ !. 

(B) those with a longer O—O distance and stretching 
frequency below 950 cm ^ !. Type A shows the end-on struc- 
ture or the planar bridge while type B shows the side-on 
structure or twisted bridge. While there are a few marginal 
cases, most known species fall firmly into one or other class. 

The species of type A are formulated as superoxo compounds, 
formally derived from the superoxide ion Оу. The species of 
type B are peroxo-, based on the peroxide ion O2". Bonding to 
the metal mainly involves the filled л* orbitals (compare 
section 3.4) of the dioxygen unit. These electrons are markedly 
stabilized by their delocalization into metal orbitals and the 
reduced z* density in the О, unit leads also to some stabil- 
ization of the O—O bond (seen especially in the slight 
shortening of the O—O bond and increase in stretching fre- 
quency for the peroxo-compounds). These descriptions for A 
and B are supported by a number of other physical properties 
and by theoretical analysis (compare references). 


Oxyhaemoglobin and related species —€— 
It has long been disputed whether the oxygen was carried in 
the respiratory proteins in an *end-on' or ‘side-on’ configur- 


TRANSITION METALS: SELECTED TOPICs 287 


ation. It is not proposed to survey this field here, but we note 
that the natural species, such as haemoglobin and myoglobin, 
are large molecules whose structure is not determined in the 
detail required to see the O, coordination. When simpler 
molecules (containing the basic porphyrin-Fe unit of Figure 
14.23) are used as models, the difficulty has been to obtain 
species which react reversibly with О, as do the natural pro- 
teins. One approach is to protect the oxygen site on the Fe by 
using the so-called ‘picket-fence’ porphyrins. In these, substi- 
tuents are placed on the C bridges between the C4N rings of 
the porphyrin, which lie above the FeN, ring, as indicated 
schematically in Figure 16.14. It was found that such mole- 
cules did oxygenate reversibly and that crystalline oxygen 
complexes could be isolated. Although the crystals were 
ус = 


marginal for X-ray work, an end-on Fe unit with 
an angle at O of about 130° was suggested. Later, and even 
more demanding, structural work showed an angle at O of 
156° in oxyhaemoglobin itself. The О-О stretching frequ- 
encies of the picket-fence model compounds were in the range 
1140-1165 cm ^ +, similar to those for myoglobin and cobalt 
analogue of haemoglobin. This shows that the end-on, 
superoxo, formation is the better way to describe all the 
oxygenated respiratory proteins. 


R R 


FIGURE 16.14 ‘Picket-fence’ porphyrin (diagrammatic) 

R = NHC(O)CMe;, B = base, e.g. THF (compare Figure 14.23). 
This discussion merely touches on one aspect of the com- 

plex and fascinating field of haemoglobin and its analogues 

and models (see references). 


16.8 Nitrogen fixation and compounds containing 

M-N, units 

Ammonia, required as a plant fertilizer, may be made from 
N, under high temperature and pressure in the Haber 
process, or at 15° C and 0-8 atmosphere pressure № in an 
aqueous medium by natural nitrogen-assimilating enzymes 
occurring in association with clovers and other legumes. The 
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demand for fertilizer, and the increasing cost of high energy 
pathways, has led to a major effort to understand, reproduce 
or model the natural N; fixation process. There is also con- 
siderable chemical interest in the activation of a molecule as 
stable and strongly-bonded as N;, and in comparisons between 
complexes of N; and the isoelectronic species, especially CO 
and C3~. 

There have been two major lines of attack on this problem, 
and they have not yet converged. 


16.8.1 Approaches to nitrogenases 

One has been to study the natural N,-fixing enzymes called 
nitrogenases, in particular to try to determine the chemistry of 
the active sites. There are two major proteins in nitrogenases: 
(a) the nitrogen-binding one (m.wt. about 230 000) contains 
2 Mo atoms, some 28 S atoms and 24—39 Fe atoms, and it is 
probable that the structural units are Fe,S4 or Fe;MoS, 
cubanes; (b) a protein containing Fe and not Mo which 
carries electrons and contains Fe4S, clusters. The contri- 
bution of inorganic chemistry to this side of the nitrogen- 
fixation problem has been the study of transition metal 
sulphur clusters to produce systems which might model the 
natural process. This chemistry is indicated for iron-sulphur 
species in section 14.6.3 and for Mo species in section 15.4. 
This work has led to many intriguing and interesting 
compounds, but not yet to a detailed scheme for nitrogen 
fixation. 

To give only one illustration of the experiments directed to 
mimicing the natural process we may note the following 
approach. Because of the similarity to ferredoxins (section 
14.6) and because no uptake of N, occurs in absence of 
molybdenum, a model System was studied consisting of 
[(cysteine-S)Fe],S, as the electron transfer agent and the 
molybdenum-cysteine complex to react with N,. 


In this system, conversion of № to NH; at about 1 % of the 
nitrogenase rate was achieved. The pathway is postulated as 
via diimine and hydrazine. 


16.8.2 Model compounds with coordinated dinitrogen species 
The second line of attack has been a search for relatively 
simple model compounds which might fix molecular N, 
under mild conditions and activate the very stable triple bond 
sufficiently to allow the formation of reduced nitrogen species, 
ultimately forming ammonia. 

There are two distinct classes of N,-fixing reaction: 


(A) Under non-aqueous conditions and with powerful reducing agents, 
N; could be fixed in the form of air-sensitive and often poorly- 
characterized materials which react with Н,О or other 
proton sources to yield NH;, or partly-reduced species such as 
N2H4. Of course, the simplest species of this type, such as Li 
which forms Li3N with №, have long been known (compare 
section 10.5). More complex systems are illustrated by the 
titanium species discussed in section 14.2. A number of similar 
systems are well established but all depend on active organo- 
metallics as the reducing agents. 

Thus these systems do not appear to provide a suitable 
route for industrial N, fixation, but they model the take-up of 
№, under very mild conditions and allow study of the steps of 
the subsequent conversion. Thus TiCl, and Mg react with N, 
at 25°C forming a species postulated as TiNMg, Cl), via Ті! 
and subsequent reaction with Mg. Under even milder condi- 
tions, at —78°C, (MesCs)2Ti gives (MesC) TIN, which 
changes structure at —62° and evolves N; quantitatively at 
20°C. The two structures suggested are (Me,C;),Ti—N=N 


N 
and (MesC,);Ti—|l. [MesCs is the fully-substituted ana- 
N 


logue of СН»: the structures are probably ‘bent sandwiches’ 
of the type found in (CsHs),TaHg, see Figure 15.6]. Other 
model reactions include the formation of NH, from N, via 
Ti(OR), polymer [R = (CH3);CH], and the ready formation 
of a substituted diimine complex (C;H4); Ti(N;Ph;) perhaps 
with the sideways link 

Ph 


N 
Ti- || 
N 


№ 
Ph 


The compound [MeC,ZrN;],N; contains both linear 
Zr-N=N unis (N=N of 112 pm) and bridging 
Zr-NEN-Zr(NzNof118 pm). On addition of HCI, both 
№, and N;H, are evolved and tracer studies showed half the 
hydrazine nitrogen was from the terminal N, and half from 
the bridge. The intermediate (Ме,С,),2г(№,Н), was postu- 
lated. 

We may add to this class the work in aqueous systems which 
are a long way away from biological conditions of moderate 
PH and solution reactions, An example is provided by the 
observation that a coprecipitate in base of Mo(III- V) with 
10% Ti(III) converts N; via М,Н, to hydrazine, with the 
active species probably Mo(IV). This type of system may 
become important in larger-scale synthesis, as it is ‹ heap and 
accessible, even though it does not model the natural fixation 


route. We note again the formation of hydrogenated N-N 
compounds. 


(B) In aqueous media, relatively stable complexes are formed, 
mainly by elements in the middle of the transition series 
especially іп d® states. These contain N, as a ligand but the 
complexes are unreactive or release unchanged № when 
attempts are made to reduce them under mild or moderate 
conditions. Thus these compounds allowed a detailed study of 


the modes of M — (№) bonding. 

The first of these compounds to be made was 
[Ru(NH;)sN;]^* (see Figure 15.25). Many others are now 
known (see Table 16.6 for some examples). Common prep- 
arations involve strong reduction in presence of N, and other 
ligands, as in 

WCI, (PR); +Na/Hg +N, ^ W(N2)2(PR3)4 


or replacement of labile ligands, which often occurs reversibly 
under mild conditions. 


Ru(NH3),(H;0)?* +N, = Ru(NH,),(N,)?+ +H,O 
CoH; (PR); + №, = CoH(N;) (PR3);+H, 


A wide range of such coordinated dinitrogen compounds 
has been made, with various types of NN — M bonding, and 
differing stabilities. The next step in modelling fixation is to 
consider that it is unlikely that the naturally-occurring 
reduction 


N,—2NH; 


is a direct one-step process. Instead, it seems probable that a 
number of intermediates follow the formation of the first 
complex, $— N, ($= substrate: here the metal atom site of 
nitrogenase). 

A scheme which is consistent with most of the currently 
accepted observations is shown in Figure 16.15. Here each 
addition step involves the supply of both Н? and an electron, 
and the paths branch at some points. Thus, in addition to 
complexes containing bound N, in all its modes, work has also 
been carried out on diazenido (NNH), diazene or diimine 
(NHNH), hydrazido (NHNH;), and hydrazine complexes, 
as well as single-nitrogen species containing M ~ №, М - NH, 
and M — NH; groups. 

To illustrate this, we cite one series of experiments. 

The addition of H to №, bound to W has been established 
with reactions such as 


trans [W(N;)a (diphos);] +2HCI 
— [W(N2H)Cl,(diphos)2]+N2 (А) 


TABLE 16.6 Some representative stable N, complexes 


Bridging N; 
[(C5Hs)2 Ti ;N 


Terminal N5 


(CgH,)Cr(CO),N, 
P,M(N))2 [(С,Н,)РМ}№ М = Mo, W 
(C4H5)M(CO);N; М = Mn, Re 
P,RceCI(N;) 

P4M(H);N; M = Fe, Ru, Os 
[NHj),MN,P* ^ [(NH3)sM],N, M = Ru, Os 
P,(H)CoN, (P4Co);N; 

P;MCI(N;) M = Rh, Ir 
P4NiH(N;) [P;Ni];N; 


— ——6—ү—————— 


Notes (1) РК (phosphine) or } x (diphosphine) = P. 
(2) All are d except the compounds of Ti(d*), Co(d* and 4°), Rh 


and Ir(d*) and №(4 and 4'^). 
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The Mo complexes behave similarly, as does HBr: diphos 
in a bidentate ligand such as R;PCH ;CH; PR ;. The complex 
(A) is 7-coordinate but will lose a halide ion. 


(A) + BF; — [W(N;H;)Cl(diphos);]*[BF, ]--CI (В) 


Structural studies show that the N,H, group differs between 
(A) and (B). In (A), it behaves as a 2-electron donor—the 
unsymmetrically coordinated diimine HN — NH in the form 


However, the loss of the halide ligand in (B) would give the 
metal a 16 electron configuration if the N;H; group remained 
a 2-electron donor. Instead it forms the isomeric di-anion of 
hydrazine, НМ — № and acts as a 4-electron donor in the 
form 


М = М-МН, 
In both (A) and (В), the №Н, group is stable to further 
reduction. However, if the diphosphine is replaced by two 
mono-phosphines, such as PMe;Ph or PMePh;, then such Mo 


or W dinitrogen complexes are reduced completely to NH; 
plus some N5H, as in 


trans — [ (N2)2W (PMePh;),] +H,SO,4 

— 1-9NH, + trace N;H,. 
The Mo analogue yields 0-7NH; per mole of complex. The 
overall scheme postulated, via successive additions of H * , is 

M-—N=N > M—N=NH > М=№- МН, 

э М-МНМН, > M=NH+NH;: 

M=NH > М-МН, > M(VI) + NH3. 

The metal goes from (O) to VI, and a number of the inter- 
mediates have been isolated. 

Experiments such as this have been carried out to clarify all 
the steps in the general scheme of Figure 16.15, and several 
other minor paths have been found. The main thrust of the 
work, in addition to synthesis, has been the study of the 


E 
SNH, 
мо Wi 
^ н 
ELEA =м= век) | 
2H'| 2e 
+, NH, *S=NH 


b diei 2e 
SNH; 


Figure 16.15 The transformations involved in the conversion of substrate 
(S) bound dinitrogen into NH, or М,Н. Each step involves transfer of a 
proton and the corresponding electron. 
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protonation-deprotonation reactions of these nitrogen com- 
plexes leading to overall nitrogen fixation reactions such as 


І.М +N, = L,MN; + 6H* =L,M + 2NH, 


There has also been considerable exploration of parallels 
between these nitrogen complexes and C,H, complexes ог 
the various dioxygen species (compare previous section). 

The work on model fixation reactions may be summarized 
by saying that separate laboratory reactions are now known 
which reproduce many of the observed or postulated steps in 
the reaction of N, with nitrogenase, such as those in 
Figure 16.15. These have not been combined into one 
catalytic cycle, different steps have been demonstrated with 
different nitrogen complexes, and S represents a variety of 
transition metal + ligand combinations, but not yet the 
natural substrate in nitrogenase. 

The whole fixation problem has turned out to be a very 
complex one. Three decades of work have led to an enormous 
increase in understanding and development of quite new 
classes of compound. 


16.8.3 Bonding between N, and M 
Although many fewer N; complexes are found, their general 
properties are similar to the carbonyls (section 16.1) and a 
similar linear bond 
M-NzN cf M-CzO 
is expected. This is indeed found in all structural studies of 
stable terminal nitrogen complexes (compare Figure 14.29). 
The M—N—N angle is usually very close to 180° and the NN 
bond, in accurate structures, is in the range 112 +2 pm com- 
pared with 109-8 pm in the №, molecule. Again, as with 
carbonyls, the stretching frequency is found in the triple bond 
region, usually in the range 1990-2160 ст! compared with 
2345 cm ^! in №. 
This all points to a bonding model for M—N=N very 
similar to M—C=O (see Figure 16.2). However, there are 
significant differences. First (sce Table 3.4), the highest filled 
orbital in N, is at — 15:57 eV compared with — 14-01 eV in 
CO. This is the sigma orbital involved in the sigma M — NN 
(or М < CO) bond. That is, the electrons donated to the 
metal are more tightly held in № than in CO, and the sigma 
bond to the metal provides less energy in the nitrogen com- 
plexes. This is partly compensated by the lower energy of the 
empty z* orbital (— 7 eV for №, —6 eV for CO) involved in 
the л donation from the metal M + NN or M > CO, but the 
difference of 0-6 eV (ca. 58 kJ mol!) is an indication of the 
expected increased stability of the carbonyl over the di- 
nitrogen system. This is reflected by the much smaller number 
of N; complexes known and by the fact that most contain only 
one N, group. In the M ~ N -N unit, the sigma donation is 
more important for the M ~ N bond formation than is the pi 
back donation, and the end-on coordination should be 
appreciably stronger than the side-on configuration. The 
main effect of the pi back donation in both configurations is to 
weaken the N - N bond, providing the required activation. 


In the side-on configuration, the №, unit donates both sigma 
and pi electrons to the metal, considerably weakening the 
N -N bond, and it is suggested that this may be the active 
intermediate in the reduction reaction. 

Although we have not discussed them in detail, the 
terminal metal acetylides, M—C = CH, are also very similar 
to the nitrogen complexes. 

When we come to bridging groups, we find a linear 
M-NzN-M system quite different from bridging car- 
bonyls (compare Figure 16.3b and d) but found for acetylides 
M—CzC- M. Here each M—N bond is similar to that in 
the terminal complexes, and a fully-linear system is expected. 
As charge transfers are relatively small, and the tota! effect of 
the upper energy levels in M—N=N-—M is approximately 
non-bonding for NN, we find the bond-lengths and stretching 
frequencies in the bridged nitrogen complexes are generally 
similar to those in the terminal species, again comparable 
with the acetylides and in contrast to the bridging carbonyls. 
The carbonyl type of bridging is found when the N — N bond 
order is reduced as in the imine complex [Pt(PR, ,N,H]2* 
which contains the bridges 


NH 
| 


М 
mo 
t 
CHEM 
N 


| 
NH 


N 
Although ‘sideways on’ nitrogen, M---|||, was postu- 
N 


lated in reactions, stable complexes with this bonding are 
rare. One report is of trans (R3P),Rh(Cl)N, and the analogues 
(R3P)2Rh(Cl)O, апа (R3P),RhCl(C,H4) [R = CH(CH,)2]. 


X 
Each contains a Rh--- | unit (X = №, О or CH,) with the 
X 


X; perpendicular in the RhCIP, plane and its mid-point 
completing the square-planar configuration expected for 
Rh(I). The reaction with Rh is relatively weak. 


16.8.4 Sulphur compounds containing M — S — M links: 
nitrogenase models 

In the ferredoxins and nitrogenases (compare section 14.6) iron 
and molybdenum are found at the active sites in association 
with sulphur. There has thus been a vast interest in making 
simpler compounds which reflect this chemistry and might 
act as models for the biochemically important reaction 
centres. As tungsten has been studied as a parallel to 
molybdenum, this has become a major area of the chemistry 
of these elements. 

To illustrate this field, we start with an experiment where 
MoS, was treated with CN^ in aqueous solution. One theory 
of the pre-life evolution of important biomolecules emphas- 
izes the role of cyanide in its polymeric forms, so such species 
may be significant in the evolution of Mo enzymes. Four 
products were isolated where there were increasing numbers 


Mo—S——Mo M е 
б клы. 
ie n 


O Mo О 
Os Lo | 
о dainty 
станаа А 


(d) 


FIGURE 16.16 Molybdenum-sulphur skeletal units 


of Mo and $ atoms bound together, and each Mo was made 
up to six-coordination by cyanide groups. The skeletons were 
as shown in Figure 16.16. These occurred in the ions (a) 
Mo,S(CN)$z, (b) Mo;S;(CN)$ for n=6 or 8, (c) 
Mo,$,4(CN)3~, and (d) Mo4S4(CN){z 

The skeleton in (d) is a cubane where the 4 Mo and 4 S atoms 
each form a tetrahedron, but the two tetrahedra are not the 
same size, so that the overall figure is a distorted cube. The 
other three skeletons are formally fragments of the cubane, 
(b) is a face, and (c) is formed by removing one metal corner. 
Similar structures are widespread. For example, 
W3S4(NCS)$" has the core, (c), and analogous ME4* cores 
are known for M = Mo or М, E = О, S or Se, including 
some mixed species, and with a range of neutral or anionic 
species attached. The units of Figure 16.16 may be linked 
together in a wide variety of ways, including double cubanes 
sharing a face in MgSgX$g species, and many more open 
structures. One illustration is given in Figure 16.17 which 


Mo Fe 5 


FIGURE 16.17 The arrangement in the ion 


[FesMo,Sg(SEt)9]> 


heavy atom 
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parallels the mitrogenases in containing both Fe and Mo. The 
two cubanes are linked by three bridging S through the Mo 
corners: note the Mo are 6-coordinate while the Fe are 
tetrahedral. One further class of analogues are molecules 
where single S bridges are replaced by S, units, bonded 
sideways on. This leads into the large class of M(S), species 
treated in section 16.9. 

A related oxygen analogue is found in LiZn,Mo,Ox where 
the three Mo atoms are triply-bridged by an O and each pair 
of Mo atoms is joined up by an oxygen bridge. Each Mois also 
terminally bonded to three O atoms, all giving a building 
block Мо;О, у of the same basic structure as (c). This unit is 
linked into a three-dimensional structure by distorted ZnO, 
octahedra and ZnO, tetrahedra formed by sharing O atoms. 


16.9 Post-actinide ‘superheavy’ elements 

In the elements up to about Z = 100, the mode of decay is 
principally by alpha- or beta-particle emission and it is the 
likelihood of these events which governs the half-lives. It will 
be seen from Table 12.1 that the half-lives tend to decrease as 
Z increases. However, at about the atomic number of the 
heaviest elements, another mode of decomposition, sponta- 
neous fission, becomes the dominant one. In this mode half- 
lives again decrease with increasing atomic number, and it 
was estimated that, by about element 110, the half-life would 
have dropped to about 1074 second. When Lr-262 was 
prepared, it was found to have a half-life of 216 minutes, 
which is about 500 times longer that expected, suggesting that 
the older calculations of expected stability were over- 
pessimistic. However, the expectation of ever-decreasing half- 
life with increasing Z still remains valid, and the other 
experimental difficulties of synthesizing new nuclei remain 
enormous. 

At present, there are major groups of experimenters in the 
United States and in the USSR who have worked for many 
years on the synthesis of new heavy elements, and who were 
later joined by a group in Germany. Because of the experi- 
mental problems, there have been conflicting claims to be the 
first to synthesize new elements. The Russian team made first 
claims for elements 104 and 105 but, because their approach, 
by heavy ion bombardment, gave isotopes which decayed by 
spontaneous fission, it was less certain that they had actually 
made a new element compared to the American experiments 
which gave isotopes decaying by alpha-particle emission into 
directly-identifiable daughter products. As the initial dis- 
coverers have, by convention, the right to name a new 
element, different names have been applied, especially to 104, 
called rutherfordium or kurchatovium. 

Until priorities are finally decided, and to allow new 
elements to be named systematically in the interim, IUPAC 
has proposed the following terminology to be used until 
names are finally settled. The ten numbers are shown by 


URINE UI. DS n 4 quad 
5 pent 6 hex 7 sept 9. Ос 
9 „еп 


Names are formed from these number-elements in order, 
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with rules about elision, and the symbol is formed by the three 
initials. Thus element 104 is unnilquadium and the symbol is 
Unq. 

The actinide series is complete at lawrencium, Z — 103. 
The same techniques of bombarding actinides with the 
accelerated nuclei of light atoms produced the next two 
elements, 104 and 105. Thus, bombarding californium with 
15N nuclei gave an isotope of 105, Unp-260, which has а half- 
life of 1-6s and decays to Lr-256 with emission of an alpha- 
particle. 

Observations to 1987 аге 
Table 16.7. 


summarized іп 


TABLE 16.7 Superheavy element isotopes 


Systematic 
Element symbol Isotope Half-life 
104 Unq 259 3s also 255,257 
261 65s 
105 Unp 258 4s 
260 1:58 
262 34s 
106 Unh 260 3m 
263 0:95 also 259,264 
107 = ‘Uns 262 0-12 
108 Uno 265 2ms also 263,264 
109 Une 266 5ms 


The routes to the heavier elements have used preferred 
targets whose nuclei are close to the ‘magic numbers’, 
corresponding to high stability. Thus elements 106 to 109 
have been approached through lead or bismuth targets 
corresponding to Z = 82 or N = 126, and the energy of the 
bombarding particle is kept relatively low in the ‘cold fusion’ 
approach. Thus an announcement of the synthesis of element 
109 from Darmstadt involved bombarding Bi-209 with 
accelerated Fe-58 nuclei. Only one in 10!* interactions gave 
element 109, which was formed at the rate of one atom in a 
week. Identification was purely by use of nuclear properties 
(using a new velocity filter technique for separation), and four 
independent properties matched calculation. Decay was by 
successive alpha emissions to Uns-262, then to Unp-258, and 
then electron capture gives Unq-258. 

Clearly these observations on only a few atoms cannot give 
chemical information, but past experience suggests that 
quantities will increase, or longer-lived isotopes will be made, 
and a chemistry will develop. 

For element 104, tracer studies are possible, and it does 
appear to behave as the 6d congener of hafnium. Thus it forms 
the chloride UnqCl, comparable to HfCl,, and unlike the 
involatile lanthanide and actinide trichlorides. Element 104 
was manipulated in solution as the hydroxybutyrate anion 
complex, and again its tracer behaviour followed hafnium. 
Element 105 formed a chloride which was more volatile than 

НСІ, but less volatile than NbCl, and the bromide showed 


similar parallels, with an estimated boiling point of 430°C, 
The last observation involved ‘eighteen fission events’, thatis, 
only 18 atoms were being observed. 

With all the reservations appropriate to the tiny scale of 
work, these observations are in accord with the view that the 
post-actinide elements are starting to fill the 6d shell. In this 
case, 109 will match iridium, the 6d shell would be full at 
element 112, and then the 7p shell should be occupied until 
element 118 which would be a new rare gas. If it should be 
possible to go further, there is the interesting possibility that a 
g shell, the 5g level, would start to be occupied somewhere 
about element 123. 

It has been proposed that nuclei with Z values «lose to 
‘magic number’, stable proton configurations should be 
significantly more stable than their neighbours. While the 
search for these in the eighties has been unsuccessful, the work 
has given much more information about nuclear stabilities, 
and has been basic to the syntheses up to element 109. The 
nearest nuclear configurations which might provide the so- 
called ‘islands of stability’ are around elements 114 and 126. 
Element 114 would probably be ‘ekalead’, the highest 
member of the carbon Group and would be expected to have 
a stable oxidation state of II and an unstable, possibly non- 
existent, IV state. Element 126 presents a variety of possi- 
bilities, including the chance that it might contain 5g 
electrons. 


16.10 Relativistic effects 

When the nuclear charge becomes large, the radial velocity of 
the inner electrons rises to become a significant fraction of the 
speed of light. This can be envisaged on a simple planetary 
model—as the positive charge on the nucleus rises, the 
negative electron has to move faster to remain in a particular 
orbit. Calculations show that, for elements around Hg with 


Z = 80, the average radial velocity of the 1 s electron is about 
60% of the speed of light. At such speeds, the special theory of 
relativity shows that the mass increases, by about 20%, and, 
as a result, the average radius of the orbital contracts by about 


20%. The effect is most prominent for orbitals with electron 
density close to the nucleus, so the main effect is on s orbitals. 
There is a lesser effect on p orbitals with m, = 0 but not on the 
+ lor — 1 values, causing a splitting of the p set into groups of 
1 and 2 orbitals. 

There are two principal consequences. First, the s orbitals 
of the heavier elements become more stable than otherwise 
expected, and therefore have higher ionization potentials for 
electron loss or more exothermic electron affinities for 
electron gain. The second consequence is that the more 
contracted s orbitals shield the outer orbitals of the d and / 
sets more effectively from the nuclear charge, so that these 
orbitals expand and their energies are less. 

The chemical consequences are seen mainly in the heaviest 
elements. While the lanthanide contraction accounts for the 
similarity between the 4d and 5d series, it has been calculated 
that relativistic effects contribute about 20°, to the contrac- 
tion of Hf, so that the extremely close similarity between the 
earlier members of the two series depends in part on the 


relativistic effect. As we move along the 54 series, the 
resemblance to the 4d congener decreases (compare sections 
15-6 to 15-10) and this is a combination of both relativistic 
effects. The reduced binding of the 54 electrons allows them to 
participate more fully, which is seen in the increasing number 
and stability of the higher oxidation states. Examples are 
РТУ) or Au(III) versus the much less stable Pd(IV) or 
^g(III), and the existence of Pt(VI) or Au(V) with no Pd or 
Ag counterparts. Other examples are clear in Chapter 15. 

A second effect is the stabilization of the 65? configuration. 
This is seen for Hg(0), where mercury metal is strikingly 
lower-melting and more volatile than the neighbouring 
group, just as if the electron configuration was behaving 
nearly as a rare-gas closed shell. Note also that mercury is 
monatomic in the vapour. A similar effect is the existence of 
the same configuration in Au”. A further manifestation is the 
‘inert pair’ effect in the heaviest Main Group elements, Ti. 
Pb, and Bi, where the most stable state is two less than the 
Group oxidation state (compare section 17.1, 17.3, and the 
chemistries of these elements). This is nicely accounted for by 
the relativistic stabilization of the 6s? configuration. 

The relativistic contraction does not change smoothly with 
Z, but increases markedly while the 5d shell is filling, with the 
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maximum effect at Au. The effect diminishes to Bi, and then 
changes only slowly through the 5/ shell so that effects 
comparable to Au are seen only around Fm. Only if the 
chemistry of the ‘superheavy’ elements develops, will it be 
clear if this part of the periodic table has unusual chemistry. 
One interesting pointer is the possible configuration of Lr 
where the last electron may be in the 7p level rather than the 
6d one, as a consequence of the relativistic effect on the m, = 0 
level. Around eka-lead we may even see an ‘inert quartet’ 
effect. 

The relativistic effect is not the only contribution to the 
unusual chemistry of the heavier elements, and other ration- 
alizations of the inert pair effect have been proposed, butitis a 
substantial contribution. It is clear that calculated changes in 
the relative energies of the s and d levels are in accord with 
observations and account for many of the unusual features. 


Note 

No specific problems are suggested here. These topics should 
be linked back to the general chemistry of the preceding 
chapters. They also provide good starting points for surveys of 
the general literature. 


17 The Elements of the ‘p’ Block 


17.1 Introduction and general properties 

Those elements which have their least tightly bound electron 
in a р orbital lie in the Main Groups of the Periodic Table 
headed by B, C, N, O, F, and He. Some aspects of the 
chemistry of these elements have been discussed in the earlier 
chapters. The hydrides of the p elements are included in 
Chapter 9, the structures are discussed in Chapter 4, solid 
state structures, especially of the silicates, are treated in 
Chapter5, while aspects of aqueous and non-aqueous 
chemistry, including properties of oxyacids, are covered in 
Chapter 6. 

This Chapter aims to give a broad picture of Main Group 
chemistry, illustrated largely by the simpler compounds. A 
very limited selection from the huge range of topics of current 
interest is surveyed in the next Chapter. 

Many of the applications of p block elements are listed 
under the individual elements. One general theme is polymers 
with inorganic backbones which include the silicones, the 
polyphosphazenes, and the sulphur nitrides. These are 
studied to find polymers with specific advantages over 
organic ones in properties such as electrical or thermal 
conductivity, or resistance to heat and oxidation. Another 
application which ranges across various groups is that of high 
performance ceramics which include B,C, SiC, Si,N,, BN, 
AIN, Al,03, MgO and mixed oxides with transition elements 
such as Al, TiO; or PbZr TiO}. In the important field of 
electronics, the semiconductors Ge and Si are now supple- 
mented by the isoelectronic mixed species like GaAs, InP, ZnSe, 

and ternary analogues. The use of chemical vapour depo- 
sition, as a means of building up precisely oriented layers of 
specific composition and thickness by pyrolysis of volatile 
compounds of the contributing elements, has demanded the 
preparation and handling of very high purity hydrides like 
SiH, or GeH,, and alkyls like Me,As MesGa or InEt,. Solar 
cells involve deposit of Si, or oxides, by similar processes. 
The maximum oxidation state shown by a element (the 
"Group oxidation state"), is equal to the total of the valency 
electrons, i.e. to the sum of the s and p electrons, and is the 


same as the Group Number in the Periodic Table. (or the 
Group Number less 10 in the 1 to 18 form of the Table). In 
addition to this oxidation state, р elements may show other 
oxidation states which differ from the Group state by steps of 
two. Clearly, the number of possible oxidation states increases 
towards the right of the Periodic Table. The most important 
oxidation states in the various Groups of p elements are shown 
in Table 17.1. Where oxidation states other than these occur, 


they usually arise either from multiple bonding, as in the 
nitrogen oxides, or from the existence of elemeni-clement 
bonds as in hydrazine, H,N – NH, (N = — II) or disilane, 


H5Si - SiH,, (Si = III). 

As fluorine is the most electronegative element, it can show 
only negative oxidation states and always exists in the. —I 
state. Oxygen is also always negative, except in its fluorides, 
and is found in the — I state in peroxides (due to the О-О 
link) and in the — II state in its general chemistry. The other 
highly electronegative elements, nitrogen, sulphur, and the 
halogens also show stable negative oxidation states in which 
they form anions, hydrides, and organic derivatives. 

In the boron, carbon, and nitrogen Groups, the Group 
oxidation state is the most stable state for the lighter elements 


TABLE 17.1 Oxidation states among the p elements 


Group headed by B C N оО F He 
Group oxidation state III IV V VI УП УШ 
Other states I H ш IV V VI 
(-IV)*I п HI IV 
-IH -il I П 
-I 


*As the electronegativity of C lies between that of H and 
those of O, N, or halogen, carbon in CH, is —IV while 
carbon in CF, is IV, and all intermediate cases occur. The 
other carbon Group elements are formally in the IV state in 
their hydrides, and show П and IV in their general chemistry 


in the Group while the state two less than the Group oxida- 
tion state is the most stable one for the heaviest element in 
cach Group. The relative stabilities of these two states varies 
down the Group; thus, in the carbon Group, lead(II) is 
stable and lead(IV) is strongly oxidizing, tin(II) and (IV) 
are about equal in stability, germanium(II) is represented by 
а handful of compounds only, and germanium(IV) is the 
stable state, while silicon shows only the IV state. 

In the oxygen and fluorine Groups the position is more 
complicated because of the wider ranges of oxidation states. 
Oxygen and the halogens are most stable in the negative 
states. The VI state is stable for sulphur and falls in stability 
for the heavier elements of the oxygen Group, but both the 
IV and the II states are relatively stable for the heavy ele- 
ments. Among the halogens, chlorine and iodine both show 
the Group state of VII in oxyions; bromine(VII) was only 
recently found. Iodine is also fairly stable in the V and III 
states. Thus, the general trend for the lower oxidation states 
to be more stable for the heavier elements is shown by 
clements such as iodine or tellurium, but more than one state 
is involved and no simple rule may be given. Of the rare gas 
compounds, the difluorides are known to exist for radon and 
krypton as well as for xenon. The other oxidation states in 
Table 17.1 are shown by xenon. 

The general pattern of oxidation state stabilities in the 


TABLE 17.2a Oxides and sulphides of p elements 
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Main Group elements may be summarized: the common 
oxidation states vary in steps of two, with states lower than 
the Group state being the most stable for the heavier 
elements. This trend is opposite to that found among the 
transition elements. 

This pattern of stabilities is reflected in the oxides, sul- 
phides, and halides formed by the Main Group elements, as 
given in Tables 17.2a and b. A stable oxidation state will form 
the oxide, sulphide, and all four halides, while a state which 
is unstable and oxidizing, such as the Group states of the 
heavy elements, thallium, lead, and bismuth, will not form 
compounds of the readily oxidizable sulphide or heavy 
halide ions. Similarly, an oxidation state which is unstable 
and reducing, such as gallium(I), will form the sulphide and 
heavier halides, but not the oxide or fluoride. 

A similar picture of the stabilities of the oxidation states, 
but this time in solution, is given by the oxidation state free 
energy diagrams of Figures 17.5, 17.18, 17.25, 17.40 and 
17.51. These diagrams show how the Group oxidation states 
become unstable with respect to lower oxidation states for the 
heavier elements in each Group, and they also indicate the 
instability, with respect to disproportionation, of the inter- 
mediate oxidation states in Groups, such as the halogens, 
which show a number of states. 

The effects shown in Tables 17.2 and 17.3 and in the oxida- 


Elements in oxidation state — number of valency electrons 


B203 B-53 CO; CS; N30; 
АО; ALS; SiO; 55, РО; P4Sio SO; 
Са,Оз GaS; GeO, Ges, Аѕ,О; Аѕ,5; ЅеОз 
In;O; In,S3 SnO,  SnS, Sb;O; Sb;S, TeO; 
TI,03 PbO, (В1,0; 2?) (PoO3?) 
Elements in an oxidation state lower by two 
CO N50, 
РО, SO; 
Ga,0 Ga,S GeO Ges As406 As4S6 SeO, 
In;O? SnO SnS Sb,Os* Sb;S, TeO, 
то T1,S PbO PbS Bi;O; Bi;S, PoO; 
Elements in an oxidation state lower by four 
N;O 
TeO 
PoO PoS 
Other compounds 
(BO), Са C302 NO, NO;, N2034, 
Сац; (NO; or N206) 
InS №5, 
11,5; (РО) 5,0 
P485, P455, P4S; 
As4S3, As4S4 
(SbO;) 
Pb,O,; 


а за me кыша dd alii Д на. d башда ыы co IMMO La t n 


* Antimony trioxide also occurs as (Sb;O;), chains. 
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TABLE 17.2b Halides of the elements 


Fluorides Chlorides Bromides lodides 
of the Groups headed by of the Groups headed by of the Groups headed by of the Groups headed by 
B С N О B C N [9] B C N о В С N О 
elements in oxidation state = Number of valency electrons 
MF, MF, MF, ME, | MCl MCI, MCI, MCk| MBr, MBr, MBr; MBre| MI; MI, MI, MI, 
B C B C B C B Cc 
Al Si P S Al Si P Al Si P Al Si 
Ga Ge As Se Ga Ge Ga Ge Ga Ge 
In Sn Sb KE In Sn Sb In Sn In Sn 
ТІ РЬ Ві Ро? | (ТІ) (Pb) (ТІ) 
elements in oxidation state = Two less than the number of valency electrons 
MF MF, MF, MF,| MCI MCI, MCI, MCL|MBr MBr, MBr, MBr,| MI МІ, MI, MI, 
N (N) (N) (N) 
P S P (S) P P 
Ge As Se Ga? Ge As Se Ga? Ge As Se Ga? Ge As 
Sn Sb Te In Sn Sb Te In Sn Sb Te In Sn Sb Te 
ТІ РЬ Ві Po. | TI Pb Bi Po TI Pb Bi Po TI Pb Bi Po 
Other compounds 
B;F, N;F; OF, |B;Cl, 
N;F, О,Е, |B,Cl, (n= 4, 8-12) 
NF; ОЕ, | (BoClg)2 
O,F; 
| SF, Жей 
5Ё2+2 S;F;o Si,Cl2,..2 S,Cl; Si;Br, S,Br, 5116 Р, 
(up to (up to (up ton Si;Brg 
n= 14) n=10) ca.100) Si,Bryo 
Са,Е; Se;F;o| Ga;Cl, Ge; Cl, SeCl, Ga,Br4 SeBr, |Gajl, 
Se,Cl, Se,Br, 
InF,? Te F jo In, Cl, TeCl, |In;Br, TeBr, |InjI, (8,14) 


ТІСІ, BiCI* 
TLC 


*Sce section 17.6 for a discussion of this compound. 


tion state free energies are also reflected in the ionization 
potentials (Table 2.8), the electron affinities (Table 2.9), and 
in the electronegativities (Table 2.14), of the p clements. It 
will be seen that the five elements in a p Group, although they 
have many properties in common, split into three sets when 
their detailed chemistry is examined. This division is: 

i) the lightest element 

ii) the three middle elements 

(iii) the heaviest element 


PoCl, 


ТІ,Вгу 
Tl;Br, 


РоВг, |TI'(1,) 


The lightest element shows the most marked differences from 
the rest of the Group, in properties which are discussed in 
detail in the next section. The heavier elements are discussed 
in the following section; the division between the heaviest 
element and the rest is not so marked as that between the 
first element and the Group, but it is quite distinctive and 
has been noted above in the stability of the lower oxidation 
states. It might also be noted that the middle clement in the 
Group does not always fit between the second and fourth 


TABLE 17.3 Some bond energies kJ mol! 


From diatomic molecules 


А 
H-H 436:0 H-F 566 
О=0 497:3 H-Cl 431 
N=N 945-6 H —Br 366 
C=0 1075 H-I 299 
NO 626:3 
b) E values from polyatomic molecules 
C-C 348 N-N 160 О-О 
5—5 297 P-P 215 S-S 
Ge— Ge 260 As— As 134 Se—Se 
Sn —Sn 240 Sb—Sb 126 Te- Te 
Si-C 301 Bi — Bi 105 O-F 
Се- C 270 N-F 272 O-CI 
Sn-C 226 К Ге! 193 S-F 
Pb—C 130 P-F 490 5—С1 
C—N 292 P-CI 319 S —Br 
C-P 264 P—Br 264 Ѕе-Е 
C-O 336 P-I 184 Se— СІ 
c-S 272 As—F 464 Te-F 
Аз — СІ 317 
As — Br 243 O-Si 
As—I 178 
Sb— Cl 212 S-Si 
Bi—Cl 278 
multiple bonds С=С 682 C=N 
N=N 450 С=О 
О=О 402 С=5 
N=O 
(c) Some bond dissociation energies, D 
O-CIO 243 O-CO 536 
HO-Br 239 Н,С= СН, 699 
O-NO 306 HC=CH 963 
O-NN 167 H-CN 540 
HO-OH 213 NC-CN 607 
F,N-NF, 83 


THE ELEMENTS OF THE 'p' BLOCK 297 


F-F 158 F-CI 257 
cl—Cl 242 F—Br 234 
Br — Вг 194 F-I 197 
I-I 153 CI Вг 222 
CI-I 211 
Br-I 179 
146 C-H 416 C-F 485 
265 Si-H 326 Si-F 582 
172 Gc-H 289 c-Cl 327 
138 Sn—H 251 Si-Cl 391 
190 М-Н 391 Се— С! 342 
205 Р-Н 322 Sn- СІ 320 
326 As—H 247 РЬ СІ 244 
250 O-H 467 C—Br 285 
212 S-H 374 Si — Br 310 
285 Se-H 277 Ge — Br 276 
243 Te-H 238 Sn— Br 272 
335 C-I 213 
Si-I 234 
369 Ge-I 213 
Sn-1 272 
227 
640 С=С 962 С=О 1075 
732 N=N 946 C=N 937 
477 
481 
F;P—-O 544 Н-СН 435 
С3Р=О 511 H-NH; 448 
Br,P-O 498 H—OH 498 
H-CF, 444 
CH,-F 452 


elements (compare electronegativities and chemical evid- 
ence such as the non-existence of AsCl;), but these deviations 
are minor and there is a fairly regular trend of properties 
among the four heavy elements in each Group. 

It is useful here to summarize some bond energies of the 
p elements and hydrogen. Two different types of bond energy 
are encountered. First, if the bond between each pair of 
atoms in most molecules is independent of the rest of the 
molecule, we might hope to compile a list of the energies of 
individual bonds which would allow us to predict the energy 
of formation of the molecule. For example, the energy of the 
process of forming SiH F from its atoms 


Si+F+3H = SiH;F 


should be given by three times the Si—H energy plus the 
Si—F energy. Bond energies determined in this way are 
given the symbol Ё and are written E(Si—H), etc. Experi- 
mentally, such energies are obtained from heats of formation 
and heats of atomization. 

It is also possible to determine the energy required to 
break a particular bond, leaving two fragments in their 
ground state and this is called the bond dissociation energy 
and given the symbol D. Thus D(HO —OH) is the energy 
required to break the O— O bond in hydrogen peroxide to 
give two OH radicals. In general, D and E values differ, and 
D values for successive steps also differ: thus D(SiH;F — Н) 
is not the same as E (Si - H), or D(SiHF — Н) or D(SiF - H). 
We can also define the average value of the Si — H dissocia- 
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tion energy in SiH,F, written D, and this is usually fairly 
close in value to the corresponding E value. Clearly, for a 
diatomic molecule, D and E values are equal. 

In Table 17.3 are listed bond energies for some diatomic 
molecules, which may also be used as Æ values for these 
bonds, together with a set of other Ё values chosen to reason- 
ably reproduce known heats of formation. Also included are 
a few D values to emphasize the difference between the two. 
For prediction of heats of formation, the E values should be 
used, but the D values give a better indication of relative 
bond strengths. Note that values for first row elements form- 
ing single bonds, for example the X ; energies for the halogens, 
are often unusually small compared with the heavier 
members. This is another effect distinguishing the lightest 
elements. 


17.2 The first element in a p Group 
In a р Group, the first element differs sharply from the 
remaining members. The valency shell configuration of the 
first row elements of the p Groups is 2522р", and the orbital 
next in energy is the 3s level. This is separated from the 2p 
level by a considerable energy gap and is not used in bonding 
by these elements. The first row elements are accordingly 
restricted to a maximum coordination number of four (using 
the 2s and the three 2р orbitals). In contrast, the second 
element ofa p Group, with the configuration 3573p”, has the 3d 
orbitals lying between the 3р level and the 4s level in energy 
(compare Figure 8.2). The second row elements make use of 
these d orbitals in bonding to a substantial extent. For this 
reason, and because of the larger size, coordination numbers 
greater than four occur. Compare, for example, the fluorine 
complexes of boron and aluminium where boron can form 
only ВЕ; while aluminium gives the AIF2^ ion. Similar 
behaviour is shown by the third and subsequent members of 
each р Group, which also have d orbitals available in the 
valence shell. A further effect reflects the fact that the first 
element is unique in the Group in having only the underlying 
15? shell. As a result, the 2р orbitals are less diffuse relative to 
the 2s ones than is the case for the higher quantum shells. 
Thus, the contributions of the 2s and 2 orbitals to the 
bonding and lone pairs in a compound are more nearly 
matched than for the later members. Related to this is the size 
effect which leads to larger repulsion effects: for example, for 
an angle of 90°, the separation of the H atoms in an EH, unit 
is about 14 pm if E is the first member ofa Group, and around 
25pm is a second member. In general, see for example 
Table 4.3, bond angles at second or later members are 
narrower than at the first Group member. Other, more 
general, effects of size also contribute to the differences: as 
with the lightest s elements, Li and Be, the biggest relative 
change ofsize is between the first and second Group members. 
A second, major, difference between the first and sub- 
sequent members of a p Group is the ability of the first row 
elements to form strong double bonds using only p orbitals 
(named р, — p, bonds). One striking example is provided by 
carbon and silicon dioxides. Carbon dioxide is a volatile, 
monomeric molecule in which all the valency electrons are 


used in forming с and л bonds between carbon and oxygen 
(section 4.8). In silicon dioxide, z-bonding between the 
silicon and oxygen does not occur. Instead, each silicon forms 
asingle bond to four oxygen atoms, and each oxygen links two 
silicon. atoms, to form a giant molecule with a three- 
dimensional structure of single Si — O bonds. 

Other examples are provided by the oxides of other first 
row elements, given in Table 17.2a. In each case (compare, 
for example, the electronic structure of NO in Figure 3.19), 
the oxide of the first row element, is a small molecule with 
фа bx bonds— СО, CO;, NO, NO;, NOs, etc. The ele- 
ments of the second, and subsequent, rows in the Main 
Groups rarely form f,—f, bonds, probably because their 
greater size leads to a much weaker 7 overlap between f 
orbitals. The situation is illustrated diagrammatically in 
Figure 17.1 which shows that the sideways extension of the 
3p orbital is insufficient to give good z overlap in association 
with the longer с bond formed by the larger second row 
atom. 

A second factor in this contrast between the tendency of 
first and second row elements to form р, = p, bonds is the 
strength of the homonuclear single bonds of many of the first 
row elements. For example, in Table 17.3 it may be seen 
that the bond energies of F — Е, O—O or N—N are distinctly 
smaller than, respectively, Cl - Cl, S-S or P-P. ‘This 
reflects repulsions between the nonbonding electrons on these 
atoms when they are brought close enough together to form 
the single bond. (Although the doubly-bonded atoms are 
even closer, some of the electrons are now used in the л bond.) 
Thus, it seems that there are two factors to be balanced, first 
that the f, — р, bond is stronger for the first row elements, and 
second that the sigma bond may be weaker. Thus these 
elements are found to form a sigma and pi bond between 
them, rather than using the second orbital and electron to 
form a second sigma bond to a third atom. For the heavier 
element the converse case holds, and it is more stable forming 


29-0 
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FIGURE 17.1 The poor overlap of 3p and higher p orbitals in n-bonding 
As the second row elements are larger than those of the first row, 
the sigma bond formed between them is longer. Thus the sideways 


extension of the 3p orbital is not sufficiently large to give good 
overlap. 


two different sigma bonds г i i 
bond between ae ten E Р 
cA ung 

only p orbitals is confined to the first element of a Group and 
often leads to small, volatile molecules, as with the carbon and 
nitrogen oxides. 

lhe ability to form p,—~, bonds, and the weakness of 
simple sigma bonds, are effects of the small size of the first 
row elements. Other properties, such as ionization potential 
and electron affinity, which depend in part on size, also 
change sharply between the first and second elements of a 
» Group. This shows up very clearly in the clectronegativity 
values in Table 2.14, where there is a major drop in value 
between the first and second elements in each p Group, and 
chen a much slower fall in values down the rest of the Group. 

The size effect also shows up in the bond strengths, as long 
as л bonding plays no part. The larger atoms usually form 
veaker sigma bonds, so that bond strengths fall on passing 
down a р Group, and the largest relative changes come 
between the first two elements of the Group. This point is 
illustrated by the stabilities of the hydrides, discussed in 
Chapter 9, and by a similar fall in the stability of element- 
carbon bonds in the organic analogues of the hydrides. These 
changes are illustrated by the values of the element-hydrogen 
and element-element bond energies shown in Figure 17.2. 

The characteristic properties of the first element in each p 
Group may be summarized as: 
(1) small size, with the greatest relative size change occurring 
between the first and second members of a Group 
(ii) other properties which result from the size effect change 
in a similar way: for example, electronegativity and the 
tendency to form anions and negative oxidation states 
(iii) the ability to form strong 7 bonds using the р orbitals is 
restricted to the first row elements, with the result that many 
simple compounds such as the oxides are small molecules 
instead of polymers 
(iv) The first element has no low-lying dorbital and is limited 
to a maximum coordination number of four. 

The effects sketched above are not independent of each 
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yiGurE 17.2 The element-hydrogen and element-element bond energies in the 
carbon Group. Similar trends are formed for the other Main Groups. 
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other, but they add up to a unique character for the first 
member of each p Group. 


17.3 The remaining elements of the p Group 

The last member of cach p Group shows distinct differences 
from the other elements in the Group, though these differ- 
ences are less pronounced than those which mark off the first 
member. The most obvious property of the last row of p 
elements is the stability of an oxidation state two less than the 
Group state in thallium, lead, and bismuth. The other two 
heavy elements, polonium and astatine, occur only as radio- 
active isotopes and their chemistry is less well known but, in 
polonium at least, the trend appears to continue and the IV, 
and also the 11, states of polonium are more stable than the 
Group state of VI. This effect has been termed the inert pair 
effect as it corresponds to the valency which arises if two of the 
valency electrons are inactive. This phenomenon is due, at 
least in large part, to the relativistic effect (see section 16. 10). 
The stability of the lower state, and the oxidizing properties of 
the Group state, in these heavy elements is clearly shown in 
Tables 17.2 and 17.3 and in the oxidation state free energy 
diagrams. The heavy elements show the Group oxidation 
state only in their oxides and fluorides, while sulphides and 
other halides of the elements exist only for the lower oxidation 
states. 

The heaviest element in each p Group is also the most 
metallic and least electronegative member of its Group (as 
the larger size means that the outer electrons are less tightly 
held). Most of the heavy elements are metallic except 
polonium, which is metalloid, and astatine whose character 
is not clear. They all form basic oxides and appear in solution 
in cationic forms. The single bond strengths of these elements 
with hydrogen, organic groups, and halogens are lower than 
for the lighter elements in the р block and the very existence 
of some of the hydrides is dubious. 

The chemistry of the middle three elements in a p Group 
follows a graded transition in properties from the small 
electronegative element at the head of the Group to the large, 
much more basic element at the foot. This is shown by the 
increasing stability of the oxidation state two less than the 
Group state, the increasing basicity of the oxides, and by the 
lower stability of bonds with hydrogen and organic groups as 
the Group is descended. This discontinuity between first and 
second element is most marked in the middle Groups of the p 
block. Boron and aluminium have each an empty p orbital in 
the valence shell in their trivalent compounds and thus have 
acceptor properties, forming four-coordinate species. The fact 
that Al enters into further bonding to form 5- or 6-coordinate 
species makes a difference in degree, but not in kind of 
behaviour so that boron and aluminium resemble each other 
reasonably closely. In sharp contrast, the ability of silicon, 
phosphorus, and sulphur to use the 3d orbitals, and the ability 
of carbon, nitrogen and oxygen to form f, bonds combine to 
create marked differences in properties between the first and 
second members of these Groups. The ability to increase the 
coordination number above four has important effects on 
reactivity, and thus on the stability of compounds to air and 
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water. The most striking manifestation is in the carbon 
Group, where there is neither an empty low-lying orbital nor 
unshared electron pairs to provide a low-energy reaction 
intermediate. Among the hydrides and halides, compounds 
such as CH, and CCI, are stable in air and react only under 
vigorous conditions. In contrast, silicon hydrides inflame or 
explode in air and the silicon tetrahalides are hydrolysed 
violently on contact with water. Some part of this difference, 
particularly in the case of the hydrides, may be ascribed to the 
high Si- O bond energy, but this cannot be the sole 
explanation. For example, the heats of the reaction: 


MCI, + 2Н,0 = MO, + 4HCI 


are exothermic and very similar in the two cases, M = C and 
M = Si. A simple explanation of the difference arises if the 
mechanism of the reaction is examined. Carbon tetrachloride 
can react with water only if the strong C — Cl bond is first 
broken, or considerably weakened, as there is no other way in 
which the water molecule can coordinate to the carbon. In 
contrast, silicon tetrachloride may be readily attacked by 
water if the 34 orbitals are used to expand the silicon 
coordination number above four, to give a reaction inter- 
mediate such as Si(OH;)Cl4, which then loses НСІ. In 
support of this theory, silicon tetrachloride is known to form 
complexes, SiCl,.D or SiCl4.D;, with donor ligands, such as 
amines or pyridine (see Figure 17.3). Thus, the great dif- 
ference in reactivity between carbon and silicon compounds 
may be ascribed, in considerable part, to the availability of a 
low-energy reaction path which makes use of the silicon d 
orbitals. Similar effects are probably present in the chemistry 
of the other ф Groups, but, as boron has an empty f level, and 
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FIGURE 17.3 (a) Structure of SiCI42D, (b) possible structure for intermedi- 
ate in hydrolysis of SiCl, 


Ф .l.---.---w 


nitrogen, oxygen, and fluorine have lone pairs in their 
compounds, other means for providing low-energy reaction 
intermediates are present, so differences are less marked in 
these Groups. 

At oxygen, and still more at fluorine, the tendency to enter 
the negative oxidation states as ions or covalent molecules 
becomes more important and re-introduces some resem- 
blance in the general chemistry, especially between fluorine 
and chlorine. These trends may be linked with those in the s 
block elements so that, in the Main Groups as a whole, the 
first row element differs from the rest of its Group. This 
difference is least at the ends of the Periods in the lithium and 
fluorine Groups, and is most marked in the centre, in the 
carbon and nitrogen Groups. 

Size effects in the chemistry of the heavier elements are 
much less distinctive than the changes observed at the head 
of the Group. There is a general tendency for the heavier 
elements to show higher coordination numbers but this is off- 
set to some extent by the weakening of element-ligand single 
bonds already noticed. In oxyacids, antimony, tellurium, 
and iodine give compounds in the Group oxidation state 
where the coordination to oxygen is six-fold in place of the 
four-coordinated oxyions of the lighter elements. In halogen 
compounds there is evidence for ТеЕ or TeF2^ species and 
IF; exists. It is not known whether this trend continues for 
polonium and astatine. 

One further feature of the chemistry of the p Groups is the 
slight discontinuity in properties observed at the middle 
element in each Group (i.e. in the Period from gallium to 
bromine) which was mentioned above. These middle ele- 
ments do not always have properties which interpolate 
between those of the second and fourth element. These 
effects are ascribed to the insertion of the first d shell imme- 
diately preceding this row of Main Group elements—the 
effect is reminiscent of the lanthanide contraction following 
the appearance of the first f shell and has even been termed 
the ‘scandide contraction’. The effects are much less striking 
however than in the case of the lanthanide contraction. 
In the chemistry of the elements, the effect shows up in minor 
anomalies such as the low stability of АѕСІ, compared to 
phosphorus and antimony pentachlorides. Similarly, GeH, is 
found to be stable to dilute alkali while SiH, and SnH4 are 
rapidly attacked. This is not a major effect, and most of the 
chemistry of the second, third, and fourth elements in any p 


Group follows a smooth trend, but the second order anomaly 
clearly exists. 


These points may be summarized: 


(i) The heaviest element in a p Group differs from the rest in 
the stability of oxidation states lower than the Group state, 
in its more metallic character with more basic oxides, and in 
its weak bonding to hydrogen and related ligands. 

(ii) The properties of the middle three elements in ар Group 
form a transition to those of the heaviest element, with the 


lower oxidation states becoming more stable and the oxides 
more basic, etc. 


(iii) There is a sharp discontinuity in properties with the first 


clemem, especially in the carbon, nitrogen, and ygen 
Groups. м » 


iv) The heavier elements tend to show higher coordination 


numbers. 


(v) Minor anomalies are observed in the chemistry of the 
elements of the middle row of the p block as compared with 
the properties of the rows above and below. 

The extent of d orbital occupation appears, from modern 
calculations, to be less than implied by the classical hybridiza- 
tion ideas like spd or sp*d?. Substantial energy contributions 
can arise for d populations of only a fraction ofan electron. We 
shall use the more familiar terminology in this chapter, but see 
the discussion of this in Chapter 18, section 9. See also the 
comment on relativistic effects in section 16.10. 


17.4 The boron Group ns? np* 


17.4.1. The elements, general properties, and uses 
References to the properties of the boron Group elements 
given in earlier chapters include: 


Ionization potentials Table 2.8 and Figure 8.6 

Electronegativities Table 2.14 

Hydrides Chapter 9, especially electron- 
deficient hydrides, section 9.6 


Table 17.4 lists some properties of the elements and Figures 
17.4 and 17.5 give the variations of certain properties with 
Group position. It will be seen from the free energy diagram, 
Figure 17.5, that the III state is the most stable one, except 
for thallium. 

Aluminium, the most common metallic element in the 
earth’s crust, is extracted from the hydrated oxide, bauxite, 
by electrolysis of the oxide (after purification by alkaline 
treatment) dissolved in molten cryolite, sodium hexafluoro- 
aluminate. Boron is found in concentrated deposits as borax, 
Na,B,O5(OH)4,8H20, and similar tri-, tetra-, and penta- 
borates of Na and Ca. The element is formed by magnesium 
reduction of the oxide. The other three elements are found 
only in the form of minor components of various minerals, and 
the elements are produced by electrolytic reduction in 


TABLE 17.4 Properties of the elements of the boron group 


Common 

Oxidation coordination Availability 
Element Symbol stales numbers 
Boron B lil 3,4 common 
Aluminium Al IH 3,4,6 common 
Gallium Ga (D, III 3,6 rare 
Indium In I, III 3,6 very rare 
Thallium TI I, (III) 3,6 rare 


All the elements have high boiling points (above 2000 °C), 
but gallium has an unusually low melting point at 29-8 °C 
which gives it the longest liquid range of any element. 
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FIGURE 17.4 Some properties of the boron Group elements 
The figure shows the covalent radii, the first ionization potentials, 
and the oxidation potentials as functions of Group position. 
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Figure 17.5 The oxidation state free energy diagram for the boron Group 
elements 


aqueous solution. Gallium, indium, and thallium are rela- 
tively soft and reactive metals which readily dissolve in acids. 
Aluminium is also a reactive metal but is usually found with a 
protective, coherent oxide layer which renders it inert to 
acids, although it is attacked by alkalies. Boron is non- 
metallic and the crystalline form is very hard, inert, and non- 
conducting. The amorphous form of boron, which is more 
common than the crystalline variety, is much more reactive. 
Figure 17.6 shows some typical reactions of the boron Group 
elements. 

Boron reacts directly with most metals to give hard, inert, 
binary compounds of various formulae. These borides some- 
what resemble the interstitial carbides and nitrides. Table 
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borides (M = B) 
M?* +H, 
metals M- AI, Ga, In) 
TI*(M- TI) 


heat ( 
* 
heat о, | Н 
Mj; S, Se, Te X; MX; 


MaSei— ar heat TIX(M- TI) 
M;Te; М 
H 
oxyanions best MN(M = Ga, In) 
(М = AI, Ga) n 
H;BO; (M — B) 
MN(M - B, Al) 


FIGURE 17.6 Reactions of the elements of the boron Group 


TABLE 17.5 Some typical borides 


17.5 lists some typical formulae, and some structures, which 
all involve chains, sheets, or clusters of boron atoms, are 
shown in Figure 17.7. The binary compound, boron nitride, 
BN, is interesting as it is isoelectronic with carbon and occurs 
in two structural modifications. One has a layer structure, 
like graphite (but is light in colour) and is soft and lubricat- 
ing, while the other, formed under high pressure, has a very 
hard, stable, tetrahedral structure as in diamond. 

In Li4Ga, there are Ga, icosahedra linked into a three- 
dimensional network. 

Boric oxide and borates find extensive application. Borax, 
and other borates find uses in water treatment, and in 
preserving timber from insects. Larger amounts of sodium or 
calcium borates, and of boric acid or oxide, are used in glass 
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FIGURE 17.7. Examples of the structures of boron units in borides 


(a) shows the configuration of the boron chain in MB compounds, 
(b) the sheet structure found in MB, and (c) the B, cluster in МВ, 
compounds. The В|; icosahedron shown in (d) is found in boron 


itself, in some of the boron hydrides, and in BeB,, and AIB; >. The 
other MB;; species have a related structure. In the tetraborides, 
hexaborides, and dodecaborides, the boron clusters (such as the Bg 
unit in Figure (c)) are themselves linked so that a bonded boron 
framework extends completely through the compound 


Boride examples 


Formula Boron atom structure 

MB single atoms 

MjM' pairs 

MB single chain (Figure 17.7a) 

MB, double chains 

MB, sheets (Figure 17.7b) 

MB, sheets linking В, octahedra 

MB, B, octahedra (which occupy СІ posi- 


tions in a CsCl structure with the 
metals (Figure 17.7c)) 

MB,, three-dimensional lattice consisting of 
linked В, clusters and with metal 
atoms in the middle of each cluster 


Other more unusual species include CuB;;, B, ,M;(M = P, As 


Be, Cr, Mn, Fe, Co, Ni, Mo, Ta, W 

M = Al, Ti, Mo; M' = Cr, Fe, Ni 

V, Cr, Mn, Fe, Co, Ni, Nb, Ta, Mo, W 

V, Cr, Mn, Ni, Nb, Ta 

Be, Mg, Al, Sc, Ti, V, Cr, Mn, Y, Lu, U, Pu, Zr, Hf, Nb, Ta, 
Tc, Re, Ru, Os, Ag, Au 

Mg, Ca, Mn, Y, Ln, Th, U, Pu, Mo, W 


Na, K, Be, Mg, Ca, Sr, Ba, Sc, Y, La, Th, Pu 


Be, Mg, Al, Sc, Y, Ln from Tb to Lu, U, Zr 
and Ки, , Bg. 


manufacture. Borosilicate glasses have a lower coefficient of 
thermal expansion than the more conventional ones, and are 
therefore more robust under heating. Sodium perborate, 
approximately NaBO3.4H,O in composition, is widely used 
as a bleach. This material was once formulated as borate with 
H,O, of crystallization, but it is now established as a true 
peroxyborate with B — O — O links. 

Aluminium oxide, alumina, and related complex oxides 
include a number of widely used species. Recall also that the 
clay minerals, the feldspars, zeolites and other important 
groups are aluminium-silicon-oxygen species (see section 
5.8). Aluminium phosphates, which are isoelectronic with the 
silicates, have a similar range of structures and show promise 
in similar uses, for example in catalysis like the zeolites. The 
compact, inert alpha-alumina occurs as the minerals co- 
rundum (Figure 5.4b) and emery, both very hard, which find 
extensive uses in arbrasives and in refractory and ceramic 
materials. The lower temperature form, gamma-alumina, has 
a much more open structure and can be prepared in forms 
with very high surface areas which are widely used as catalysts 
and as supports for catalysts (compare dehydrosulphuriza- 
tion, for example, section 15.4). Such ‘activated’ alumina is 
also used for chromatography. Alumina, with zirconium 
dioxide, has been produced in the form of very fine, strong 
fibres which have important uses as reinforcing in lightweight 
materials. Thus, aluminium metal reinforced by alumina 
fibres can have up to five times the strength of the metal alone. 
As well as the clay minerals, which in turn give ceramics, two 
other important aluminium — metal ternary oxides are spinel 
(Figure 5.44) and the species called B-alumina which actu- 
ally contains sodium ions and has the approximate formula 
NaAl,,O,,. This is used as the electrolyte in solid state 
electrical cells. The structure is blocks of spinel separated by 
layers of composition NaO. These sodium oxide layers are 
very open, with a number of equivalent Na* positions, so that 
sodium ions move readily, giving rise to the very low 
resistivity. Finally, we note that a major constituent of 
Portland cement is CagAlgO1g which contains a ring formed 
by six AIO, tetrahedra linked by sharing corner oxygens 
(compare the similar 3-tetrahedron ring in silicates, 
Figure 5.14c). 

The elements form sulphides, selenides and tellurides, of 
similar formulae to the oxides, whose structures are based on 
four or six-coordination. Several have interesting electronic 
properties. Two unusual structures are those of Ga4S1s, 
which is the same as P48,o (Figure 17.29b) while Са;Ѕе!9- 
consists of six edge-sharing tetrahedra (Figure 17.8), and an 
extended form related to the many МХ, examples (compare 
Figure 17.13). The other important compounds formed by 
the heavier elements of this Group are the ‘III/V’ binaries, 
especially GaAs and InP, which are very important semi- 
conductors. Structures are ZnS type where each element is 
tetrahedral, and related to Si with which they are 


isoelectronic. 


17.4.2 The (Ш) state | 
The Group state of III is shown by all the elements, and is the 
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FIGURE 17.8 The structure of the GagSefo ion 


most stable state for all except thallium. It is represented by a 
wide variety of compounds, of which the oxygen and halogen 
compounds are typical. There is no evidence for a free M?* 
ion, either in the solid or in solution. A number of solids, 
especially fluorides and oxides, are high-melting and strongly 
bonded, but the bonds are intermediate between ionic and 
covalent and the stabilities of the solids are due to the forma- 
tion of giant molecules with uniform bonding. For example, 
aluminium chloride, bromide, and iodide are volatile, co- 
valent solids, while aluminium trifluoride is high-melting and 
a giant molecule. Similar effects are seen for the other tri- 
fluorides, except for BF3, and for the oxides. In solution, 
extensive hydration and hydrolysis occur and ionic species 
(though often written as cations for convenience) are actually 
much more complex, e.g. АКОН) (Н,О)2* has been shown 
to occur in ‘Al? ** solutions. 

All the elements form the trioxides, usually as hydrated 
species by precipitation from solution or by hydrolysis of the 
trihalides. Chemical and structural properties are given in 
Table 17.6. 

Oxides of the I state are treated later. 

Hydration of the oxides gives a variety of hydrates and 
hydroxy-species. Boric oxide gives boric acid, B(OH);, on 
hydration which forms crystals in which the B(OH), units are 
linked together by hydrogen bonding (Figure 9.18). When 
boric acid is heated, it dehydrates first to metaboric acid, 
HBO,, and ultimately to boric oxide: 


B(OH), — 22 нво, HO BO; 
+Н,О THO 


Metaboric acid exists in three crystalline forms, one of which 
contains the cyclic unit shown in Figure 17.9. The structures 
of the other two are not known with certainty but appear to 
contain chains of BO, and BO, units. The cyclic anion is 
also found in sodium and potassium metaborates. A wide 
variety of other oxyanions of boron exists with very varied 
structural types. Not only are discrete ions, rings, chains, 
sheets, and three-dimensional structures found —as with the 
silicates—but boron occurs both in planar ВО; units and in 
tetrahedral BO, units, and many borates contain OH 
groups. It is impossible to discuss all the borates, but Figure 
17.10 gives a few representative borate structures. 
Aluminium and gallium form hydrated oxides of two types 
—MO(OH) and М(ОН),. These аге precipitated from 
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TABLE 17.6 Oxides of the III state of the boron Group elements 


Oxide Properties Structure 
B20, Weakly acidic Glassy form—random array of planar BO, units 
Many metal oxides with each O linking two B atoms. 
give glasses with Crystalline form— BO, tetrahedra linked in chains. 
B20; as in the 
*borax bead' test. 
AlO, and Amphoteric a-form—inactive, high-temperature form. Oxide 
Ga,0,; ions ccp with metal ions distributed regularly in 
octahedral sites. 
y-form — low-temperature form, more reactive. 
Metal ions arranged randomly over the octahedral 
and tetrahedral sites of a spinel structure. 
In;O; and Weakly basic The structure has the metal ions in irregular six- 
TlO, T1;O; gives О; coordination, and four-coordinated oxygens. The 
and Т1,О on same structure is adopted by most oxides of the 


heating to 100 °C lanthanide elements, Ln;O,.. 
Other Oxides: (BO). formed by heating В+В,О; at 1050 °C. This probably contains both 
В- О-В and B-B links as it reacts with ВСІ, to give ВС}. 
gem forms of alumina: ruby—Al,O, + traces of Cr? * 
blue sapphire—Al,O, + traces of Fe?*, Fe?* or Ti** 
white sapphire—this is the gem form of alumina itself 
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FIGURE 17.9 The cyclic form of metaboric acid —O—B Ов o— 
O^ о 
solution by, respectively, ammonia and carbon dioxide. H H ‹ 
Indium gives a hydrated oxide, In(OH),. In these com- R ? 
pounds the metal is six-coordinated to oxygen. hove х B 
Hydroxy species also occur in solution. Thus boric acid о B- X (d) 
accepts an ОН ^ group in dilute solution and polymerizes in М. AN / 
more concentrated solutions: B—O O—B 
B(OH), +2Н,О = B(OH); + H,O* ud. OH 


ЗВ(ОН); = ВО, (ОН); - HO* +H,0 
The hydrates of the other elements of the Group behave 
similarly. For example: 
M(H;O)$*  M(H;O),(OH?* intermediate stages 
мон 


FIGURE 17.10 Examples of borate structures: (a) in borax, 
Na,B,O0,.10H,O, (b) in metaborates, М,В,О, (cyclic amon), 
©) in linear metaborates, CaB4O,, (d) В.С , 9H, 


and a compound, Ca4[Al(OH),]; has been isolated. Among 
species identified in solution, by a range of methods in- 
cluding ?7Al nmr, аге Al(H5O)e*, AI(H;O)s(OH)?*, 
Al,(OH),(H,0)§* and more highly polymerized entities 
such as Alg(OH);9(H;O0)1* and Al;4304,(OH);4(H20)17 . The 
Al environments are probably all based on AIO, octahedra. 

All the trihalides of all the boron Group elements exist 
and all correspond to the III state, except ТЇЇ; which is the 
tri-iodide, I3, of TI*. The normal trihalides are planar 
molecules which have an empty f orbital in the valence shell. 
Most of the trihalides make use of this empty orbital, both in 
the structure of the trihalide, and in the formation of com- 
plexes of the form MX3.D, where D is a lone pair donor. 
Table 17.7 lists these applications for the halides and for the 
halide complexes. Aluminium, and the heavier elements, 
also use their d orbitals to become six-coordinate. It will be 
seen that the formation of a f, — f, bond in BF;, and the use 
of d orbitals, especially in the fluorides, mirrors the discussion 
of these effects in section 17.2. An interesting example of a 
mixed dimer is provided by NbAICIg which has octahedral 
NbClg linked to tetrahedral AICI, by sharing an edge 
(compare Figures 15.5.b and 17.13). 

Most of the trihalides react with water to give the hydrated 
oxides, but boron trifluoride gives 1:1 and 1:2 adducts, 
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FIGURE 17.11 Internal p,-p, bonding in boron trifluoride 

The p orbital on the boron which is not used in the sigma bonds, 
accepts electrons from the three corresponding fluorine orbitals to 
give internal pi-bonding in BF. 


ВЕ,.Н,О and BF;.2H,0, which are not ionized in the solid 
state. The 1:1 adduct has the expected donor structure, 
F4B.OH;, but the structure of the second is unknown. When 


rABLE 17.7 Acceptor and structural properties of the trihalides of the boron Group elements 


Halide Structural use of empty p orbital Halide complex 
BF, Internal р, — Р, bonding: see note (1) and Figure 17.11 BF, 
ВХ; Possibly slight л bonding іп BCl;, otherwise none. ВХ: 
AIF; Accepts lone pair from fluorine (as do two d orbitals) to AIF; 
give AIF, units in a highly polymerized solid. M.p. above 
1000 *C. 
AIX (Note 2) Accept one lone pair from a halide to give Al; Xs dimer AIX4 


MF; (M = Ga, In, TI) 
Сах, InX; 


TIX, As AIX, (see note 2) 


(Figure 17.12). m.p. 100—200 °C. 
As AIF, (m.p. about 1000 °C). 
As AIX, (m.p. 100-600 °С). 


MCH^, MB", 


MCÓ-, МС; 
MBr, (M = Ga, In) 
TIGE- 


In all cases above, X = Cl, Br and I. 


Note (1) The evidence for internal z bonding in BF; 
pared with that in the BF; ion, 130 pm compar 


trihalides (forming BX;.D) is BBr, > BCl, > BF}. 


density at the boron, the strongly electronegative 


Note (2) For X = Cl, the dimer is found in the vapour but so 
with 6-coordination of aluminium. 
ature, and TICI, loses chlorine similarly at 40°C. 

have an extended bridge structure with both 4- and 6-coordinate 


(compare Table 5.3) 
Note (3) ТІВгз decomposes to TIBr and Br; at room temper 
Note (4) The more complex chloro-gallate, Ga3Cl;o, may 
gallium: 
Cl 
N 


ae 
Cl 


derives from two sources. First, the В – Е bond length is shortened com- 
ed with 142 pm. Second, the order of acceptor strengths for the boron 
As ability to accept an electron-pair depends on the electron 
fluoride would be the strongest acceptor unless other effects intervene. 
lid AICI, exists as a slightly deformed CrCl, layer lattice structure 


Cl Cl Cl Cl |~ 
FIO 


ЛЕ. Күс, 
| Cl Cl CI 
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FIGURE 17.12. The structure of the aluminium tribromide dimer 
The aluminium makes use of its empty р orbital to accept a lone 


pair from a bromine atom in a second AlBr, molecule, giving 
Al;Br,. 


these adducts are melted, they each ionize: 


2ВЕ,.Н,О = (H,O.BF;)* +(HO.BF;)~ 
and — BF,2H;O = H,O* + (НОВЕ,)- 


Among the complex halides, all the MX species are 
tetrahedral while the MX2~ ones are octahedral. All the 
boron Group trihalides act as catalysts in the Friedel- 
Crafts reaction, where their function is to abstract a halide 
ion (giving MX,) from the organic molecule, leaving a 
carbonium ion. As well as the MX; and MX@2° ions shown 
in the Table, the isolation of MCI" ions has been reported 
for indium and thallium. A crystal study shows that, in its 
tetraethylammonium salt, InCl3~ is a square pyramid, 
similar to the structures described in section 13.6. This is 
the first report of this structure for a main group element 
(not to be confused with species like IF; with a lone pair in 
addition). The form probably results from the way the ions 
pack with the large cation into the crystal. There is also one 
binuclear complex ion, ТІ,СІ8 7, in the III state. This has 
the structure shown in Figure 17.13. 


FIGURE 17.13 The structure of the ion, ТС 


The trihalides, and other trivalent MX; species, readily 
form tetrahedral complexes such as BH4, АІХ,.№К,, or 
GaH,.NMe;. A wide selection of 1:1 BX,.D complexes 
exist where D is a lone pair donor such as ammonia, amine, 
water or ether, phosphine, sulphide, etc., and X is halogen, 
hydrogen, or an organic group. The organic compounds 
R;B.D have been much studied to find the factors, such as 
electron attracting power and steric effects, which most 
influence Lewis acid-base behaviour. One anion of analytical 
importance is the tetraphenylboronate ion B(C,H.)4, 
which forms insoluble salts with potassium and the heavier 
alkali metals and is used in their gravimetric determination, 

Complexes of the elements other than boron include both 
tetrahedral types as above and also octahedral complexes, of 
which important examples are the fi-diketone complexes 
shown in Figure 17.14 and the 8-hydroxyquinoline complex 
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FIGURE 17.14 B-diketone complexes of aluminium 


of Figure 17.15 which is used in the gravimetric determina- 
tion of aluminium. These elements form hexahydrates, 
M(H,0)@*, which hydrolyse in solution. Also, hydrated 
salts with this cation and a variety of oxyanions are known. 
Aluminium also forms the well-known series of double salts, 
MAI(SO;);.12H;O, called alums. M is any univalent 
cation and the aluminium may be replaced by a variety of 
trivalent ions such as Cr?*, Fe?*, Co?*, Ga?* or Ti?*. 
The crystals contain M(H,O)¢, AI(H;O)2* —or other 
M(H,0)@* ions—and sulphate ions. 


17.4.3 Organic compounds and Ziegler-Natta catalysts 

All the boron Group elements form organic compounds, 
R3M, and also mixed types, R;MX and КМХ,, with 
halogens and related groups. The boron compounds are 
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FIGURE 17.15 The 8-hydroxyquinoline complex of aluminium 


This is commonly used to determine aluminium gravimetrically. 


monomers with planar BC, skeletons, but the later members 
of the Group give dimeric or polymeric compounds. The 
halides dimerize through halogen bridges similar to those in 
^1; Xs. The purely organic compounds polymerize through 
electron deficient carbon bridges, as in Al; (CH3)6, shown in 
Figure 9.13, similar to the bonding in diborane. 
Organo-aluminium compounds are involved in a number 
of related, and commercially important, catalytic processes 
which arose from the work of Ziegler. The basic discovery 
was that А1— Н bonds add across ће alkene double bond 
coupled with the fact that aluminium metal reacts under 
fairly easy conditions with hydrogen in the presence of 
aluminium alkyl. Thus, Al—H bonds may be formed and con- 
verted into Al— Cin the overall process shown in equation (1). 


AIR; 
Al+3H,+3RCH = CH; —> Al(CH,CH)R)s . . . (1) 


The addition is to terminal double bonds. The AI— C bond 
in turn will add across a terminal double bond, in a series 
of steps which leads to growth of the alkyl chain 


R,AL- В+ R'CH- CH; > R,AICH,CH(R)R’ ete. — (2) 


Finally, the process may be terminated by the reverse step to 
(1), yielding a long-chain a-alkene, or hydrolysis and oxida- 
tion is used to yield an alcohol 

, H2O 
R;AI - CH;CHRR' es R,AIOCH,CHRR — 
R;AIOH - RR'CHCH;OH.... (3) 


All the AI—R links are eventually broken in step (3). 
There are several applications of this process: firstly, using 
ethylene and high pressures at 160 °C, steps (1), (2) and (3) 
can be arranged to produce alcohols with chain length about 
Сү which are used in the production of bio-degradable 
detergents. Secondly, using ethylene at about 100 °C, steps 
(1), many repetitions of (2), terminated by the reverse of 
(1) produces polythenes with average chain-length about 
C200: Thirdly, longer chain olefins may be dimerized, as in 
the formation of isoprene via the dimerization of propene 


осн,сн=сн, 0.394 ®), cg, cH, cH; C(CH;) - CH; 


heat cH, + CH) - CHC(CH;) - CH; 
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Isoprene polymerization itself takes place in the presence of 
catalysts including aluminium alkvls 


A further process, developed in part by Ziegler and partly 
by Natta, is an extension of the olefin polymerization The 
process above, steps (1), (2) and the reverse of (1), gives a 
wide spectrum of chain lengths and disordered polymers 
which are soft and low-melting. In the Ziegler-Natta process, 
a transition metal halide, such as TiCl,, is added to an alu- 
minium trialkyl and the resulting reaction mixture is found 
to catalyse. the polymerization of alkenes, giving а sterco- 
regular product (one where, for example, all the sidechains 
lie the same way) and these regular polymers are тис h 
higher melting and more crystalline. For example, while 
ordinary polythene softens below 100 “С, polythene from 
the Ziegler-Natta process melts at 130-135 C. Later im- 
provements include ‘second generation’ catalysts involving 
ТИШ) or Cr, often on MgCl, supports, and also the use of 
homogencous catalysts functioning in solution, involving 
organometallic Al and metal compounds. Such improve- 
ments aim at narrower ranges of molecular weights in the 
polymers, particular geometrical order, or greater case of 
processing. 

The exact nature of the catalytic process is still under 
study, A variety of transition metal halides may be used 
together with other active organometallic species in place of 
the AIR. For, ТІСІ, it is established that the titanium is 
reduced to the III (or lower) state and one theory is that the 
catalysis takes place on the crystal surface of the reduced 
species. A chain growth process like (2) occurs but, as it is 
on a surface, the approach of the incoming olefin is oriented, 
giving a regular polymer. The aluminium alkyl acts as the 
reducing agent and also forms Ti — К groups on the surface 
to provide growth sites. An alternative theory suggests some 
Ti... X... Al bridge which provides the active site, where 
X may be an organic group or a halogen. Here again, the 
orientation. of substituents is postulated to restrict the 
attacking alkene into a regular and repeatable orientation, 
giving a regular orientation of the product. 

This is supported by the observation that optical isomers 
may be separated during the polymerization. The active site 
is regarded as an ordering matrix analogous to, though 
simpler than, the active sites on enzymes in biochemical 
catalyses. 


17.4.4 The (1) oxidation state and mixed oxidation state compounds 
The I oxidation state is most important in thallium chemistry 
where it is the most stable state. The few common thal- 
lium(III) compounds, such as the oxide and halides, are 
strongly oxidizing, and the potential TI? * /T 1* of 1:3 V in 
acid solution makes thallium(III) in solution as oxidizing as 
chlorate or MnO;. Thallium(I) compounds are stable and 
show some resemblances to both lead (I1) compounds and to 
those of alkali metals. The oxide, ТІ,О, and the hydroxide, 
TIOH, are strongly basic, like the alkali metal compounds, 
and absorb carbon dioxide from the atmosphere. The halides 
resemble lead halides in being more soluble in hot water than 
in cold and behave in analysis like the lead or silver com- 


308 THE ELEMENTS OF THE 'p' BLOCK 


yellow 
strong base 
I state CI- etc. 
S3 100 °C CO; 
ThS| TIX] то T1;(COj) 
black 

Tl heat А TIS; 40 °С fioo c H,0, 

S TRO; 

Cl, brown-black 

III state PEN 


ТІСІ Сг TIO(OH) 


FIGURE 17.16 Reactions of thallium compounds 


pounds. Tl! forms a number of stable salts which are 
generally isomorphous with the alkali metal ones; examples 
include the cyanide, perchlorate, carbonate, sulphate, and 
phosphates. TIF has a deformed sodium chloride structure 
in the solid, while the other thallous halides crystallize with 
the cesium chloride structure. The chemistry of thallium is 
indicated in Figure 17.16 which shows the interrelation 
between the two oxidation states. 

The I oxidation state becomes rarer and less stable as the 
Group is ascended. Gallium forms unstable monohalides and 
a sulphide. The oxide Са;О is formed by heating Ga,O, with 
Ga, and disproportionates at higher temperatures. Indium(I) 
halides are more stable, but In;O needs further study, while 
both gallium and indium form various sulphide phases as well 


as M5S,. The monohalides are interesting. The yellow form of 


InCl has the distorted NaCl structure like TIF. In its red 
modification, together with InBr, InI, and TII, a 7:7 
coordinated structure is found, where the coordination shell is 
1:4:2—that is, like an octahedron but with two M atoms 
spanning the site of one apex. This structure may be seen as 
intermediate between the 6:6 NaCl one, and the 8:8 CsCl 
structure of TICI, TIBr, and the second form of TII. 
Gallium, indium and also thallium, form halides of formula 
MX, which are mixed valency species containing the I state 
cation and the III state complex anion, M*[MX;] . A 
similar mixed valency formulation is found for In;Cl,, T1,Cl, 
and Tl;Br, which have octahedral M(III) complex anions, 
М; [MX,]*~. Related compounds with these anions such as 
Ga*[AICI,]^ or TI; [InClg]?^, are known. In contrast, 
M,Brs, for M = Ga or In, contain the diatomic [M ~ M]?* 
cation, formally M(I), and the M,Br¢?~ 
below. 
Crystal structures of these mixed halides have allowed the 
determination of the M* radii, which show less variation 
than the alkali metal ions. Thus Goldschmidt radii are 


anion mentioned 


Ga* = 141 pm, In* = 143 pm, and TI* = 149 pm, compare 
Table 2.12. 

СаШит(11) is found in the Ga; Хе ^ species for X = Cl, Br, 
I, prepared electrolytically from gallium in strong acid. The 
structure appears to be X,Ga — СаХ3 7, like the isoelectronic 
Ge;Cl, The formal +11 state then arises because of the 
metal-metal bond. The halides СаХ, are mixed oxidation 
state species containing the ion 


(Ga*),(Ga,X¢)?~. 


Formal (П) states are shown in the ME species when M = 
Ga, In or ТІ and E=S, Se, or Te. Two structures are 
common. The lighter combinations have the GaS structure 
where there are successive layers in the sequence 
---—§-—Ga-—Ga-S—S-Ga:--where the (II) states arises 
because of the Ga-Ga bonds, and the elements are four- 
coordinated. For InTeand the Tl species, the apparent II state 
arises from mixed (I) plus (111) as in TI(1)[T1(111)S,] where 
the TIS; formula represents an infinite chain of TIS, tetra- 
hedra linked by shared edges. 

An extremely interesting group of compounds involves 
benzene and methyl-substituted benzenes. It was reported in 
1881 that the compounds of formula GaX, меге unex- 
pectedly soluble in benzene and could be isolated as benzene- 
containing solids. Studies a hundred years later isolated 
Ar,Ga* complexes, where Ar = C6H6 or C;H3Me; and the 
Ga was equidistant from the six carbons (compare dibenzene 
chromium, section 16.3). A similar TI(I) species is also found. 
When a more hindered benzene is used, at a lower ratio, the 
compound ArGa* was isolated as the GaBr; salt for Ar = 
CeMeg. The ring is almost planar and the Ga lies 255 pm 
above its centre completing a hexagonal pyramid. The in- 
teraction is stronger than in the Ar,Ga* ions (Ga to ring = 
267 pm) and there is a weak interaction (distances 320 to 
360 pm) with 5 Br atoms from GaBrg ions (the Ga(III)-Br 
distance is 232 pm). Analogous, isoelectronic Ar-Sn(1I) com- 
plexes are also known. 

Although Al,O and AIO have been identified in the 
vapour phase above 1000°C, aluminium chemistry at 
ordinary temperatures is almost entirely of the III state. The 
formal II state, arising from an Al—Al bond is found in 
species formed by 


R,AIX +2K > R;AI — AIR; + 2KX 


where R is a bulky organic group like (CH,),CH. With 
smaller R groups, or on heating, К,А! and aluminium metal 
are formed. 

Boron is found in low formal oxidation states in the 
hydrides and in a variety of halides. The latter include the 
dihalides, В, X, and lower-valent boron fluorides which are 
related to BF; by replacing Е by a ВЕ, group: (F;B),BF3- 
for n — 0, 1, 2, and 3. These are prepared by treating B5Cl4 
with SbF; or by strongly heating BF, with boron. FB(BF3)2 
disproportionates at — 30?C, to give BF, and B,F,;, while 
the 1 — 3 member is not stable alone but does form adducts 
with L = CO or PF;, (BF,),BL analogous to H,BCO or 
H3BPF,. It has been suggested that the rather unstable BaF y2 


is the analogue of diborane with the structure 


РВ. ВЕ, ВЕ, 
Nu io Nu 


B B 
"ым ых 
B F; BF, 
Like diborane, it gives monomer adducts 
В.Е, +СО > (BF;j,BCO 
compare B,H, 4- CO ^ H4BCO). 


2 B 


17.5 The carbon group, ns*np? 

17.5.1 General properties of the elements, uses 

References to the properties of the carbon Group elements 
which have already occurred include: 


Ionization potentials Table 2.8 
Atomic properties and 

electron configuration Table 2.5 
Radii Table 2.10 
Electronegativities Table 2.14 
Redox potentials Table 6.3 
Hydrides Chapter 9 
Structures of elements Section 5.9 
Structures of silicates Section 5.8 


Table 17.8 summarizes some properties of the elements, 
and the variation with Group position of ionization poten- 
tials, radii and oxidation state free energy is indicated in 
Figures 17.17 and 18. The use of carbon in metal extraction 
is discussed in section 8.7. 

All the elements are common except germanium, which 
occurs as a minor component in some ores, and also in trace 
amounts in some coals. Carbon, of course, occurs in all living 
things, and in deposits derived from them such as coals, oils, 
and tars. Hard coals like anthracite have high carbon 
contents. Heating coals to form coke removes hydrogen 
components leaving carbon containing a low percentage of 
metal compounds. Pure carbon is formed by pyrolysis of 
hydrocarbons and, as graphite, finds substantial industrial 
and electrical uses. Silicon, with oxygen, is the major 
component of the earth’s crust and the vast majority of rocks, 
minerals, and their breakdown products the sands and clays, 


TABLE 17,8 Properties of the elements of the carbon Group 


Structures 

Element Symbol of elements 
Carbon C G,D 
Silicon Si D 
Germanium Ge D 

Tin Sn D,M 

Lead Pb M 
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FIGURE 17.17 Some properties of the carbon Group elements 

The Figure shows the variation, with Group position, of the atomic 
radii and the sum of the first four ionization potentials. The charac- 
teristic differences between first and second elements, and the 
similarity between second and third elements, are noticeable here. 


are silicates. Tin occurs in concentrated deposits as the oxide 
cassiterite, SnO. Lead also occurs in concentrated form as the 
sulphide, galena, PbS. As both Sn and Pb are readily formed 
from their ores by heating with carbon in the form of wood 
fires, these two metals were among the earliest to be produced 
and used by man, Lead was particularly widely used by the 
Romans for water pipes (‘plumbing’ comes from Latin 
Plumbum, lead) while tin was the vital additive to copper (also 
an ancient metal) to form the much harder alloy, bronze. 
Current uses still reflect the ancient patterns, with much of 
tin consumption being in alloys, and lead being phased out 
from water supply uses only in the second half of this century 
as awareness ofits toxicity increased. About half of modern tin 
production is used in tin plate, where its inertness protects the 
underlying steel. Another use is in glass manufacture where 
the absolutely smooth surface required for the formation of 
sheet glass is provided by a bath of molten tin (making use of 
the inertness and non-toxicity of tin). A major outlet for both 
metals is in alloys—solders which are basically Sn/Pb, type 


Oxidation Coordination 

States numbers Availability 
IV 4,3,2 соттоп 
IV 4, (6) common 
(ID, IV 4,6 rare 
II, IV 4,6 common 
П, (IV) 4,6 common 


G = graphite, D = diamond, and M = metallic forms 


€ 
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FIGURE 17.18 The oxidation state free energy diagram for elements of the 
carbon Group 

It will be seen that Ge(II) is unstable, $п(11) of nearly the same 
stability as Sn(IV), and Pb(IV) is very unstable relative to Pb(II). 


metals which are Sn/Pb/Sb, pewters which are now mainly 
Sn/Sb but formerly contained some Pb, bearing alloys which 
are around 9 Sn to | Pb, and the tin-copper alloys bronze and 
brass (with Zn). All such alloys have a range of compositions 
optimized to different uses, and contain a number of other 
elements as minor components to refine the properties. The 
toxicity of lead is starting to limit some of its traditional uses, 
such as ceramic glazes. (It is thought that some of the less 
rational behaviour of the Roman emperors was due to lead 
poisoning from glazes used on wine jars.) It is widely used in 
batteries, in priming pigments, in sheathing for heavy-duty 
cables, as well as in alloys. The structures of the elements are 
discussed in section 5.9 and illustrated in Figure 5.15. 

First germanium, and then silicon, became extensively used 
in very pure forms in semi-conductor devices, which are at the 
basis of the whole electronic industry, including computer 
hardware, Germanium now accounts for only a few percent of 
the electronic use, and other materials, like the binary GaAs, 
make significant contributions, but the major use is of silicon. 
Since the detailed tailoring of a semiconductor demands the 
controlled addition of different elements at less than the parts 
per million level, silicon or germanium are first produced 
from purified oxide, via a cycle of MCI, distillation, and 
reduction to the element. They are then produced in very 
high degrees of purity (better than 1:10?) by zone refining. In 
this process, the element is formed into a rod which is heated 
near one end to produce a narrow molten zone. The heater is 
then moved slowly along the rod so that the molten zone 
travels from one end to the other. Impurities are more soluble 
in the molten metal than in the solid and thus concentrate in 
the liquid zone which carries them to the end of the rod. 

Uses of compounds of the carbon Group elements include 


all the well-known industrial organic chemicals like the oil and 
plastics industries (see below for uses of organometallic 
compounds of the other elements of the Group). Silicon 
dioxide and silicates are the major components of glasses, 
ceramics, pottery and related products, while pure SiO, is 
important in finely-divided high surface area forms for 
adsorption uses in industry, medicine and the laboratory. 
Fused silica is a very high-melting, inert, glass with very low 
expansion coefficient. Silicon carbide, SiC, is the abrasive 
carborundum. 

Of the aluminosilicates, continuous expansion in industrial 
uses of zeolites (section 5.8) has led to a major advance with 
the development of methods for the synthesis of zeolites with 
selected channel sizes and the development of applications as 
catalysts. By heating SiO;, Al,O3 and NaOH in appropriate 
proportions in presence of an alkyl-ammonium sail, the 
zeolite cage builds up around the ammonium ion as template. 
Use of different size alkyl groups allows control of pore size. 
The ammonium ion is finally removed by heating. One 
important application is the use of the zeolite ZSM-5 (by 
Mobil) to catalyse the conversion of CH OH into petroleum 
hydrocarbons. Appropriate channel size means that straight 


chain hydrocarbons like octane, together with a proportion of 
aromatics, are formed while branched chain species do not fit 
the channels and are selected against — thus yielding а petrol 
of high octane number. As methanol is readily formec from 


any carbon source through the catalysed conversion of 
synthesis gas (CO plus hydrogen), this provides a route for the 
formation of liquid petroleum fuels from non-oil sources. 

As it is possible to modify the zeolite lattice further by 
incorporating other metal ions, a wide variety of zeolites is 
potentially available, and many different catalytic applica- 
tions are being developed, including hydrogenation, pet- 
roleum cracking and reforming, and oxidation. The last is an 
important advance—zeolites containing VO or Cr groups 
form formaldehyde with 70%, selectivity for example — as 
controlled oxidation processes for hydrocarbons are greatly in 
demand. 

The aluminosilicates arise by replacing some of the Si** 
positions іп SiO, by АІ?* (compare section 5.8), and 
balancing out the charge by additional cations. If 2 Si are 
replaced by (Al + P), aluminium phosphate results which is 
isoelectronic with SiO, and has similar structural properties. 
Some imbalance between Al and P numbers would then 
create a charged lattice analogous to the aluminosilicates. Of 
particular interest is the reaction of aluminophosphate latt- 
ices with open channels, similar to the zeolites which will act 
as shape-selective catalysts. Present indications are that the 
alumino-phosphates will offer features complementary to 
those of the zeolites, with possibilities for higher selectivity. 
The alumino-phosphates are prepared with similar alkyl- 
ammonium cation templates to the zeolite structures. 

Tin dioxide is a component of heterogeneous catalysts, is 
used widely in ceramics and enamels, and — as a very thin 
film —in electroluminescent devices. Treatment of glass with 
SnCl, deposits a thin film of SnO, on the surface which adds 
markedly to the toughness. All the carbon Group elements 


TABLE 17.9 Types of binary carbide 
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State of aggregation 


of the carbon atoms 


Single atoms 
(a) salt-like carbides 


(b) transition element carbides 


Linked carbon atoms 


(a) С, units ‘acetylides’ 


Oxyanions 
(b) C3 chain? 
(c) C, chains 


Carbon sheets (lamellar 
(a) Buckled sheets 


(b) Planar sheets 


are fairly unreactive, 


Properties 


Yield mainly CH, on hydrolysis 
(i) Conducting, hard, high melting, chemi- 
cally inert 


(ii) Conducting, hard, high melting, but 
chemically active: give C, H}, and mixed 
hydrocarbons on hydrolysis 


(i) СаС, type—ionic, give only acetylene on 
hydrolysis 


(ii) ThC, type—apparently ionic, give a 
mixture of hydrocarbons on hydrolysis 


Gives allylene, H4C — C= CH, on hydrolysis 
C-C spacing in chain is similar to that in 
à hydrocarbons 
structures derived from graphite) 
Non-conducting, 
coordinated 


carbon atoms are four- 


Conducting л system is preserved 


with reactivity greatest for tin and lead. 


Examples and structures 


Be,C (antifluorite) Al4C, 

MC, M = Ti, Zr, Hf, Ta, W, Mo 
(sodium chloride 

W,C, Mo;C 

Compounds of the elements of the later 
transition Groups, e.g. M,C where M 
= Fe, Mn, Ni 


MC;, M = Ca, Sr, Ba: structure related 
to NaCl (Figure 5.13) 

Also Na;C;, K2C2, CuzC2, Ag2C2 

ThC, and MC; for M = lanthanide 
element, Structure. (Figure 17.19) also 
related to sodium chloride 


Mg;C;,—may contain С4 7 ions 
Cr4C,.- C- C—C- chains running 
through a metal lattice, compare FeB 


(i) ‘graphite oxide’ from the action of 
strong oxidizing agents on graphite. С:О 
ratio is 2:1 or larger and the compounds 
contain hydrogen. C=O, C - OH, and 
С O- С groups have been identified 
(ii) ‘graphite fluoride’ from the reaction 
with F}. White, idealized formula is (CF), 
with n about 1-1. The C atoms within the 
sheets are bonded to one F, while the sheet 
edges are CF, units. These species have 
advantageous properties as high tempera- 
ture lubricants. 

(i) Large alkali metal compounds—of K, 
Rb, or Cs: e.g. CgK. The metal is ionized 
and the electron enters the л system, while 
the metal ions are held between the sheets 
(ii) Halogen compounds. Х ions are held 
between the sheets and positive holes are 
left in the z system which increase the 
conductivity 


various carbide types and Figures 17.19 and 5.13 give some 


They are attacked by halogens, alkalies, and acids. Silicon is 
attacked only by hydrofluoric acid, germanium by sulphuric 
and nitric acids, and tin and lead by a number of both 
oxidizing and non-oxidizing acids. - 
Carbon reacts, when heated, with many elements to give 
binary carbides. Numerous silicides also exist and these are 
similar to the borides in forming chains, rings, sheets, and 
three-dimensional structures. Table 17.9 summarizes the 


of the structures. 

The carbon Group shows the same trend down the Group 
towards metallic properties as in the boron Group. The II 
state becomes more stable and the IV state less stable from 
carbon to lead. Carbon is a non-metal and occurs in the 
tetravalent state. Silicon is metalloidal, but nearer non- 
metal than metal, and forms compounds only in the IV 
state, apart from the occurrence of catenation. Germanium 
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FIGURE 17.19 Structure of thorium carbide, ThC, 

As in CaC;, the С, units occupy halide ion positions іп a NaCl-type 
structure but differ in being oppositely aligned in successive layers 
(compare Figure 5.13). 


is a metalloid with a definite, though readily oxidizable, II 
state. Tin is a metal and its II and IV states are both reason- 
ably stable and interconverted by moderately active re- 
agents. The Sn**/Sn?* potential is —0-15 V and tin(II) 
in acid is well-known as a mild reducing agent. Lead is a 
metal with a stable II state. Lead(IV) is unstable and 
strongly oxidizing. 

The elements of the carbon Group are particularly char- 
acterized by their tendency to catenation, i.e. to form chains 
with links between like atoms. Carbon, of course, has this 
property in an exceptional degree. In the hydrides, chains of 
up to ten atoms are established for silicon and germanium, 
as in SijoH 2, and distannane, Sn;H, is known. Silicon also 
forms long chain halides but germanium is limited to 
GeCl, and Ge;Cl, as far as present studies go. However, 
when the chain is fully substituted by organic groups, as in 
M,(CH3)2,42, there is no apparent limit to n for M = Si, 
Ge, and Sn. In these compounds, as with silanes and ger- 
manes, the restriction is the experimental difficulty of 
handling high molecular-weight compounds. While the 
hydrides readily oxidize, and the halides hydrolyse rapidly 
in air, the organo-derivatives are moderately stable to attack 
by air. Lead compounds are more restricted, but Pb;R, 
species are well-known. In addition, these elements form 
compounds (MR), which are ring compounds. Rings with 
n = 4, 5 and 6 are known for M = Si, Ge and Sn where R 
is phenyl and an Sng ring is also reported for R = Me. 
There are indications of larger rings, especially for tin. Not 
only are straight chains and rings observed, but there is also 
definite evidence for the existence of branched chains. The 
compound (Ph,Ge) ,GeH has been identified and branched 
chain hydrides of M4 and М, forms (M = Si, Ge) are indi- 
cated by chromatographic experiments. For tetrasilanes and 


tetragermanes, the n- and iso- forms have been separated on 
the macro-scale, as have two of the three Ge,H,, isomers 
and related silicon-germanium species (see section 9,5). 
Recently, a number of compounds (Ph3M),M' (M = Ge, 
Sn, Pb and M’ = Sn, Pb) have been reported. The penta- 
plumbane of this neo-form, Pb(PbPh;),, is the only other 
species with Pb — Pb bonds. 


17.5.2 The (IV) state 

The IV state is found for all the elements of the Group, and is 
stable for all but lead. Its properties are well illustrated by the 
oxygen and halogen compounds. The oxygen compounds are 
listed in Table 17.10. All the dioxides are prepared by direct 
reaction between the elements and oxygen. They are also 
precipitated in hydrated form (except CO; of course) by 
addition of base to their solutions in acid. No true hydroxide, 
M(OH),, exists for any of the elements. 

The very marked effect of 5, — p, bonding on the structures 
of the carbon, as compared with the silicon, compounds is 
obvious, as is the tendency towards a higher coordination 
number to oxygen for the heavier elements. 

The oxyanions are also listed in Table 17.10 and comprise a 
wide array of compounds because of the strong tendency to 
form condensed polynuclear species based on EO, coordin- 
ation for E = Si, Ge (compare silicates, section 5.8) or EOg 
units for the heavier elements. While the naturally-occurring 
silicates tend strongly towards ring, sheet, and three- 
dimensional structures, use of different counterions may give 
alternative structures. It is perhaps significant that the first 
short chain silicate (Si,O,4)!9^ was recently isolated as the 
Ag* salt. 

The formation ofthe heavier chalcogenides also reflects the 
relative stabilities of the II and IV states. While Si, Ge, and 
Sn, form such compounds as GeS, or SnSe;, there are no such 
compounds of lead. Among the interesting complex species 
(again underlining the IV state stability) are Sn; Te,*~ (two 
tetrahedra sharing an edge) and Si,Seg?^ where the 
apparently anomalous oxidation state arises from a Se — Se 
bridge which links two SiSe, units, completing a tetrahedron 
at each Si. 

All the tetrahalides, MX,, are found except for lead (IV) 
which is too oxidizing to form the tetrabromide or iodide. 
All may be made from the elements, from the action of 
hydrogen halide on the oxide, or by halogen replacement. 
All the carbon tetrahalides, all the chlorides, bromides, and 
iodides, and also SiF, and GeF 4, are covalent, volatile mole- 
cules. The volatility and stability fall in a regular manner 
with increasing molecular weight of the tetrahalide. By 
contrast, SnF, and PbF,, are involatile solids with melting or 
sublimation points at 705 °C and 600 °C respectively. They 
have polymeric structures based on M Е, octahedra, with 
partially ionic bonding, as has aluminium trifluoride. Thus 
the tetrafluorides of the carbon Group parallel the trifluor- 
ides of the boron Group in changing from volatile to in- 
volatile and polymeric, but the change-over comes further 
down the Group. Bond lengths are given in Table 2.10b. 

Carbon tetrafluoride (and all the fluorinated hydrocar- 


TABLE 17.10 Oxygen compounds of carbon Group elements 
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Compound Properties Structure 

Diox ide y 

CO; Monomer, weak acid Linear, O* C=O 

SiO; Involatile, weak acid 4:2 coordination with SiO, 
tetrahedra (see Figure 5.4b) 

GeO, Amphoteric Two forms: one with a 4:2 
silica structure, and one 
with the rutile (6:3) struc- 
ture 

SnO; Amphoteric Rutile structure 

PbO, Inert to acids and bases Rutile structure 


Other Oxides (excluding monoxides ) 


СО, Carbon suboxide, prepared by 
dehydrating malonic acid 
P,O 
СН,(СООН), ў О= С= С= С=0 
Pb,O; Red lead: oxidizing, contains both Pb(IV) 
and Pb(II) 
Oxyanions 
Carbonate [8,0 
Silicates Wide variety (section 5.8) 
Germanates Variety of species 
Stannates M(OH2- 
Plumbates / * (ОН) 
Oxyhalides 
carbonyl halides 
COF, b.p. —83 °C 
COCI, (phosgene) Stable 
COBr, Fumes in air 


silicon oxyhalides "t 
These are all single-bonded species containing 
n = 4,3, 2, 1 or 0) or rings (for example ( 


bons) and carbon tetrachloride are very stable and un- 
reactive, though CCl, will act as an oxidizing and chlorinat- 
ing agent at higher temperatures. Carbon tetrabromide and 
iodide are stable under mild conditions, but act as halo- 
genating agents on warming, and are also decomposed by 
light. 

The silicon tetrahalides, except the fluoride, are hydro- 
lysed rapidly to ‘silicic acid’ which is hydrated silicon dioxide. 


Linear, C-C and C-O 
distances are intermediate 
between those expected for 
single and for double bonds 


Figure 17.20. The structure 
consists of Pb'YO, octa- 
hedra linked in chains; the 
chains are joined by pyra- 
midal Pb"O, groups 


Planar with x bonding 
Formed from SiO, units 
Contain both GeO, and 
GeO, units 

Contain octahedral MO, 
units 


X 


All are planar X= о 
х 


Other, mixed, oxyhalides such as COCIBr are known 


Pa = Р. bonding between first 
row elements giving x-bond- 
ed monomer 

There is some weak f, ^ d, 
bonding in some Si О - Si 
systems, though not in the 
oxide. 

The Ge/O radius ratio is on 
the borderline between six- 
and four-coordination 


Strongly oxidizing 
The molecule contains ex- 


tended x bonding of the 
same type as in CO). 


Again Cand O give p, bonds 


Compare the two forms of 
germanium dioxide 


Rapidly hydrolysed 
Very poisonous: has been 
used as nonaqueous solvent 


—si—O-Si-—O- chains (for example, С151— (ОЅІСІ, — ),OSiCl; with 
SiOX;)4 where X = Cl or Br) 


The heavier element tetrahalides also hydrolyse readily, but 
the hydrolysis is reversible and, for example, GeCl, can be 
distilled from a solution of germanium (IV) in strong hydro- 


chloric acid. 


A very wide range of 6-coordinate complexes MX4. 2D is 
formed by the tetrahalides, and 5-coordinate species such as 
R,SnX5_, (n = 1, 2, 3) are also well-known. The latter have 
a trigonal bipyramidal structure. Seven-coordination is found 
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FIGURE 17.20 The structure of Pb3O4 

The structure contains Pb'YO, octahedra linked together into 
chains by sharing edges. These chains are, in turn, linked by 
Pb"'O, pyramidal units which both link two of the РЬ" chains and 
form a chain of Pb"O, units. 


in Me;Sn(NCS);(terpy) where the 3 nitrogens of the terpy 
(sce Appendix B) and the two NCS groups form an almost 
regular pentagon with the methyls on the axis completing a 
pentagonal bipyramid. Eight-coordinate lead is found in 
(СеН,), (СНСОО): РЬ”. The structure is a hexagonal 
bipyramid with the phenyl groups on the axis and the three 
bidentate acetates lying in the central plane. 


17.5.3 Hydride and organic derivatives 
Hydride-halides of the types MH4X, MH;X;, and 
MHX, are also formed. Most representatives of these 
formulae (for X = F, Cl, Br, I) are found for silicon and 
germanium, but a few tin compounds, such as SnH,Cl, are 
also known. Such compounds are key members of synthetic 
routes to organic and other derivatives, as in reactions such 
as: 
SiH,Br+RMgX 
or GeH,I+AgCN 


и 


RSiH, (R = organic radical) 
GeH,CN + AgI 


It has recently been discovered that the higher hydrides of 
silicon and germanium behave similarly, and all the com- 
pounds M;H,X, for М = Si or Ge, and X = F, Cl, Br, and I, 
have been prepared. 

The elements from silicon to lead have an extensive 
organometallic chemistry and a wide variety of MR, and 
M;R, compounds exist, with sigma metal-carbon bonds 
of considerable stability. Organotin and organolead com- 
pounds have been studied for their pharmaceutical and 
biocidal properties and organogermanium compounds may 
have similar properties. Tetra-ethyl lead is manufactured 
on a large scale as an anti-knock agent for petrols. All 
the tetra-alkyl and tetra-aryl compounds are stable, al- 
though stability falls from silicon to lead and the aryls are 
more stable than the alkyl. For example, tetraphenyl- 


silicon, Ph,Si, boils at 530 °C without decomposition, tetra- 
phenyllead, Ph,Pb, decomposes at 270 C, while tetra- 
ethyllead, Et,Pb, decomposes at 110 °C. A wide variety of 
organocompounds, with halogen, hydrogen, oxygen, or 
nitrogen linked to the metal, is also known and this class 
includes the silicone polymers. These are prepared by the 
hydrolysis of organosilicon halides : 


ГЕ R 
| 
R,SiCl, ^ -Si- O- Si- O-Si- O- 


R R R 


This long-chain polymer is linked by the very stable silicon — 
oxygen skeleton and the organic groups are also linked by 
strong bonds so the polymer has high thermal stability. The 
organic groups also confer water-repellent properties. The 
chain length is controlled by adding a proportion of & ,SiCl 
to the hydrolysing mixture to give chain-stopping ~ OSiR, 
groups, while the properties of the polymer may also be 
varied by introducing cross-links with RSiCI;: 


R,SiCl, + R4SiCI -- КІСІ, — Si 


R R R R O 
| | | | 
R5Si- O-Si-O-Si-O-Si-O-Si-O-Si- O— 


| | | | | 


R о R R R 


The elements from silicon to lead use their d orbitals to 
form six-coordinated complexes which are octahedral All 
four elements give stable MF2~ complexes with a wide 
variety of cations. The МСІ > ion is formed for M = Ge, Sn, 
and Pb, and tin also gives SnBr? 7 and Snl? . In addition, а 
variety of MX4L, complexes are formed by the tetrahalides 
with lone pair donors such as amines, ethers, or phosphines. 
The chemistry of the tin compounds is particularly well- 
explored, and both cis and trans compounds аге known. 
When stannic chloride was reacted with phosphorus penta- 
chloride, Cl~ transfer took place (compare PCI, itself sect- 
ion 17.6.2) to yield (PCI; )SnCl2 ^, and the mixture also 
yielded Sn, Ch, (with a structure involving two octahedra 
sharing an edge) and SnCl, (trigonal bipyramid). Six- 
coordinate complexes may also be formed by the organic 
derivatives of Ge, Sn, and Pb, as long as there are cnough 
electronegative substituents to give reasonable acceptor 
power. Thus we find Me;SnCI2^, and Me,Sn;Cl; , cach 
with octahedral Sn and trans Me groups, and the latter with 
two bridging Cl 


There are a much more limited number of five-coordinated 
species including МЕ; for M = Si, Ge, or Sn, and MCI; for 
Ge and Sn. The chlorides are trigonal bipyramids, as 
expected, as are the fluorides in the presence of large cations. 
However, with smaller cations the fluorides form a cis 
fluorine-bridged polymeric structure. 

The 4 orbitals are also used in internal z bonding, especi- 
ally in silicon compounds. The classic case is trisilylamine, 
(SiH4)4N Figure 17.22. This has a quite different structure 
from the carbon analogue, trimethylamine, (CH3)3N, 
shown in Figure 17.21. The pyramidal structure of tri- 
methylamine is similar to that of NH; and reflects the steric 
effect of the unshared pair on the nitrogen. The NSi; 
skeleton, by contrast, is flat and the nitrogen in trisilylamine 
shows no donor properties. This is due to the formation of a 
л bond involving the nitrogen f orbital and d orbitals on the 
silicon, as shown in Figure 17.23. The lone pair electrons 
donate into the empty silicon d orbitals and become de- 
localized over the NSi, group, and hence there is no donor 
property at the nitrogen. Structural evidence comes from the 
infra-red and Raman spectra and from the zero dipole 


FIGURE 17.21 The structure of trimethylamine, (CH3)3N 


„іН; 


FIGURE 17.22 The structure of trisilylamine 
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FIGURE 17.23. Pi-bonding in trisilylamine 


moment. Tetrasilylhydrazine, (SiH4)3NN(SIHs);, also 
shows differences in symmetry compared with the methyl 
analogue, arising from similar z bonding. Another clear 
case is the isothiocyanate, MH,;NCS. Where M = C, the 
C- N- C- S skeleton is bent at the nitrogen atom due to the 
steric effect of the nitrogen lone pair while, when M = Si, 
the Si- N — C – S skeleton is linear and there is d, — p, bond- 
ing between the Si and N atoms. Similar effects are observed 
in M-O bonds: dimethyl ether, CH4OCH,, has a 
C-O-C angle of 110° which is close to the tetrahedral 
value, while the bond angle in disilyl ether, SiH;OSiH3, 
is much greater—140° to 150°—indicating delocalization 
of the non-bonding pairs on the oxygen. 

This formation of л bonds using metal d orbitals and a p 
orbital on a first row element is most marked in the case of 
silicon, but there is some evidence that it occurs in german- 
ium compounds as well. For example, the Се – Е bond in 
GeH;F is very short, which may indicate d, — fr bonding 
but GeH4NCO and GeH4NCS have bent Ge- М-С 
skeletons in contrast to their silicon analogues. Other 
evidence for л bonding by germanium is indirect and derived 
from acidities and reaction rates in substituted phenyl- 
germanes. 


17.5.4 The (II) state 

The II state is the stable oxidation state for lead, and the IV 
state of lead, like thallium(III) in the last Group, is strongly 
oxidizing. Pb?* ions exist in a number of salts, though 
hydrolysis occurs readily in solution: 


Pb?* +2Н,О = PbOH* -H3O* 
and a further equilibrium is found: 
4Pb?* +12H,O = Pb,(OH)§* +6H,0* 


A considerable variety of lead(1I) salts is known, and these 
generally resemble the coresponding alkaline earth com- 
pounds in solubility, e.g., the carbonate and sulphate are 
very insoluble. The halides are less similar and PbCl; is, 
like TICI, insoluble in cold water though more soluble in 
hot water. 

Addition of alkali to lead(II) solutions gives a precipitate 
of the hydrated oxide, which dissolves in excess alkali to give 
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plumbites. The hydrated oxide may be dehydrated to PbO, 
called litharge, which is yellow-brown in colour. The 
structure of PbO is an irregular one in which the lead is co- 
ordinated to four oxygen atoms at corners of a trigonal 
bipyramid, with the fifth position occupied by an unshared 
pair of electrons. Just as lead forms the mixed oxidation state 
oxide (see Table 17.10), a mixed oxidation state oxyanion 
species is formed in compounds like KPbO;. In a related 
example, KNa;[PbO,] (PbO,], a crystal structure shows an 
approximately tetrahedral Pb(IV)O$^ ion and a pyramidal 
Pb(II)O$~ ion. Another interesting structure is found in the 
Pb,O§* cluster ion whose core is a cubane Pb,O, unit with a 
further Pb bonded to each O corner, so that these 4 Pb atoms 
transcribe a tetrahedron around the cubane. 

Lead forms all the heavier chalcogenides, PbE, as do Ge 
and Sn (E = S, Se, Te). Where known, the structures are 
layer lattices. 

The II state of tin is mildly reducing but otherwise re- 
sembles lead(II). In solution, Sn?* ions hydrolyse as in the 
first equation for Pb?* above. Addition of alkali to stannous 
solutions precipitates SnO.xH,O (neither Sn(OH); nor 
Pb(OH), exist), and the hydrated oxide dissolves in excess 
alkali to give stannites. Dehydration gives SnO, which has a 
similar structure to PbO. One stannite (formally named 
oxostannate П) structure is known. K;SnjO, is built of 
trigonal pyramidal SnO, units with Sn—O —Sn bridges. 
Tin(II) gives all four dihalides and a number of oxysalts. In 
the vapour phase, SnCl, exists as monomeric molecules with 
the V-shape characteristic of species with two bonds and one 
lone pair. One molecule of water adds to this molecule to give 
the pyramidal hydrate, SnCl,.H,O. SnF; has a tetrameric 
structure based on an SngF, puckered 8-membered ring. The 
Sn – Е — Sii bridge angles are 135°, the SnF distances average 
215 pm, and each Sn also carries external F with a 207 pm 
bond length. The Sn atom is thus at the apex of a trigonal 
pyramid with FSnF angles of 84°. Much longer Sn—F 
bridges of about 290 pm link these 8-membered rings 
together. 

Germanium gives a number of compounds in the II state; 
GeO, GeS, and all four dihalides are well established. These 
compounds all appear to have polymeric structures and are 
not too unstable, probably because attack on the polymeric 
molecules is relatively slow. The known structures are those of 
Gel,, which has the CdI, layer structure, and of GeF, which 
has a long chain structure similar to that of SeO,. The II state 
is readily oxidized to the IV state: thus the dihalides all react 
rapidly with halogen to give the tetrahalides, while the 
corresponding reaction of tin(II) compounds is slow. Yellow 
Gel, disproportionates to red Gel, and germanium on 
heating. The divalent compounds are involatile and insol- 
uble, in keeping with a polymeric formulation. One complex 
ion of the II state is known, GeCl;, in the well-known salt 
CsGeCl,; and adducts R;P.Gel,; are also reported. 
Germanium(II) may also be obtained in acid solution, in 
absence of air, and addition of alkali precipitates the yellow 
hydrated oxide, СеО.хН,О. 

No binary Si(II) compound exists. 


Tin and lead form more complexes in the II state than does 
Ge, though fewer than in the IV state. Halogen complexes, 
MX; are pyramidal monomers for the heavier halides while 
polymeric forms are found for X = F. Thus SnF, is an 
infinite chain of SnF, square pyramids with Sn at the apices 
and linked by sharing Е atoms at trans corners. Similarly, 
MOX or M(OH)X, compounds are polymers, all with 
sterically active lone pairs. Cation complexes МХ * are also 
polymers. Formally divalent organometallic compounds 
К,М are mostly ring or long-chain species with М-М 
bonds, M = Si, Ge, or Sn. Rings with from 4 to 7 members 
are common, and 4-, 5-, and 7-membered rings are relatively 
more stable than their carbon analogues. True divalent 
compounds require the use of large ligands, and compounds 
like Ge[CH(SiMe3)], or Sn[N(CMe;)]; are monomers. 
(C4H4);M(M = Ge, Sn, Pb) are monomers in the gas phase 
with ring — M — ring angle about 145° and the lone pairs 
pointing away from the rings. In the solid, they are polymeric. 
With the very bulky substituent in [Ph4C;];Sn the rings are 
planar and parallel (compare Figure 16.7). A few mixed 
species, RMX, RM(OH) or (RM),O are found. All are 
polymeric structures with sterically active lone pairs. 

Although the monomers in the II state have a lone pair, 
and thus could act as donors (Lewis bases), such behaviour is 
much rarer than the acceptor modes above. One case is that of 
(RNM),.2AlCl, (юг М = Ge or Snand R is the bulky СМез 
group) where the M,N, skeleton is a cubane (with R on N) 
and two of the four M atoms form donor bonds to AICI; 
groups. 

Polymetal clusters such as Sn2^ are discussed in section 
18.4. 


17.5.5 Reaction mechanisms of silicon 

Work on inorganic reaction mechanisms is less developed 
than the corresponding area in organic chemistry, mainly 
because of the large variety of systems and of experimental 
difficulties. In particular, many non-organic reactions 
are extremely fast. Of all the р elements (for mechanisms 
at d elements, see section 13.9), silicon presents one of the 
most favourable cases for study, and we illustrate something 
of what is known about Main Group mechanisms by this 
outline of mechanisms at silicon. 

Mechanisms are postulated (and remember that all 
reaction mechanisms are only hypotheses) on the basis of 
reaction kinetics, and study of silicon has the major advantage 
that kinetic work may be independently supported by 
evidence from optically-active compounds. The isolation 
and resolution of active silicon species has given a powerful 
tool which has been used, particularly by Sommer and his 
colleagues, to study mechanisms of substitution. 

A number of optically active silicon species have been 
reported, one of the first being Ph(a-Nt)(MejSiX, where 
a-Nt = a-naphthyl. This was resolved using X = (— ) menth- 
oxide (menthol being a naturally-occurring optically active 
species) by recrystallization from pentane at —78 ^C. We 
shall abbreviate the optically active species as R,Si* X. This 
isolation was greatly aided by the presence of bulky aromatic 


groups which reduce the rate of reaction. Even so, R,Si*X 
commonly reacts about a thousand times faster than similar 
carbon compounds. 

lı was first shown that stereospecific substitutions did occur 
by cycles of changes analogous to the Walden cycle, e.g. 


+)R,Si*H+Cl, = (—)R,Si*Cl МАНЫ, (—)к,5°Н 
[x]o 
values: +34 = -wW 


Thus one of these steps must occur with inversion, and one 
with retention, and both must be highly stereospecific, Later 
work showed that the same relative configuration occurred 
in the following species R,Si*X, shown with the rotations 


X H CI OH OMe Br F 

[x]p 434 -6° — 420 +17° -227 +47. 
Thus, the chlorination above is retention, while the reduction 
involves inversion of configuration. 

These observations establish that stereospecific substitu- 

tions do take place. Extensive further work has led to the 
postulation of four main mechanisms at silicon. These are 
briefly outlined. 
5,2. This is similar to the mechanism at carbon, but is much 
faster. It is found for R3Si*X in polar, but poorly ionizing, 
solvents and particularly when X is a halogen. The reaction 
takes place with inversion of configuration, and is postulated 
to proceed through a trigonal bipyramidal intermediate 
conformation, in which the organic groups are in the central 
plane 


Me sj Me 
Y+Ph— WER ааа Ph+X 
өү / 
Nt Ph t Nt 


Typical examples are hydrolyses, or other replacements of 
Si—X by Si—OR, and the formation of the hydride above. 
While such a process is assisted by using one of the silicon 
d orbitals to achieve five-coordination (which probably 
accounts for the speed of reaction) it does not necessarily 
follow that a stable intermediate forms. This could happen, 
or the effect of the d orbital may simply be to lower the 
activation energy compared with the carbon analogue. 
Syi. When X = OR, and hydride or organometallic reagents 
are used in non-polar solvents, a slow reaction is found which 
proceeds with retention of configuration. This cannot be 
S2, as the intermediate would undergo fast loss of H or R 
(leading to racemization) rather than undergo cleavage of 
the very strong Si-O bond. It is therefore postulated that 
the reaction proceeds via a four-centre intermediate, and it 
is termed internal nucleophilic substitution. The intermediate 


may be represented v 
e 


| 
КУ кле ы 
RES E 
В № 
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where E в the сех trophulx amd N the nucleophile part of 
the reagent. Thus, бе а Grignard reagent, N = R, and 
Е = MgX; of for AIH], N = Н and E = AIH, The pro 
сез may be undentood аз а tiacleophilk attack assisted by 
the electrophilic coordination to oxygen which helps to 
overcome the strong Si ~ О binding energy. As an example, 
R,Si*OMe + LIAIH, 0:108 R sien 

[1], = 16° [а] = 30° (90% retention 
A similar four-centred mechanism is postulated for the very 
wide range of reactions called hydrometallations in which an 
М-Н bond adds acros a double bond. These are found for 
many metal, M, of which the most important are for 
M = B, Al (see last section), Si or Sn. 

Syl. This is less common than in carbon chemistry, and is 
found typically for halides in polar solvents of high dielectric 
constant. Thus, while R ,Si*Cl is recovered unchanged from 
solution in CCl, or an ether, when it is dissolved in aceto- 
nitrile or nitromethane (CH,CN or CH,NO,, both with 
high dielectric constants) racemization takes place rapidly. 
This is postulated to proceed through a solvent-stabilized 
cation, RR'R'Si* (solv). 

EO (expanded octet). One special mechanism is sometimes in- 
voled when X = F. For most reactions, fluorides behave as 
other halides and give the above mechanisms. However, the 
Si — F bond is much stronger than, for example, Si — Cl and 
this allows a further mechanism. An example is the reaction 
in which R,Si*F is racemized in dry pentane solution by the 
addition of MeOH. This reaction has the following charac- 
teristics which exclude any of the three mechanisms outlined 
above: 

(a) the rate is retarded in formic acid, a solvent of high 
dielectric constant, hence the reaction is not Syl. Further, 
addition of HF retards the reaction so that the reaction does 
not proceed by loss of F^ as this would be stabilized as HF; . 
(b) A mixture of R,Si*F and R,Si*OMe plus MeOH gives 
unchanged R,Si*OMe and racemic R,SiF, Thus the race- 
mization is not via К SiOMe or any species which could give 
rise to it, excluding S2 and Syi. 

These features led to the postulate of an expanded-octet 
mechanism with a five- or six-coordinate intermediate 
formed by addition of OMe, and which subsequently loses 
OMe again: 


OMe F OMe 

Я М R 
p es cd 
ECCE RRR OMe R'is, 


As the intermediates are labile or inactive, racemization 
occurs. There is no breaking of the very strong Si—F bond. 
Formation of an expanded octet would be assisted by the 
presence of the fluorine substituent. Note that this mechanism 
must be rare or there could be no isolation of optically active 
silicon compounds at all. 

These conclusions from optical studies may be supported 
by kinetic studies in favourable cases. Thus, the formation in 
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a fast step of a relatively stable intermediate, followed by a 
slow dissociation to products 


fast, ky А-Х EG e X+Y 


А+Х-Ү 

= 

would be characterized by a dependence on &5 alone, and 

by the fact that the rate of consumption of A was not equal 

to the rate of appearance of Y. Thus, in Syi, EO, and some 

Sy2 reactions (if the intermediate was relatively long-lived) 
the above difference in rates would be detected. 

Conversely, if the intermediate was unstable and immedi- 
ately gave the product (i.e. if the second step above was very 
fast) the rate of appearance of Y would equal the rate of 
loss of A, and k, would be rate-determining. This reaction 
would thus be second order. Such kinetics would characterize 
the normal S42 reaction. 

Finally, the Syl reaction is first order and the determining 
step is the dissociation into cation and anion. 

While many mechanisms give rise to an intermediate 
kinetic picture (there may be a wide range of lifetimes for the 
А-Х —Y intermediate, for example) if kinetic and optical 
studies agree, the postulated mechanism is quite strongly 
supported. As far as the silicon mechanisms outlined above 
are concerned, such kinetic studies as are reported do validate 
the proposed mechanisms. 


17.6 The nitrogen Group, ns? np? 

17.6.1 General properties 

References to the properties of the nitrogen Group elements 
which have occurred in the earlier part of the book include: 


Ionization potentials Table 2.8 
Atomic properties and 
electron configurations Table 2.5 
Radii Table 2.10, Table 2.11 
Electronegativities Table 2.14 
Redox potentials Table 6.3 
Structures Chapter 5 


Table 17.11 lists some of the properties of the elements and 
the variation with Group position of important parameters 
is shown in Figure 17.24. The oxidation free energy diagram 
is shown in Figure 17.25. 
Fixation of nitrogen is discussed under titanium (ѕес- 
tion 14.2), and nitrogen-complexes in sections 15.6 and 16.8. 
Of these elements, nitrogen and bismuth are found in only 


TABLE 17.11 Properties of the nitrogen Group elements 


Co- 
ordination 
Element Symbol Oxidation states number Availability 
Nitrogen Мм - ШУ 3,4 соттоп 
Phosphorus Р (= 111), (0), HI, V 3,4,5,6 соттоп 


Arsenic As ШУ 3,4,(5),6 common 
Antimony Sb III,V 3,4, (5),6 common 
Bismuth Bi common 


П, (У) 3,6 
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FIGURE 17.25 Oxidation state free energy diagrams of elements of the 
nitrogen Group 

This is the most complex oxidation state diagram of all the Main 
Groups. The properties of nitrogen are the most individual, with 
the element and the — H1 states as the most stable. All the positive 
states between 0 and V tend to disproportionate in acid solution 
though many form gaseous species in equilibrium with the species 
in solution) and the — I state is markedly unstable. The curves for 
Р, As, Sb, and Bi form a family in which the — III state becomes 
increasingly unstable (values for Sb and Ві in this state are un- 
certain) and the V state becomes less stable with respect to the IH 
state from P to Bi. All intermediate states of phosphorus tend to dis- 
proportionate to PH, plus phosphorus( V). The diagram also illus- 
trates the very close similarity between As and Sb and the strongly 
oxidizing nature of bismuth( V 


FIGURE 17.26 The structure of bismuth 


one form while the others occur in a number of allotropic 
forms. Nitrogen exists only as the triply-bonded № mole- 
cule, and bismuth forms a metallic layer structure shown in 
Figure 17.26. There are a number ofallotropes of phosphorus. 
in white phosphorus, and also in the liquid and vapour states, 
the unit is the P4 molecule where the four phosphorus atoms 
‘orm a tetrahedron. If the vapour is heated above 800°C, 
dissociation to Р, units starts and rapid cooling of the vapour 
from 1000°C gives an unstable brown form of phosphorus 
which probably contains these P5 units. When white phos- 
phorus is heated for some time above 250 °C, the less reactive 
red form is produced. The structure of this form is not yet 
established and it exists as a number of modifications with 
various colours— violet, crimson, etc. These might be differ- 
ent structures or due to different crystal sizes, but they may 
also be due to the incorporation of part of the catalysts used in 
the transformation. When white phosphorus is heated under 
high pressure, or treated at a lower temperature with mercury 
as a catalyst, a dense black form results which has a layer 
structure like bismuth, A further vitreous form is also reported 
which results from heating and pressure. The structures of 
some of these allotropes are shown in Figure 17.27 and the 
interconversion of the allotropes in Figure 17.28. White 
phosphorus is the most reactive of the common allotropes, red 
phosphorus is much less reactive, and black phosphorus is 
inert, Substantial further insight is provided by the recently 
established structures of the polyphosphorus hydrides and 
anions outlined in section 18.3. 


(c) Р 


chains of linked tetrahedra 


FIGURE 17.27 Structures of phosphorus allotropes: (a) white phosphorus, 
(b) brown phosphorus, (c) red phosphorus (postulated) 
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FIGURE 17.28 The interconversion of the allotropes of phosphorus 

The reaction conditions are indicated by letters as follows: 

(a) melting followed by quenching, or vacuum sublimation 

(b) heating above 250 °C 

(c) heating to 220 °C under pressure 

(d) heating above 450 °C, or on prolonged standing at room 
temperature 

(e) at 25 °C under high pressure 

(f) vacuum sublimation 

(g) heating above 250 °C under pressure 

(h) heating to 400 °C under pressure 

(i) rapid cooling of vapour with liquid nitrogen 

(j) warming above liquid nitrogen temperature (—196 °C) 

Many of these interconversions may also be brought about by 

catalysis, especially by mercury. 


Arsenic and antimony each occur in two forms. The most 
reactive is a yellow form which contains M, tetrahedral 
units and resembles white phosphorus. These yellow allo- 
tropes readily convert to the much less reactive metallic 
forms which have the same layer structure as bismuth. 

Nitrogen gas is now produced on a substantial scale, largely 
as a byproduct of the isolation of oxygen from air for 
steelmaking. It is used to provide a cover for processes which 
are sensitive to air, and as liquid, it is in ever-increasing use as 
a coolant. One of the largest manufacturing applications 
using nitrogen is the Haber process for producing NH; from 
N, and Н, under pressure over an iron catalyst. Recent work 
on catalysts such as ruthenium on carbon, allows the reaction 
to occur at atmospheric pressure and ordinary temperatures, 
foreshadowing a cheaper Haber process. The ammonia is 
used mainly as a fertilizer, as salts, and part is converted to 
nitrate by catalytic oxidation, again mainly for use as a 
fertilizer. Hydrazine, NH, is used in agricultural chemicals 
and herbicides and as an intermediate in pharmaceuticals. 

Elementary phosphorus, made by carbon reduction of 
phosphate minerals, is extensively used in matches. The old 
formulation, based on poisonous white phosphorus, has now 
been entirely superseded by red phosphorus mixtures which 
also include sulphides of P and Sb. The oxidant is chlorate, 
and safety matches have separate oxidant in the match, with 
the phosphorus species on the striking surface. The major 
production of phosphorus compounds is that of phosphate 
fertilizer, mostly using the family of apatite ores, Cas (PO4) 3X 
(X = OH, Cl or F). These are of low solubility, and 
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phosphate fertilizer is produced by treatment with sulphuric 
acid to give a more soluble product, or with phosphoric acid 
to give the higher P content 'superphosphate'. The phos- 
phoric acid used is formed by treating apatite with concen- 
trated sulphuric acid. Phosphate, especially as a component 
of DNA and RNA, is essential to all life processes. The major 
component of teeth and the main bone mineral is hydroxy- 
apatite, in the bone accompanied by amorphous calcium 
phosphate. In teeth F replacement, giving fluoroapatite, 
increases toughness and resistance to caries. Phosphorus 
sulphides are also manufactured on a large scale as starting 
materials for the synthesis of organophosphorus materials. 

"Traditional uses of arsenic compounds in insecticides and 
fungicides, e.g. as wood preservatives, are being phased out as 
less toxic alternatives become available. All three heavier 
elements find uses in alloys (see under tin in the last section). 
As and Sb are becoming increasingly important in the III/V 
semiconductor materials mentioned under gallium above. 
Sb;O, finds substantial use, along with various phosphorus 
compounds, as flame retardants in plastics. 

Binary compounds of these elements are similar to those of 
previous Groups. Nitrides range from those of the active 
metals, which are definitely ionic with the N°7 ion, through 
the transition metal nitrides which resemble the carbides, to 
covalent nitrides like BN and S,N,. Heated Ba metal reacts 
with №, giving a product which hydrolyses to give 30% NH, 
and 70% NH}. This suggests that the № ion is formed as 
well as №, The phosphides are similar, and the heavier 
elements form compounds with metals which become more 
alloy-like as one passes from phosphorus to bismuth. One 
important feature is the appearance of ionic nitrides, as 
compared with monatomic carbides which are not ionic. 
Ionic nitrides include the Li, Mg, Ca, Sr, Ba, and Th 
compounds. They are prepared by direct combination or by 
deammonation of the amides: 


3Ba(NH;); — BasN, +4NH, 


By contrast, the corresponding carbides either contain 
polyanions, like the acetylides, or are intermediate between 
ionic and giant covalent molecules. 


Nitrogen, because of the high strength of the triple bond 
(heat of dissociation = 962 kJ mol!) is inert at low tem- 
peratures and its only reaction is with lithium to form the 
nitride. At higher temperatures it undergoes a number of 
important reactions including the combination with hydro- 
gen to form ammonia (Haber process), with oxygen to give 
NO, with magnesium and other elements to give nitrides, 
and with calcium carbide to give cyanamide: 


N,+CaC, = CaNCN+C 


The other elements react directly with halogens, oxygen, and 
oxidizing acids. 

This Group shows a richer chemistry than the boron and 
carbon Groups, as there are more than two stable oxidation 
states and there is a wider variety of shapes and coordination 
numbers. Nitrogen shows a stable —III state in ammonia 
and its compounds, as well as in a wide variety of ограпо- 
nitrogen compounds. Phosphorus has an unstable — III 
state in the hydride and also forms acids and salts, which 
contain direct P—H bonds, in the III and I states. In the 
normal states of V and III a variety of coordination num- 
bers is found. The MX, compounds, where M = any ele- 
ment in the Group and X = H, halogen or pseudohalogen, 
or organic group, are pyramidal with a lone pair on M. The 
МХ; compounds are trigonal bipyramids in the gas phase 
and adopt a variety of structures in the solid. It is interesting 
that while PPh; and AsPhg are trigonal bipyramids, SbPh; is 
a square pyramid both in the solid and in solution. This is a 
second (with ТАС 7) main group example of the square 
pyramid as the alternative five electron pair structure 

A number of MX; species are known, as well as MX,.A 
(where A = any acceptor molecule such as BR,) and these 
are tetrahedral. A few M'X2^ complexes also exist and 
these are square pyramids with a lone pair in the sixth 
position. Finally, a variety of МУХ; and M'X,.A 
compounds are found which are octahedral. Many of these 
shapes are repeated in compounds which include x bonding. 
A full set of examples is gathered in Table 17.12. 

The nitrogen Groups shows a significant tendency to 
catenation, if less markedly than does the carbon Group. 


TABLE 17.12 Coordination numbers and stereochemistry in the nitrogen Group 


Number of Number of Number of 

electron pairs л bonds non-bonding pairs Shape Examples 
4 0 0 Tetrahedron NH; , MR;, PCI; , PBr; 
4 0 1 Pyramid MH;, MR;, MX; (X = all halogens 
4 1 1 V NO; 
5 0 0 Bipyramid MF,, PCI,, РВг,, PPh, (SbPh,—see text 
5 1 0 Tetrahedron MOX;, МОЗ”, НРО}, H;PO; 
5 2 0 Plane NO; 
: п : Octahedron MF, , PCI; , SbPh; 


Square pyramid 


SbFi- 


(M = P, As, Sb and Bi, R = simple alkyl radical, Ph = phenyl) 


Polynuclear compounds are discussed in sections 18.3 and 4. 
Simpler chain compounds of nitrogen involve both single 
bonds, as in hydrazine and its derivatives, R;N-NR;, 
where R = H, F, or organic groups; and multiple bonds as in 
the diazenes RN = NR (R = F ororganic groups, R = H is 
unstable unless coordinated—see section 16.8.2). Nitrogen is 
found in a chain of three atoms in hydrazoic acid, HN3, and in 
the azides. These are prepared from amide and nitrous oxide: 


2NaNH, + NO = NaN, + NaOH + NH, 


The azide ion is linear, and isoelectronic with CO3. The acid, 
and iis organic derivatives, are bent at the nitrogen bonded to 
the substituent: 


NIN 


H 


with the NNH angle equal to 114° and the distances HN— 
NN of 124pm and HNN-N of 113pm indicating single 
and triple bonds. In the N3 ion, the two distances are equal at 
116 pm showing delocalization of the pi bonding. Bond 
lengths of 121 pm for the central bond and 143 pm for the 
outer ones, and angles at the central N of 109°, are found in 
N4H,, formed from R,N = NH, which is a sublimable solid 
containing a chain of 4N atoms, H,N-N = N-NH;. A 
few organic derivatives R4N4 are also reported, together with 
one or two longer chain organic compounds, but all are 
relatively unstable. The branched chain isomer of tetrazene is 
reported in 


N 
| 


N 
с em. "ien 


where the planar tetrazene completes an octah - 
each W. Only this coordinated form is known, but this is the 
first example of a branched nitrogen chain. 

M — M links for the heavier elements of the Group are 
found for all elements in the organic compounds R;M- 
MR,, although the Bi examples are unstable. The methyl- 
arsenic, cacodyl, Me, As—AsMe,, has been known since 1760. 
The corresponding hydrides are less stable and limited to 
PH, and As;H,, and all the halides Р.Х, are also known. 
Longer chains, rings, nets, and open and closed clusters are 
found for P, and to some extent for As, and are reviewed in 
section 18.3. T 

Trends within the Group are similar to those observed in 
the boron and carbon Groups. The acidic character of the 
oxides, and the stability of the V state, decrease in going 
from nitrogen to bismuth, so that bismuth has only a handful 
of compounds in the V state and these are unstable and 
strongly oxidizing. Antimony(V) and arsenic(V) a moder- 
ately oxidizing. Phosphorus(V) is very stable, while nitrogen 
is again oxidizing in the V state, reflecting the differences In 
formulae and coordination compared with phosphorus. The 
III state increases in stability as the V state becomes unstable : 


edron around 
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РПІ) and As(IIT) are reducing, Sb(II1) is mildly reduc ing 
and ВИ) is stable. The III state also becomes increasingly 
stable in cationic forms for antimony and bismuth. Ві?* 
probably exists in the salts of strong acids, such as the 
fluoride, and Sb?* may be present in the sulphate. Both 
elements exist in solution, and in many salts, as the oxycation, 
MO*. 


17.6.2 The(V) state 

All the oxides of the V state are known and their structures, 
where known, are shown in Figure 17.29. N2Os is usually 
made by dehydrating nitric acid, but a cleaner synthesis 
results from the action of FNO, with excess LiNO;. The solid 
is ionised with a planar nitrate ion and a linear nitronium 
cation, NO}. Linear nitronium, or nearly so, is found with 
other stable anions: in NO} CIO; , the ONO angle is 175°. In 
the gas phase, the N,O, molecule exists with the structure of 
Figure 17.29. Higher oxides of nitrogen, NO, апа N3206, 
have been reported from the reaction of ozone on N50, but 
little is known of them. 

Phosphorus burns in an excess of air to give the pentoxide 
which has the molecular formula, P4O, o, and, in the vapour, 
the tetrahedral structure shown in Figure 1 7.29b. This form is 
also found in the liquid and solid, but prolonged heating of 
either gives polymeric forms. Both 12- and 20-membered 
rings of PO, tetrahedra linked by corners have been identi- 
fied. The environments of each phosphorus atom in P4010 
and in the polymeric forms are similar. Each phosphorus 
atom is linked tetrahedrally to four oxygen atoms, three of 


О 


112 


FIGURE 17.29 Structures of pentoxides, М.О», of the elements of the 
nitrogen Group: (a) NOs, (b) P4Oto 


‘ 
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which are shared with three other phosphorus atoms, while 
the fourth link is a P = O. The pentasulphide exists in the 
same P,4S;9 form as the pentoxide (Figure 17.29b) and the 
mixed oxide-sulphides P4O6S4 (with terminal Р = $) and 
P40,8, (with terminal Р = О), completing a satisfying series 
of symmetric molecules. PySgN~ is also isoelectronic and 
isostructural with the N^ in an edge-bridging position. 

The pentoxides, M ;O;, of arsenic, antimony, and bismuth 
are made by oxidizing the element or the trioxide. Increas- 
ingly powerful oxidizing agents are needed from arsenic to 
bismuth, and Bi;O; is not obtained in a pure stoichiometric 
form. Аѕ,О; is a polymeric structure consisting of AsO, 
tetrahedra and AsO, octahedra sharing corners. The 
structures of Sb,O; and Bi;O, are not known but are 
probably based on МО; octahedra like their anions. All three 
lose oxygen readily on heating to give the trioxides. 

Oxyacids and oxyanions of the V state are a very important 
class of compounds in the chemistry of this Group. The 
nitrogen, phosphorus, and arsenic compounds are included 
in Table 17.13. Antimony and bismuth do not form acids in 
the V state. The oxyanions may be made by reaction of the 
pentoxides in alkali or by oxidation of the trioxides in an 
alkaline medium. The bismuthates are strongly oxidizing, 
the best-known being the sodium salt, NaBiO3, which is used 
to identify manganese in qualitative analysis by oxidizing it 
to permanganate. The antimonates are oxidizing, but more 
stable than the bismuthates, and are octahedral ions, 
ЅЪ(ОН) с. This is in contrast to the tetrahedral coordination 
to oxygen shown in the phosphates and arsenates. 

Both phosphorus and arsenic form acids in the V state, both 
the mononuclear acid, H3MQg, and polymeric acids. The 
polyphosphoric acids include chains, rings, and more com- 
plex structures, all formed from PO, tetrahedra sharing 
oxygen atoms. A wide variety of polyphosphate ions also 
exists, and structures of the first three members are indicated 
in Figure 17.33 (e), (f), and (g). The detailed structure of the 
fourth member, P4Of, , isolated as the [Co(NH3),]** salt, 
shows a significant alternation of P — О bond lengths in the 
chain. Tripolyphosphates are used in detergents as they are 
excellent sequestering agents, though use has diminished as 
worries about eutrophication have grown. These pyro-, meta- 
and other poly-phosphates are stable and hydrolyse only 
slowly to the ortho- acid, H4PO,. Poly-arsenates also exist in 
similar forms, but these are much less stable and readily revert 
to H44sO,. 

Nitrogen in the V state forms nitric acid, HNO;, and the 
nitrate ion, NO5. Here, the coordination number of only 
three to oxygen, and the planar structure, reflect the presence 
of p, — p, bonding between the first row elements, nitrogen 
and oxygen. Although usually found as the free anion, nitrate 
does sometimes coordinate to metals. It occurs as a mono- 


О 


dentate, М-О—ХО,, bidentate M NO or bridging, 


O 


M - O(NO) - O - M, ligand. A second, unexpected, salt has 


recently been reported, МОЗ”. A structural study of the 
sodium salt shows a tetrahedral structure with a NO distance 
of 139 pm, compared with 122 pm in NO; (Figure 17.31) 
and 122 pm for N - O and 141 pm for N - OH in the isolated 
HONO), molecule. The N — О bond order in NO2“ is thus 
near to one, suggesting a relatively weak interaction, and a 
description in terms of semi-polar bonds is probably the most 
appropriate, compare section 18.9. 

The stable V state halides are limited to the pentafluorides, 
РЕ,, AsF5, SbF;, and BiF;, together with PCl;, SbCl, and 
PBrs. This reflects the decreasing stability of the V state irom 
phosphorus to bismuth. AsCls has only recently been 
identified as a product of the UV photolysis of AsCl; and Cl, 
at — 105°C. It decomposes at — 50°C. This behaviour is an 
example of the ‘middle element anomaly’ already discussed. 


All the structures so far determined show that the penta- 
halides are trigonal bipyramidal in the gas phase, but these 
structures alter in the solid, reflecting the instability of íve- 


coordination in crystal lattices. PCl; ionizes in the solid to 
РСМ PCI while PBr; ionizes to PBrz Br . The cations are 
tetrahedral and PCl¢ is octahedral. SbF; also attains а more 
stable configuration in the solid, this time by becoming six- 
coordinated through sharing fluorine atoms between two 
antimony atoms in a chain structure. Except for BiF,, all 
the pentafluorides readily accept F~ to form the stable 
octahedral anion, МЕ. PFs, especially, is a strong Lewis 
acid and forms PF,.D complexes with a wide variety of 
nitrogen and oxygen donors (D). Antimony also forms the 
dimeric ion Sb, Fj), consisting of two SbF, octahedra sharing 
a corner. 

The pentachlorides are similar but weaker acceptors. They 
do accept a further chloride ion, and SbCl; in particular is 
well established and stable: PClg is mentioned above. It has 
recently been shown that AsCl; may also be prepared if it is 
stabilized by a large cation, thus Et,N* AsCl; has been 
prepared. All these pentahalides may be made by direct 
combination or by halogenation of the trihalides, MX. The 
pentafluorides, and РСІ,, are relatively stable, but PBrs and 
SbCl, readily lose halogen at room temperature (to give the 
trihalides) and are strong halogenating agents, as is ВІР; 
which is by far the most reactive pentafluoride. A number of 
mixed pentahalides, such as PF,Cl,, are also known. They 
arc formed by treating the trihalide with a different halogen: 


PF,+Cl, = РЕСІ, 


These are similar to the pentahalides in many ways. For 
example, PF,Cl, is covalent on formation but passes over 
into the ionic form РСЦ PF; on standing. Another example 
is AsF ,Cl, which also appears to be ionized to АзСІ AsF, , 
showing that the second ionic component of the unstable 
AsCI, exists. It has also been shown that AsCIF, is quite stable 
but that, though AsCI,F exists at low temperatures, it readily 
loses Cl; to give AsClf AsCl; and AsCl,. AsCl,F, is not 
accessible from AsCl,, but results from the treatment of 
AsCl,F, with CaCl}. Like PCI,F3, the Cl are equatorial in 
the trigonal bipyramid. Overall, As(V) with 4 or 5 bonded Cl 
is unstable with respect to As( HT) plus Cl;, though it can be 


stabilized by suitable donors or in the presence of suitable 
counter-10ns. 

Although nitrogen cannot form a penthalide, as only four 
valency orbitals are present in the second level, it is interest- 
ing that the cation NFZ exists showing that nitrogen(V) can 
bond to fluorine, in a species where only sigma interactions 
are possible. 

In their covalent forms, the mixed pentahalides PX,Y , .,, 
such as PF4Cl,, have structures in which the most electro- 


negative halogens occupy the two axial positions. Although 
PH, is unknown, mixed hydride-fluorides of P(V), are 
established e.g. PHF, and PH,F3. These form anions, HPF; 
and H,PF,, related to РЕ. 


Nitrogen, in the V state, forms the oxyfluoride NOF; from 
NF, and O, or from the elements. It readily transfers F7, e.g. 
to form (NOF,)*(BF,)~. The structure is pyramidal: see 
remarks above about the formulation of H;NO,. Phosphorus 


and arsenic form a range of oxyhalides in the V state. Three 
compounds of phosphorus are known, POX, where X = F, 
Cl, or Br, and for arsenic AsOF, and АОСІ,. POCI; 
may be made from PCl, or from the pentachloride and 
pentoxide: 
PCI, +40, = POCI; 
or P40,9--6PCl, = 10POCI; 

The other phosphorus compounds are made from the oxy- 
chloride. AsOF is made by the action of fluorine on a 
mixture of AsCly and As;O; while AsCl, + О; gives АзОС1, 
which decomposes at — 30°C. All these are tetrahedral 


X,M = О, with p, —d, bonding between the O and M atoms 
(Figure 4.23). Phosphorus gives the corresponding sulphur 
and selenium compounds, PSX, and PSeX;: again illus- 
trating the marked stability of four-coordinated P(V). 

Three pentasulphides are found in this Group. P4S;o has 
the same structure as P4O,9—and there is also a compound 
P,O&S, which again has the same structure, with the 
oxygen atoms bridging along the edges of the tetrahedron, 
and a sulphur atom attached directly to each phosphorus. 
The structures of As?S4 and Sb;S; are unknown. All three 
sulphides may be formed by direct reaction between the 
clements, and arsenic and antimony pentasulphides are also 
formed by the action of H5S on As(V) or Sb(V) in solution. 

One final important class of phosphorus (V) compounds is 
that of the phosphonitrilic halides. If PCls is heated with 
ammonium chloride, compounds of the formula (PNCl2)x 
result: 


PCI, +NH,Cl = (РМСІ,)з + (PNCI,), + (РМС!) +НСІ 


The corresponding bromides may be made in a similar re- 


action, and the chlorines may also be replaced by groups such 
as F, NCS, or CH, and other alkyl groups either by substi- 
tution reactions, or by using the appropriate starting 
materials. When x = 3 or 4, the six- or eight-membered rings 
shown in Figure 17.30, are formed. Similar rings have ics 
identified for x values up to 17 in the case of chlorides ani 

fluorides and for x = 6 for the bromides. In addition, for 
large values of x, linear polymers are formed, of accurate 
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(a) (b) 
FIGURE 17.30 (a) Trimeric and (b) tetrameric phosphonitrilic chlorides 


formula Cl(PNCI,),PCly. In the ring compounds, the 
trimer and pentamer are planar, while the tetramer and 
hexamer are puckered. The nature of the bonding in 
the rings, and also in the chain compounds, is not yet clearly 
determined but probably involves л bonding between nitro- 
gen p orbitals and phosphorus d orbitals. In the trimeric 
chlorides, it has been suggested that this x bonding involves a 
strong interaction above and below the plane of the ring, as 
in benzene, and also a weaker interaction in the plane of the 
ring. In the non-planar tetramer, this second type of 1 bond- 
ing can make a stronger contribution. In polymers, with OR 
groups such as OCH;CF, replacing the halides, useful 
properties are found, especially resistance to oxidation and 
burning. These polyphosphazenes are finding application in 
special performance rubbers, gaskets and insulating 
materials. As these polymers are compatible with tissues, they 
have potential value in biomedical devices. 


17.6.3 The (Ш) states 

The III state is reducing for nitrogen, phosphorus, and 
arsenic, and the stable state for antimony and bismuth. 
Among the oxygen compounds, all the oxides, M203, and 
all the oxyanions are known, but the free acids of the III 
state are found only for nitrogen, phosphorus, and possibly 
amenic. This points to an increase in basicity down the 


Group, as expected. 


113 to 123 pm 
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riguRE 17.31 The structures of the nitrogen oxyanions: (а) hyponitrite, 
(b) nitrite (range of values in different salts), (c) pernitrite, (d) nitrate 
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The oxide of nitrogen, NOs, is found as a deep blue solid 
or liquid. It is formed by mixing equimolar proportions of 
NO and NO,, and it reverts to these two components in the 
gas phase at room temperature. It is thus the least stable of 
the nitrogen oxides. The solid is thought to exist in two forms; 


of NO and МО», gives nitrous acid when dissolved in water, 
and nitrites when dissolved in alkali. 

Phosphorus( III) oxide results when phosphorus is burned 
ina deficiency of air. In the vapour phase, it has the formula, 
P,Og, and a structure derived from that of P,O, by remov- 


one with the symmetrical structure, O— N-O-N-O, and 
the other with a N — N bond. N03, or an equimolar mixture 


ing the terminal oxygen atoms, see Figure 17.29. The phos- 
phorus trioxide is acidic and reducing, and dissolves in water 


TABLE 17.13 Oxyacids and oxyanions of the nitrogen Group 


Nitrogen 
The nitrogen acids and anions all show nitrogen two- or three-coordinated to oxygen and all (except hyponitrous acid) have 
ра — bx bonding between N and О. 


H,N,0, №,02- Reduction of nitrite by sodium amalgam. Weak acid. Readily decomposes 
hyponitrous hyponitrite to N20. 

HNO, NO; Acidify nitrite solution. Free acid known only in gas phase. Weak acid. Aqueous 
nitrous nitrite solution decomposes reversibly, 3HNO; — HNO, 4 2NO +Н,0. 

HOONO (ООМО) H,O, + HNO, Free acid postulated as reaction intermediate. 

pernitrous pernitrite 

HNO, NO; Oxidation of NH; from Haber process. Strong acid. Powerful oxidizing agent in 
nitric nitrate concentrated solution. 


The structures of these species are shown in Figure 17.31 


Phosphorus 

The phosphorus acids and anions all contain four-coordinate phosphorus. In the phosphorus (V) acids, all four bonds are to 
oxygen, while P—H and P — P bonds are present in the acids and ions of the I and III states. Various intermediate oxidation 
states are found in anions which have P—P bonds, often with P—H ones as well. The most striking case is [P(O) (OH) ]s. The 
crystal structure of the cesium salt shows a six-membered, puckered, P, ring. 


H4PO; Н,РО; White P plus alkaline hydroxide. Monobasic acid, strongly reducing. 

hypophosphorous hypophosphite 

HPO, HPOj- ` Water plus P,O, or РСІз. Dibasic acid, reducing. 

phosphorous phosphite 

H4P50; Н,Р,0?- Heat phosphite: dibasic acid with P—O — P link. Reducing. 

pyrophosphorous pyrophosphite 

НР,О, P,0f- Oxidation of red P, or of Р›14‚ in alkali, gives sodium salt, which gives the acid 

hypophosphoric hypophosphate on treatment with Н+. Tetrabasic acid with a P— P link. Resistant to oxidation 
to phosphoric acid. 

H;PO, РО" P,O; or PCI, plus water. Stable. 

(ortho) phosphoric phosphate 


Also pyrophosphate (O,POPO,)*~ Formed by heating orthophosphate. Linear polyphosphates with n up to 5 and 
polyphosphates (O;P[OPO;],OPO,)** "* cyclic metaphosphates with m — 3 to 10 have been individually identified. (cf. 
metaphosphates (PO3)m - Figure 7.2). 


The structures of these phosphorus species are shown in Figure 17.33. 


Arsenic 

H,AsO,?, or HAsO3~ and Formed from the trioxide or trihalides. The acid does not contain As— H and is 

As;O4,.xH;O more complex weak, but the arsenites are well-established, in mononuclear and polynuclear 
; forms forms. The arsenic(III) species are reducing and thermally unstable. 

arsenious acids arsenites 

H3A504 | AsOi- As+HNO, > H4AsO, 1H;O. Tribasic acid and moderately oxidizing. Arsen- 

arsenic acid arsenate 


ates are often isomorphous with the corresponding phosphates. 

A number of these exist in the solid state but are less stable than polyphosphates 
and rapidly hydrolyse to AsO3~. 

As far as they are known, arsenic anions and acids have the same structures as the corresponding phosphates. 

Antimony and bismuth give no free acids, though salts of the III and V states are found, and are discussed in the text. Coordina- 
tion to oxygen is always six, not four as with phosphorus and arsenic. 


Condensed arsenates 


e» 


Qo 


FIGURE 17.32 The structure of P403 


to give phosphorous acid. We note here that there is now a 
complete series of mixed P(IIT)/P(V) oxides, PO, with x = 7 
Figure 17.32, compare Figure 17.29b), 8, and 9, where 
terminal oxygens are progressively added to P406 giving all 
intermediate structures between that andP4O,. 

When arsenic is burned in air, the only product is the 
trioxide, which has the formula АО», and a similar struc- 
ture to P4Og, in both the gas phase and in the solid. A second 
form also occurs in the solid, but this structure is not known. 
Arsenic trioxide is acidic. 

Antimony and bismuth also burn in air to give only the 
trioxides. Antimony trioxide has the form, Sb4Og, both in the 
gas and in the solid, and there is a second solid form. This has 
a structure consisting of long double chains made up of 
... —O- Sb- O- Sb- O- ...single chains linked together 
through an oxygen atom on each antimony. Antimony tri- 
oxide is amphoteric. Bi;O; is yellow (all the other com- 
pounds are white) and exists in a number of solid forms. 
These are not known in detail, but some at least contain 
BiOg units in a distorted prism arrangement. Bismuth 
trioxide is basic only. Antimony and bismuth, in the III 
state, commonly exist in solution and in their salts as the 
MO? ion, as already noted. 

The oxyanions and acids of phosphorus(III) and 
arsenic(III) are included in Table 17.13 and in Figure 17.33. 
All the structures known contain four-coordinated phos- 
phorus or arsenic, and the III oxidation state results from 
the presence of a direct P—H or As—H bond (which, of 
course, does not ionize to give a proton). Although the stable 
form of phosphorous acid is the tetrahedral form shown in 
Figure 17.33, there is some evidence from exchange studies 
(compare section 2.3) for the transient existence. of the 
pyramidal P(OH); form. Organic derivatives of this form, 
P(OR);, are well-known. Phosphorous acid, and the phos- 
phites, are reducing, and also disproportionate readily as 
the oxidation state free energy diagram, Figure 17.25, shows: 


4H4PO, = 3H;PO,* PH; 
Arsenites are also mildly reducing with a potential, in acid, of 


0-56 V with respect to arsenic(V) acid, so that arsenites are 
rather weaker reducing agents than iron(II) in acid solution. 


THE ELEMENTS OF THE ‘Р BLOCK $25 


H H + 
i Ц 
- O-P- 
H ro › p о 
о о 
а b 


о ol?- fo 0]+- 
нурони O-P-PT-O 
о о о ) 

c d 
о 13- о о 

о-ф-о MO— —o—t—om 

9 M M 
(e) (f) 

о о о 

мо— _о——ом 
о О О 
M M M 
(g) 


FIGURE 17.33 The structures of phosphorus oxyanions: (a) hypophosphite, 
(b) phosphite, (c) pyrophosphite, (d) hypophosphate, (c) orthophosphate, 
(Г) pyrophosphate, (g) tripolyphosphate 


M = monovalent cation 


One interesting bismuth (III) compound is the complex 
oxycation [BigQ4(OH),]°* whose structure contains six Bi 
atoms in an octahedron with 4O and 4OH groups triply 
bridging the triangular faces in a regular manner. This is 
formed by Bi;O; in perchloric acid. Analogous Sn, V, and Ce 
cluster ions of this МО (ОН), formula are found. 

Arsenic, antimony, and bismuth all form trisulphides, 
M,S3. The arsenic compound exists as As4Sg, while the anti- 
mony and bismuth sulphides have polymeric chain struc- 
tures. All are formed by the action of H5S on solutions of the 
element in the II state. 

The tale of the lower phosphorus sulphides is more 
complicated, as the main series have P—P bonds and may be 
seen as derived from the P, tetrahedron. The lowest S content 
is found in P4S, (Figure 17.34a) where S atoms are inserted in 
three of the six edges of P4. The mixed P/As analogue, PAs4S4 
has the P at the unique apex position and an As; triangle in 
the base. Further edge insertion is found in the two isomers of 
P,S, where the remaining two Р-Р bonds are either 
contiguous or at opposite edges of the tetrahedron. In P485, S 
is added to a terminal position (Figure 17.34b), while P4S; 
sees edge insertion and terminal addition (Figure 17.34c). 
The remaining well-established compound is P4S, where the 
structure is like the oxide, with one terminal S removed from 
P480 (Figure 17.29b). We note that as S is isoelectronic with 
P~ or PH, the species Р/Н; and P3- (also As3~) have 
structures analogous to Figure 17.34a (compare section 18.2) 
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FIGURE 17.34 The structures of (a) P4S3, (b) P4Ss, (c) P4S, (d) 
As,Sq 


Arsenic also forms а sulphide, As,S,, and selenide, 
As,Se3, with the P,S3 structure. A third arsenic sulphide, 
As4Sq (called realgar), is also known and its structure is shown 
in Figure 17.34d. 

The five elements of the nitrogen Group all give all the 
trihalide, MX;. The least stable are the nitrogen com- 
pounds, where only NF; is stable. Nitrogen trichloride de- 
composes explosively, while NBr and NI; can be prepared 
only as unstable ammoniates, such as NI3.6NH3, which 
detonate when freed from excess ammonia. Nitrogen tri- 
fluoride is a stable, pyramidal molecule, formed by the re- 
action of nitrogen with excess fluorine in the presence of 
copper. NF; has almost no donor power and has only a very 
low dipole moment, as the strong N—F bond polarizations 
practically cancel out the effect of the lone pair. The 
structure of one ammoniate, NI;.NH3, has been determined 
crystallographically. It consists of chains of NI; tetrahedra, 
formed by sharing corners, and the NH, molecules аге 
bonded to the non-bridging iodines. 

The other sixteen trihalides of the Group are all relatively 
stable molecules, with the expected trigonal pyramidal 
structure in the gas phase. The pyramidal structure is also 
found in many of the solids, but other solid state structures 
are also found, particularly among the tri-iodides which 
adopt layer lattices with the metal atoms octahedrally sur- 
rounded by six halogen atoms. РІ, has three P — I distances of 
246 pm (and IPI angles of 102°) and three of 367 pm (angles 
60°) showing the P lone pair is still sterically important. In 
addition to the simple trihalides, MX3, a wide variety of 
mixed halides, МХ,Ү or MXYZ, are found. 


All the trihalides are readily hydrolysed, giving the oxide, 
oxyanion, or—in the cases of antimony and bismuth— the 
oxycation, MO*. They may act as donor molecules, by 
virtue of the lone pair, and РЕ; in particular has been widely 
studied. It is rather less reactive to water and more easily 
handled than the other trihalides. PF, complexes resemble 
the corresponding carbonyls, for example, Ni(PF,)4 is 
similar to Ni(CO),. The trihalides also show acceptor pro- 
perties, especially the trifluorides and chlorides. Complex 
ions, such as SbF2^, are formed, and SbF; also gives the 
interesting dimeric ion, Sb;F;, (Figure 17.35). For the 
heavier halogens, X = Cl, Br or I, three types of complex ion 
are found: SbX5, SbX2^ and SbX. The first two have the 
AB,L (Figure 4.4b) and ABsL (Figure 4.5b) structures ex- 
pected from the presence of the lone pair, but the SbX7 
species are regular octahedra. In this they parallel the seven- 


electron-pair MX2* species formed by the heavy elements of 


the oxygen Group (compare section 17.7.4). In complex ions 
of formula M,X3~, a range of structures is found, from the 
binuclear (Figure 17.36a; two octahedra sharing an edge) 
through the tetrameric structure of В СЇ; to the polymeri 
[Sb C137], unit where each antimony carries three terminal 
Cl atoms, and is linked by three single Cl bridges to three 
different neighbours in a double-chain. Hydrolysis yields 
[Sb,OCI,]?~ ^ with the triply-bridged 


structure 


FIGURE 17.35 The structure of the ion, Sb,F5 


FIGURE 17.36 The structures of (a) the MjBrj ion, (b) the 
[Sb,O0Cl¢]?~ ion ni ji 


(Figure 17.36b). The trihalides are common reaction inter- 
mediates, and, for example, react with silver salts to give 
products such as P(NCO) 3, and with organometallic reagents 
to give a wide variety of organic derivatives, MR. Among 
such analogues we note species like Аѕ(ОТеЕ,)з and 
Sb(CF3)4 where the ligands behave very similarly to F and 
have a similar extensive chemistry. 


17.6.4 Other oxidation states 

A number of oxidation states other than V and III are found, 
especially among the oxides and oxyacids. Nitrogen forms the 
I, П, and IV oxides, N20, NO, and NO, or N5O,. Nitrous 
oxide, N,O, is formed by heating ammonium nitrate solu- 
tion or hydroxylamine and is fairly unreactive. It has a л- 
bonded linear structure, NNO. Nitric oxide has already been 
discussed from the structural point of view. Although it has 
an unpaired electron, it shows little tendency to dimerize, 


ation to rather loose dimers, | | 


though associ 
ough some Dos » 


occurs in the liquid and solid. It rapidly reacts with oxygen 
to form NO}. This is also an odd electron molecule but does 
dimerize readily to dinitrogen tetroxide. The solid is entirely 
N50, and this dissociates slightly in the liquid and increas- 
ingly in the gas phase until, at 100 °C, the vapour contains 
90 per cent NO. МО; is brown and paramagnetic and has 
an angular structure with ONO = 134°. N;O, is colourless 


о 
and diamagnetic with the symmetrical structure Nee 


О о 


and a very long N- № bond of 175 pm (compare 145 pm for 
the N — N single bond length in a molecule like hydrazine). 

The compound called Angelis. salt, М№аз№Оз. Н,О, is 
formally N(II). The anion has the structure 
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Here the unique NO distance is 135 pm and the others are 
131-2 pm. 

Phosphorus forms a third oxide, in addition to the pent- 
oxide and trioxide, which is of formula PO; and is formed, 
along with red phosphorus, by heating the trioxide above 
210 °C. This compound has a vapour density corresponding 
to Р.О,» and it behaves chemically as if it contains both 
Р(У) and Р(111). It may also contain P— P bonds as it 
reacts with iodine to give P1,. Its structure is unknown. 

Heating either Sb,O, ог 5,0, in air above 900 °С gives 
an oxide of formula SbO;. This consists of a network of fused 
SbO, octahedra containing both Sb(III) and Sb(V). A 
corresponding AsO; may exist. 

There are also two oxyacids of low oxidation states in the 
Group. These are hyponitrous acid, H;N3O;, with nitrogen 
(D, and hypophosphorous acid, H,PO;, with phosphorus 
(D. These are included in Table 17.13. Nitrogen forms its 
low oxidation state in hyponitrous acid by f, — p, and N – № 
bonding, while phosphorus in hypophosphorous acid is 
tetrahedral and the low oxidation state arises from two direct 
P-H bonds. Intermediate phosphorus oxidation states in 
oxypolyphosphorus compounds resulting from Р-Р and Р-Н 
bonds are shown in Table 17.13 and Figure 17.33c, d. 

Lower oxidation state nitrogen fluorides are made by direct 
combination using less fluorine than required for NF3. N;F; 


Е 
has a planar structure № ка ж which is most stable in this 


F 
trans form, but which may also occur in the cis form 
N-N 
/ X. There is a л bond between the two N atoms 
F F 
which have each a lone pair. N5F4 is a gas with a skew 


F 
N y^ 
structure similar to that of hydrazine; UNE In the 
gas and liquid phases it undergoes reversible dissociation to 
NF;: 
N;F, = 2NF; 


similar to that of N;O4. NF; is an angular molecule and 
contains an unpaired electron. For an odd-electron species, 
it has fairly high stability resembling NO, NO;, and CIO; 
in this respect. 

Phosphorus forms X;P-PX; lower halides which prob- 
ably have a skew structure as in N5F,. 

The lower halides of bismuth present a much more 
complicated picture. When bismuth is dissolved in molten 
bismuth trichloride, an intensely coloured solution results 
from which may be isolated a compound with the accurate 
formula Bi; СІ, 4. This is a complicated structure with 48 Bi 
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FIGURE 17.37 The structures of (a) ВІСІ, 


av (b) Ві,СІ2-, and (c) 
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atoms and 56 Cl atoms in the unit cell. These are arranged as 
4Bij*, 8BiCI2^, and 2Bi,Cl}~ units. The BiCI2- ion is a 
square pyramid with Bi(III) and resembles the "SbFi- ion 
mentioned earlier. In the structure these units are weakly 
linked to each other to form a chain. The Ві,СІ27 unit 
contains Bi(II1) and consists of two square pyramids sharing 
an edge of the base with their apices trans to each other. The 
Bij* unit has six Bi atoms at the corners of a somewhat 
distorted trigonal prism, and the other three Bi atoms above 
the rectangular faces. These units are shown in Figure 17.37. 
Thus the solid may be written (Bij *),(BiCI2~),Bi,Cl2~. In 
Bi, oHf,Cl, в, the Bi* ion has been recognized along with Ві * 
and HfCI?- ions. Further work has produced other cluster 
compounds of Bi and Sb, and these are reviewed in 
section 18.4. 

In Bil, an infinite chain structure is found, where Bi atoms 
are in two environments (Figure 17.38). In the A chain, Bi is 
bonded only to three other Bi atoms, and is formally Bi(0). In 
the B chain, there are four Bi – 1 bonds, each shared with a 
second Ві, and thus with the formal oxidation state Bi(II). 
These Bi atoms form a fifth bond to a bismuth of the A chain. 

In the lower bromides we find BiBr, isostructural with Bil, 
and also Bi,,Br,4, comparable with Bi,,Cl,,. 

Negative oxidation states appear in the hydrides, MH,, 
and in the organic compounds, NR,. The other elements, 
except possibly arsenic (see Table 2.13), are of lower electro- 
negativity than carbon in alkyl groups, and their organic 
compounds correspond to positive oxidation states. This 
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FIGURE 17.38 The structure of Bil 


distinction is not a useful one and is best regarded — as in the 
case of carbon chemistry in general— as an accidental result 
of the definitions. The organic compounds, MR,, and 
organohydrides such as R; PH, behave in a similar way to the 
hydrides but with the M — C bond stronger than M ~ H. 
An extensive organometallic chemistry of this Group exists 
which cannot be discussed here. As well as MR;, analogous 
to MH, ions МЕ, PR{, AsR;, and SbR; exist, which are 
tetrahedral and analogous to NH4. The phosphorus ana- 
logue of NH{ appears to exist, for example in PH,I, which 
is prepared from HI and PH;. However, the phosphonium 
halides are relatively unstable and readily decompose to 
phosphine and hydrogen halide. They are much more 
covalent than the ammonium salts. 

Although no pentavalent hydride, МН,, exists, the 
pentaphenyls MPh, of P, As, Sb, and Bi exist, as does PMes. 
PPh; and AsPh, are trigonal bipyramids in shape, but 
SbPh, is probably a square pyramid. SbPh, reacts with 
PhLi to give the octahedral SbPh, ion. 

Nitrogen is found in the — II state in hydrazine and its 
organic derivatives, R4N;, and in the — I state in hydroxyl- 
amine, NH;OH. 


17.7 The oxygen Group, ns? np* 
17.7.1 General properties 


References to the properties of oxygen Group elements will 
be found in the following places: 


Ionization potentials Table 2.8 
Atomic properties and 
electron configurations ‘Table 2.5 
Radii Table 2.10, 2.11. 2.12 
Electronegativities Table 2.14 


Redox potentials Table 6.3 


Table 17.14 lists some of the properties.of the elements and 
Figures 17.39 and 17.40 show the variations with Group 
position of a number of parameters and of the oxidation 
state free energies. 

Oxygen occurs both as the O, molecule and as ozone, Oy 
O, is paramagnetic (section 3.5) and has a dissociation 
energy of 489 kJ mol^' It is pale blue in the liquid and 
solid states. Ozone is usually formed by the action of an 
electric discharge on O;. Pure О, is deep blue as the liquid 


TABLE 17.14 Properties of the elements of the oxygen Group 


Coordination 
Element Symbol Oxidation states numbers Availability 
Oxygen О -IL(-I) 1,2,(3),(4) common 
Sulphur S —IL(IL,IV,VI 2,4,6 common 
Selenium Se (—IL), (II), IV,VI 2,4,6 common 
Tellurium Te ILIV 6 common 
Polonium Po ILIV very rare 
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FIGURE 17.39 Some properties of the oxygen Group elements 
The radii of the anions, X?" , are almost identical with the corres- 


ponding Van der Waals? radii. 
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40 Oxidation state free energies of the oxygen Group elements 
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ly stable from O to Po. The positive oxidation 
bility of the VI state after S and the 
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with m.p. = —250 °C and b.p. = —112 °C. It is diamag- 
netic and explodes readily as the decomposition to oxygen is 
exothermic and easily catalysed : 

О, = 3/20, AH = —142 kJ mol 


Ozone has an angular structure with the OOO angle equal 
to 117°. Of the eighteen valency electrons, four are held in 
the sigma bonds and eight in lone pairs on the two terminal 
oxygens. Two are present as a lone pair on the centre oxygen, 
leaving four electrons and the three ф orbitals perpendicular 
to the plane of the molecule to form a pi system. The three p 
orbitals combine to form a bonding, a nonbonding and an 
antibonding three-centre л orbital and the four electrons 
occupy the first two. There is thus one bonding 7 orbital over 
the three О atoms giving, together with the с bonds, a bond 
order of about one and a third. The bond length is 128 pm 
which agrees with this; O—O for a single bond in H30; is 
149 pm while O = О in О, is 121 pm. Adding one тоге 
electron to form the Оз ion starts to populate the antibonding 
л* orbital, and we find the bond length increases to 133 pm 
with an angle of 114°. Ozone occurs in the upper atmosphere, 
where it is formed photochemically from О. It has the 
important property of absorbing the middle and far ultra- 
violet part of solar radiation, thus protecting living tissue from 
damage. There is considerable current concern that the ozone 
layer is diminishing, mainly because Cl radicals from chloro- 
fluorocarbon propellants convert it back to oxygen. The 
‘ozone hole’ which appears over Antarctica in spring is a 
prominent manifestation of ozone depletion. International 
moves to reduce chloroflurorcarbon emission seem somewhat 
tardy. Ozone is a strong oxidizing agent, especially in acid 
solution where the potential is 2.07V (Table 6.3). It is 
exceeded in oxidizing power only by fluorine, oxygen di- 
fluoride, and some radicals. 

Since the S-S single bond is strong, sulphur chains form 
readily, and polysulphur species are one of the major classes of 
catenated compounds. The S-S bond is also labile, so that a 
particular chain compound, such as SgCl;, readily redistri- 
butes into an equilibrium mixture of different chain lengths, 
leading to difficulties in characterising such compounds. The 
element sulphur itself occurs as chains or rings (which are 
simply closed chains), and its structural complexities are now 
understood. 

Sulphur shares with phosphorus the ability to form a wide 
variety of allotropic forms in all three phases. However, many 
of these varieties of sulphur turn out to be mixtures of long 
chains and rings. The main interrelations are shown in Figure 
17.41. 

Under normal conditions, the thermodynamically stable 
form of sulphur is the Sg ring which has the crown structure 
shown in Figure 17.42. If we consider a short chain of $ 
atoms (say S—S-—S-S-S), then the central S forms two 
bonds and has two lone pairs. The SSS angle is thus expected 
to be around 105° and the chain is a zig-zag. Further, the 
arrangement will twist to move lone pairs as far apart as 
possible, so we find an optimum dihedral angle (angle between 
successive SSS planes), which minimizes lone pair repulsions, 
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FIGURE 17.41 The interconversion of the allotropes of sulphur 


FIGURE 17.42 The structure of the Sg or Seg ring 


of around 85-100. Putting these preferred angles together, 
we find that a long chain of S atoms will tend to coil up and 
‘bite back’ on itself. With an arrangement of 8 S atoms, the 
resulting ring allows an optimum choice of angles. 

Several of the allotropes of sulphur contain the Sg ring, and 
differ in the ways in which the rings are packed in the solid. 
When sulphur is heated to about 160°C, there is a sudden 
large increase in viscosity and this is ascribed to the S, S, 
change from rings to long chains of S atoms. The S, ring is 
also found in the gas phase, together with smaller units. 

A second, long-known, orange-red form of sulphur was first 
reported by Engel. It has $, rings, arranged in the chain form. 
This, and the many more recently discovered sulphur rings, is 
treated in section 18.2. 

A further interesting modification of sulphur is the 5, unit 
which occurs in the gas at high temperatures. On rapid 
cooling it condenses to a purple solid, which is paramagnetic 
like the isoelectronic O}. 

Selenium also forms a number of allotropes. Two different 
red forms containing Seg rings are found but the stable 
modification is the grey form. This contains infinite spiral 
chains of selenium atoms with a weak, metallic interaction 
between atoms in adjoining chains. The chain form of sulphur 
also contains spiral chains but has no metallic character. 

Tellurium has only one form in the solid. This is silvery- 
white, semi-metallic, and isomorphous with grey selenium, 
but with rather more metallic interaction as the self-conduc- 
tivity is higher. In the vapour, selenium and tellurium have a 


greater tendency than sulphur to exist as diatomic and 
monatomic species. 

Polonium is a true metal with two allotropic forms, in both 
of which the coordination number is six. Polonium is found 
in small amounts in thorium and uranium minerals (where it 
was discovered by Marie Curie) as one of the decay products 
of the parent elements, Th or U. It can now be more readily 
made by bombarding bismuth in a reactor: 


209p: | 1, — 210p; _ 210 0 
g3bit+on = “g3Bi = ^g4Po- -1€ 


All polonium isotopes have relatively short half-lives and this 
isotope, polonium 210, is the longest-lived with ¢, = 158 
days. The isotopes all have high activity and the handling 
problems are severe so that polonium chemistry is not fully 
explored. 

The trends observed in the nitrogen Group appear in a 
more marked degree in the chemistry of the oxygen Group. 
The — II state is well-established, not only for oxygen, but 
also for sulphur and even selenium, and it often occurs as the 
M?~ ion in the compounds of these elements, Apart from the 
Group state of VI, both the IV and the II states are observed 
in the Group, the IV state becoming the most stable one for 
tellurium, and the IV or II state the most stable one for 
polonium. Apart from the fluorine compounds, oxygen 
appears only in the — II state, except for the — I state in the 
peroxides. A variety of shapes is again observed. The VI 
state is usually octahedral or tetrahedral while the presence 
of the non-bonding pair in compounds of the IV state gives 
distorted tetrahedral shapes in the halides, MX, and 
pyramidal or V shapes in oxyhalides or oxides. Coordination 
numbers higher than six are uncommon but TeF, does add 
F- to give TeF> or TeF}~. 

Oxygen has little in common with the other elements in the 
Group apart from formal resemblances in the — II states. 
Polonium shows signs of a distinctive chemistry, similar to 
that of lead or bismuth, but the difficulties of studying the 
element mean that there are many gaps in its known 
chemistry. Tellurium resembles antimony in showing a 
strong tendency to be six-coordinate to oxygen, while 
sulphur and selenium show four-coordination. Sulphur is 
stable in the VI state, while selenium(V1) is mildly oxidizing 

The tendency to catenation shown by the elements is 
continued in the compounds, especially those of sulphur. 
Oxygen forms О — О links in the peroxides and in O;F;, and 
three- and four-membered chains may be present in the un- 
stable fluorides, O,F; and O4F;. Sulphur forms many chain 
compounds, particularly the dichlorosulphanes, S,Cl;, 
where x may be as high as 100, and the polythionates, 
(O,SS,SO,)?^ where the compounds with x = 1 to 12 
have been isolated. Chain-forming tendencies are slight for 
selenium and absent in tellurium chemistry. 

It is convenient to discuss oxygen chemistry separately 
from that of the other elements. 


17.7.2 Oxygen 
Oxygen is prepared on a large scale by fractionation of liquid 
air, and had its first large-scale use in the Bessemer steel- 


making process where it is used to reduce the carbon content 
ofiron. It has become more widely used in metallurgy to assist 
the combustion of heavy fuel oils, allowing replacement of 
coke. It is also used directly in various large scale organic 
syntheses such as the formation of ethylene or propylene 
oxides from the alkenes. Smaller-scale uses, often via per- 
oxides, are in bleaching, biological and medical work, and 
sewage treatment. 

Oxygen combines with all elements except the lighter 
rare gases, and most of the oxides are listed in Tables 13.3 and 
17.2. Their properties have been discussed already. The 
change in acidity from the s element oxides to the oxides of 
the light p elements will already be familiar to the reader. 
Oxygen shares with the other first row elements the ability to 
form f, — p, bonds to itself and to the other first row elements, 
and it is sufficiently reactive and electronegative to form 
р, = d, bonds with the heavier elements. 

Dioxygen coordinates to a variety of transition metals in 
species which have been variously formulated as containing 
neutral O, superoxide Oz , or peroxide 027. These are dis- 
cussed in section 16.7. 

As fluorine is more electronegative than oxygen, com- 
pounds of the two are oxygen fluorides and are discussed 
here. The halogen oxides of Cl, Br, and I are to be found in 
section 17.8. Four oxygen fluorides are well established — 
OF, О,Е,, O4F;, and O4F;—and two more have been 
reported recently—O;F; and O,F;. ОЕ, is formed by the 
action of fluorine on dilute sodium hydroxide solution, while 
the other five result from the reaction of an electric discharge 
on an Q,/F mixture. An increasing proportion of О; and 
decreasing temperature are required to make the highest 
members of the series. Thus OsF; and O,F; were prepared 
in a discharge at — 213 °C using a 5/1 mixture of О; and Ез. 
The use of higher proportions of oxygen does not give Оз or 
higher species at this temperature but it might be possible 
to make these by working at a still lower temperature. All 
six compounds are very volatile with boiling points well 
below room temperature. 

OF, is the most stable of the six oxygen fluorides. It does 


not react with Hj, CH4, or CO on mixing, although such 


mixtures react explosively on sparking. Mixtures of OF; and 
ture. OF; reacts slowly 


halogens explode at room tempera 
with water: 
OF,+H,0 = O,+2HF 


and is readily hydrolysed by base: 
OF,+20H = O,42F +H,0 


The structure of OF; is V-shaped, like H20, with the FOF 
angle = 103:27 and the bond length, O-F = 1418 pm. 
The other five oxygen fluorides are much less stable. O;F; 
decomposes at its boiling point of — 57 °С, O4F; at — 157 °C, 
O,F; at —170 °С, and OsF2 and O,F; are stable only to 
— 900 °C. Indeed, OF; can explode if it is warmed rapidly 
185 °С. All are red or red-brown in colour. Electron 
dies on O;F; and O,F, have shown that 
adical to the extent of 0-1 per cent 


up to — 
spin resonance stu 
these contain the OF r 
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for O;F; and 5 per cent for O;F ;. It is likely that the higher 
members also contain free radicals, and these may account 
Е 
O-O 
F 
similar to that of hydrogen peroxide and the others may be 
chains, FO,F. 
When ОЕ, is reacted at low temperatures with molecules 
which will accept F^, such as BF, or PFs, oxygenyl com- 
pounds result: 


О,Е, BF, = (O;)BF, +3; (at — 126 С) 


for the colour. O,F, has a skew structure, 


Oxygenyl tetrafluoroborate decomposes at room tempera- 
ture to BF}, O;, and fluorine. The oxygenyl group may be 
replaced by the nitronium ion, NO}: 


O,BF,+NO, = (NO;)BF, - O; 


The oxygenyl ion may also be formed directly from gaseous 
oxygen by reaction with the strongly oxidizing platinum 
hexafluoride molecule: 

O44 PtF; = (O2)* (РЕ) 7 

Other OF (МЕ,) ~ species have M = Р, As, Sb, Bi, Nb, Ru, 
Rh, Pd or Au (note the unusual Au(V) state). OZ (M9F,,) 7 
for M = Sb, Bi, Nb and Ta are also known. Recently 
О} (GeF) was reported. In all these species the О-О 
stretching lies in the range 1825-65 cm-!, reflecting a 
stronger bond than in O;. 

Oxygen forms two compounds with hydrogen, water 
and hydrogen peroxide, H,O,. Water, and its solvent 
properties, is discussed in Chapter 6 and hydrogen-bonding 
in O-H systems is included in section 9.7 and Figures 9.1, 
9.2. 

Hydrogen peroxide may be prepared by acidifying an 
ionic peroxide solution (section 10.2) or, on a large scale, by 
electrolytic oxidation of a sulphate system: 


2HSO; = 5,027 +2H* +2е7 
5,02 +2Н;О* = 2H,SO,+H20>. 


(The intermediate is called persulphate.) The hydrogen 
peroxide is distilled off and may be concentrated by frac- 
tionation. Pure HO; is a pale blue liquid, m.p. —0-89 °C, 
b.p. 150-2 °C, with a high dielectric constant and is similar to 
water in its properties as an ionizing solvent. It is, however, a 
strong oxidizing agent and readily decomposes in the pre- 
sence of catalytic amounts of heavy metal ions: 


H,O, = H,0+40, 


Hydrogen peroxide has the skew structure shown in Figure 
9.7b. 

The ionic peroxides, and the peroxy compounds of the 
transition elements, have been discussed in previous Chap- 
ters (10 and 16). There аге also a number of covalent 
peroxy species, acids or oxyanions, which may be regarded 
as derived from the normal oxygen compounds by replacing 
-O- by -O-O-; just as H-O-H is related to 
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FIGURE 17.43. The structures of the sulphuric and per-sulphuric acids 


(a) Sulphuric acid, (b) pyrosulphuric acid, (c) peroxymono- 
sulphuric acid, (d) peroxydi-sulphuric acid. 


H-0O-0O-H. The best known examples are permono- 
sulphuric acid (Caro's acid) H,SO,—which occurs as an 
intermediate in the persulphate oxidation above—, perdi- 
sulphuric acid (persulphuric) НО, perphosphoric acid, 
H3POs, and perdicarbonic acid, Н,С,О,. Only the struc- 
tures of the sulphuric acids are definitely established and 
these are related to the oxygen compounds as shown in 
Figure 17.43. The others are probably (НО), (HOO)PO and 
(HO);C- O-O- С(ОН),. 

There also exist a number of other compounds which are 
commonly termed per-acids, such as percarbonic acid and 
perboric acid, which may be only simple acids with hydrogen 
peroxide of crystallization. For example, the so-called per- 
carbonic acid salts, such as Li,CO4.H,O, are more probably 
carbonates, LixCO4,.H5O;. However, structural informa- 
tion is not available to finally determine these cases. 

Finally, it must be noted that the terms, peracid (better, 
peroxoacid) and peroxide, are properly applied only to 
compounds which contain the —O —O — group, which may 
be regarded as derived from hydrogen peroxide. In the older 
literature, and in much technical literature, some higher 
oxides such as MnO, are termed peroxides. This usage is 
incorrect on the modern convention of nomenclature. 


17.7.3 The other elements: the (VI) state 
Sulphur occurs as the free element, especially in volcanic 
areas around hot springs, and was one of the elements known 


in ancient times. Its main current source is from the 
desulphurization of oils and natural gas, mining in volcanic 
deposits, as a byproduct of extracting sulphide ores, and by 
the Frasch process where it is recovered from underground 
deposits by hot water under pressure. Its major use is in 
sulphuric acid manufacture, with minor consumption in 
many industries, especially rubber manufacture. Sulphuric 
acid is made by burning S to SO;, followed by catalytic 
oxidation to SO, and solution in sulphuric acid and dilution. 
More than half the sulphuric acid is used in fertilizer 
manufacture, with other uses spread over more than a 
hundred industries. Selenium and tellurium are byproducts 
of copper extraction. Selenium is used in glass, as a decolorizer 
and to produce red and yellow colours. It is used in 
photoconductors and electronic devices, and is the photore- 
ceptor which is basic to xerographic photocopying. Tellurium 
finds uses in metallurgy and alloys. 

The trioxides, MO,, of the VI state are formed by sulphur, 
selenium, tellurium, and polonium, and all these elements 
(except possibly polonium) form oxyanions. The acids are 
included in Table 17.15. Sulphur and selenium are four- 
coordinated to oxygen in the acid (H;MOj) and in the 
anion (МО), while tellurium forms the dibasic, six- 
coordinated acid, Te(OH),, and two series of six-coordin- 
ated tellurates, ТеО(ОН); and TeO,(OH)}>. Sulphur, 
selenium, and tellurium all burn in air to form the dioxide, 
MO), and the trioxides аге made by oxidizing these. Sul- 
phuric acid, H5SO,, is formed by dissolving SO, in water, 
but selenic acid, H5SeO,, is more readily made by oxidizing 
the selenium(IV) acid, HjSeO;, made by dissolving 560. 
Sulphuric acid and the sulphates are stable, while selenic 
acid, the selenates, telluric acid, and the tellurates arc all 
oxidizing agents, although they are typically slow in reacting. 

Only sulphur gives a condensed acid in the VI state, and it 
forms only the binuclear species, pyrosulphuric acid H ; S; O;. 
Condensed anions include S,O25 and S,O?; as well as 
M30$ (M = S, Se), but tellurium gives no polyanions at 
all. As condensation is also restricted in the IV state to bi- 
nuclear compounds of sulphur and selenium, it will be seen 
that the tendency to condense is much slighter in this Group 
than it was in the nitrogen Group. 

Oxidizing power of the VI state increases down the 
Group, and polonium(VI) is strongly oxidizing, so that the 
existence of the oxide and oxyanions is in some doubt. 

The other main representatives of the VI state are the 
hexafluorides, MF,. These compounds are all relatively 
stable but with reactivity increasing from sulphur to tellur- 
ium. SF, is extremely stable and inert, both thermally and 
chemically, SeF is more reactive and ТеЕ, is completely 
hydrolysed after 24 hours contact with water. The hexa- 
fluorides are more stable, and much less reactive as fluorinat- 
ing agents, than the tetrafluorides of these elements. All the 
hexafluorides result from the direct reaction of the elements, 
and dimeric molecules S;F,5 or Se,F;o are also found (but 
not Te;F,o). These compounds are rather more reactive 
than the hexafluorides, but still reasonably stable. The co- 
ordination is octahedral, ЕЁ, М ~ МЕ,. They hydrolyse read- 
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vigure 17.44 Oxyhalides of sulphur: (a) SO,X, (b) 5:05Е, (or 
C35), (c) SOF,, (d) SOFs, (e) SO3F2 

ilv, with fission of the M— M bond, and S;F,, reacts with 
chlorine to give the mixed hexahalide, ЅЕ;СІ. Addition of CIF 
to SeF4 gives SeFsCl and tellurium forms similar species, 
l'eF4X for X = Cl, OF or OCI. Tracer studies reveal the 
existence of a volatile polonium fluoride, probably PoF,. 

'TeFg adds F^ to form a seven- or eight-coordinated anion 
and also reacts with other Lewis bases, such as amines, to 
give eight-coordinated adducts like (Me3N);TeFs. 

The VI state is also found in sulphur and selenium oxy- 
halides, and in halosulphonic acids. Sulphur gives sulphuryl 
halides, SO;X;, with fluorine and chlorine, and also mixed 
compounds SO;FCl and SO;FBr. Only one selenium 
analogue, SeO;F;, is found. If one OH group in sulphuric 
acid (Figure 17.43a) is replaced by OF, fluorosulphonic acid 
results. The anion has been characterized and shows the 
expected tetrahedral configuration around S with the S- 
OF bond distance of 165 pm and the other three S-O 
distances equal to 143 pm: the SOF bond angle is 108°. 
Sulphur also gives a number of more complex oxyhalides, 
some of which are shown in Figure 17.44. The oxyhalides are 
formed from halogen and dioxide, or from the halosulpho- 
nates. SO;F; is inert chemically but the other compounds are 
much more reactive and hydrolyse readily. 

Tellurium, in particular, forms a number of oxyfluorides of 
complex formulae such as TesO4F a2 or Te,06F 30- Structural 
studies show that many of these are derived from TeFg by 
successive replacement of Е by the ОТеЕ; group. There is 
evidence for Е,Те(ОТеЕз)2, Е,Те(ОТеЕ;) 4; ЕТе(ОТеЕ;)5 
and Te(OTcF,)s (eg. Figure 17.45a). The structures are 
octahedral, and cis and trans isomers of both the F4TeO; and 
F;TeO, species are known. Related species are [TeOF,]; 
which is a pair of octahedra linked by two oxygen bridges, 
and (TeF4);O (Figure 17.45b, c). The selenium analogue is 
also found. (These structures contrast with the transition 
metal analogues, such as WOF,, which are linked by fluorine 


bridges.) 
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тооке 17.45 (а) F,Te(OTeF;),, (b) (FsTe)20, (с) (FeTe)2(O)2- 


The OTeF,, and OScF;, groups arc found to bond to other 
atoms. Thus we find У(ОТеЕ;) with an octahedral VOg 
configuration. Similar species include 1(О$еЕ;) ;, B(OTcF,); 
and Хе(ОТеЕ.), for n = 2, 4 and 6. There is a range of angles 
at O from XeOTe (125°), TeOTe (139°) to VOTe (170°) 
which suggests an increasing degree of M-O-Te л 
bonding. The simple species F,MOME, is found for М = S, 
Se and Te, each with similar MOM angles of 142—-5', and in 
each case the fluorines are eclipsed, again arguing for a 
pn. — іл interaction of the oxygen lone pairs. 

As this field develops, it is becoming apparent that the 
OSeF, and OTeF groups are behaving very like F, as ligands 
of high electronegativity. Many species occur in which 
stepwise replacement of F is found, as above and also in 
oxyfluorides like OXe(OTeF;) (c£. OXeF,), as ionic species 
eg. Na* (OScF;) ‚апа halo-species as CIW (ОТеЕ,)5. 

Three halosulphonic acids are known, FSO3H, CISO;H, 

OH 


and BrSO3H. The structures are tetrahedral 4 y, Y and 


are formed from sulphuric acid by replacing an OH group 
by a halogen atom. They are strong monobasic acids but 
only fluosulphonic acid is stable and forms stable salts, fluo- 
sulphonates FSO3, which are similar in structure and solu- 
bilities to the perchlorates. 


17.7.4 The(IV) state 

The IV state is represented by oxides, MO, , halides, МХД, 
oxyhalides, MOX;, acids, and anions, for all four elements. 
Sulphur(IV) is reducing, selenium(IV) is mildly reducing 
(going to Se(VI)) and also weakly oxidizing (going to the 
element), tellurium(IV) is the most stable state of tellurium, 
while polonium(IV) is weakly oxidizing (going to Po(II)). 
In addition, a number of complexes are known. 

The oxides are given in Table 17.2a and the acids and 
anions in Table 17.15. The dioxides result from direct re- 
action of the elements. SO; and SeO; dissolve in water to give 
the acids, but TeO; and PoO; are insoluble and the parent 
acids do not exist. Tellurium and selenium oxyanions result 
from the solution of the oxides in bases. Salts of one condensed 
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FIGURE 17.46 Oxygen compounds of sulphur and selenium: (a) SO, (b) 
SeO,, (c) S(or Se)O3^, (d) 5027, (е) 5,087, (f) S2037, (g) 
S402, (h) 5402 ° (and similar 5,027) 


acid exist: these are the pyrosulphites, S027, which have 
the unsymmetrical structure with a S-S bond, 705505. 

Figure 17.46 gives the structures of some of the oxides and 
oxyions. The IV state oxides and oxyanions have an un- 
shared electron pair (in monomeric structures) and thus 
have unsymmetrical structures. The stable form of the di- 
oxide shows an interesting transition from monomeric 
covalent molecule, SO;, through polymeric covalent, SeO;, 


to ionic forms for TeO; and PoO;. Sulphur, selenium, and 
tellurium dioxides are acidic and dissolve in bases. PoO, 
appears to be more basic than acidic and dissolves in acids 
as well as forming polonites with strong bases. 

One compound intermediate between the IV and VI 
oxides is reported. This is Se;O;, formed by controlled heat- 
ing of SeO3. This compound is conducting in the fused state 
and it has been suggested that it is SECO? *SeO3™, a salt of 
Se(IV) and Se(VI). 

The known tetrahalides are listed in Table 17.2b. The 
missing ones are SBr;, SI, and Sel, while SCl, and SeBr, are 
also unstable, SCl, decomposing at —31 °C. The tellurium 
tetrahalides are markedly more stable, even Tel, being 
stable up to 100 °C. TeCl;, TeBrg and SeCl, are all stable up 
to 200 °C and the tellurium compounds to 400 °C. All the 
tetrafluorides are known and these are rather more stable 
than the other tetrahalides to thermal decomposition. They 
are much more reactive than the hexafluorides and act as 
strong, though selective, fluorinating agents. All four 
polonium tetrahalides are known and resemble the tellurium 
analogues, though they seem to be rather less stable. The 
structures of most tetrahalides are known. SF}, ЅеЕ,, TeBra 
and TeClj, are all found as the distorted tetrahedron derived 
from the trigonal bipyramid with one equatorial position 
occupied by an unshared pair of electrons (see section 4.2). 
Tellurium tetrafluoride forms a polymeric structure in which 
square pyramids are linked into chains by sharing corners, 
TeF3(F у). Tel, is a tetramer consisting of four Tel, octa- 
hedra sharing edges. Thus the lone pair is still sterically 
active. SCl, and SeCl,, which exist only in the solid, give 
Raman spectra suggesting an ionic formulation, MCI} СІ, 
but there is no other evidence supporting this. These two 
compounds vaporize as MCI, + Cl;, the sulphur compound 
at — 30°C and the selenium one at 196°C. 

The selenium and tellurium, and probably the polonium, 
tetrahalides readily add one or two halide ions to give 
complex anions such as SeF; and МХ2- (M = Se, Te, Ро: 
X = any halogen). These hexahalo (IV) complex ions are 
interesting from the structural point of view as they contain 
seven electron pairs. Structural determinations on a number 
of compounds show that the MX2^ group is octahedral, but 
the group may be regular or distorted. The electron pair 
repulsion theory, discussed in Chapter 4, would imply that 
the non-bonded pair occupied a spatial position and should 
lead to a distorted octahedron. It is possible, however, that 
with large, heavy, central atoms, the non-bonded pair might 
be accommodated in an inner orbital rather than in a par- 
ticular spatial direction. Structural studies so far reported, 
indicate that two groups of structures are found. In the 
hexafluorides of the IV state, MF2~, as in the isoelectronic 
IF; and XeF,, the structure is distorted octahedral, indi- 
cating a sterically active lone pair. However, in the heavier 
halides like MCIZ-, the structure is regular octahedral. It 
is proposed here that the dominant factor is repulsion be- 
tween halogen atoms which is minimized in the regular 


structure. In this form, the lone pair would have to occupy 
an s orbital, presumably. 


E —— A 


The structure of one pentafluoro complex has been deter- 
mined. This is КТеЕ; which contains ТеР; ions which are 
square pyramids, with the lone pair to complete the octa- 
hedron. In this, as in TeF4, the square pyramid has the Te 
below the base, that is, the base F atoms are bent up away 
from the lone pair position. It will be recalled from section 
13.6, that the opposite distortion occurs when there are five 
ligands and no lone pair. Selenium forms an interesting pair of 
dinuclear complexes in the IV state. Se;Cljg has two 
octahedra sharing an edge, while Se;Clg has two octahedra 
sharing a face (alternatively seen as two Se atoms linked 
respectively by 2 or 3 bridging Cl). 

Oxyhalides of the IV state are formed only by sulphur 
and selenium and have the formula MOX;. Thionyl halides, 
SOF,, SOCI}, SOBr;, and SOFCI are known while the 
seleny! fluoride, chloride, and bromide exist. Thionyl 
chloride is made from SO; and phosphorus pentachloride: 


SO,-- PCI, = SOCI, 4 POCI, 


The other thionyl halides are derived from the chloride. 
Seleny! chloride is obtained from SeO; and SeCl,. These 
oxyhalides are stable near room temperature but decompose 
on heating to a mixture of dioxide, halogen, and lower 
halides. SOF; is relatively stable to water, but all the other 
compounds hydrolyse violently. These compounds have an 
unshared electron pair on the central element and are 
pyramidal in structure (Figure 17.47). In SeOF;, FSeF = 
926° and OSeF = 105:5°. The oxyhalides act as weak 
donor molecules through the lone pairs on the oxygen 
atoms, and also as acceptors using d orbitals on the sulphur 
or selenium. SEOX}z complex ions are known for X = F, Cl, 
and Br. With large cations they exist as isolated square 
pyramidal species, but with smaller ions there is an increasing 
tendency to polymerise for X=F< СІ< Вг. In 
ЅеОСІ,.2ру (ру = ,pyridine) the structure is a square 
pyramid with a sterically active lone pair. The di-oxygen 
complex fluorides, MO,F3~ and МОЕ are found for both 
M = Se and Te, together with ТеОЁ . 


17.7.5 The (II) state: the (— 1) state 
If poly-sulphur compounds are excluded, the II state is 
represented by a more limited range of compounds than the 
IV or VI states, but it is more fully developed than the I state 
of the nitrogen Group. Tellurium and polonium form readily 
oxidized monoxides, MO, and a number of dihalides, MX;, 
exist. No difluorides occur (apart from a possible SF?) but the 
general pattern of stability of the other dihalides resembles 
that of the tetrahalides, stability decreasing from tellurium 
to sulphur and from chloride to iodide. TeCl;, TeBr;, PoCl;, 
and PoBr, are stable; SeCl, and SeBr; decompose in the 
vapour while SCl;, the only sulphur dihalide, decomposes at 
60°C. No di-iodide is known although there is a lower iodide 
of tellurium, (Tel),. SCl; is unstable with respect to dis- 
sociation to Cl, + Cl). 

The lower iodide of sulphur has been shown to be 5,1,: 
there is no evidence for SI}. 

After considerable confusion, the properties of the fluorides 
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FIGURE 17.47 The structure of thionyl halides, SOX2 


of low oxidation state sulphur are now fairly clear. SF}, S;F;, 
and two isomers of S;F, exist. SF, readily disproportionates 
into SF, and Sg (probably driven by the high 5—5 bond 
energy). It is made from SCl; plus KF or НЕЕ; under careful 
conditions: this system also readily yields S;F;. SF; is a V- 
shaped molecule with bond angle 98°. It forms the 
unsymmetrical dimer F3S — SF. 
S;F, exists in the trans chain and in the branched form 


F F 


5—5 S=S 
ra 55 
F F 


In the FSSF form, SS is 189 pm, similar to the distances in S; 
and shorter than HSSH or CISSCI. In the SSF, form, SS is 
reduced further to 186 pm, the FSS angle is 108° and the FSF 
angle is 93°, arguing some increased electron density in SS. 

These species are stable at low temperatures in an inert 
environment. The FSSF form readily converts to the more 
stable SSF,, which can be heated above 200°C before 
decomposition. However, decomposition is rapid in presence 
of species like HF. 

The complex, SeBr,L, where L is tetramethylthiourea, is 
an example of the rare T-coordination. The BrSeBr angle is 
175° and the S atom of the ligand completes the T. 

The — II state is found in the hydrides, H,M, and in the 
anions, M?~. With the more active metals, sulphur, selen- 
ium, and tellurium all form compounds which are largely 
ionic, although they have increasing metallic, and alloy-like, 
properties as the electronegativity of the metal increases. The 
tendency to form anions increases from the nitrogen Group 
(where the evidence for М?” ions, apart from N^, is 
limited), through the oxygen Group, (where the М?” ion 
is more widely found), to the halogens where the X" ion is 
the most stable form for all the elements. This trend in 
anionic behaviour reflects the increasing electronegativity of 
the elements, and the greater ease of forming singly-charged 
species over doubly- or triply-charged ones. 
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TABLE 17.15 Oxyacids and oxyanions of sulphur, selenium, and tellurium 


SULPHUR 


Sulphur shows coordination numbers up to four, the most common being tetrahedral; S—S bonds are common among the 


lower acids. 


H,SO, HSO; апа 5027 Stable, strong, dibasic acid: formed from SO; and water. Structure, 
sulphuric acid sulphate Figure 17.43. 

H,S,0, HS,0; and S,027 Strong, dibasic acid: formed from SO; and H;SO, (anions by 
pyrosulphuric acid ^ pyrosulphate heating HSO;), loss SO; on heating. Sulphonating agent. 


Structure, Figure 17.43. Also anions 53025 and $,02; . 


H,SO, HSO; and 507 Existence of free acid doubtful. SO; + H5O gives a solution contain- 
sulphurous acid sulphites ing the anions but this loses SO; on dehydration. Reducing and 
weak, dibasic acid. Structure, pyramidal SO$^ ion; lone pair on 5. 
52029 No free acid. Formed by heating HSO3 ог by 50,+505. 
pyrosulphite 
polythionic acids 
Н,5,0, 5,02- Acid stable only in dilute solution, anions stable. Formed Бу 
dithionic acid dithionates oxidation ofsulphites and stable to further oxidation, or to reduction. 


S,O2" (n = 3 to 6) 


Strong, dibasic acid. Structure, Figure 17.46. 
Free acids cannot be isolated; anions formed by reaction of SO; and 


polythionates H3S or arsenite. Unstable and readily lose sulphur, reducing. 
Structures contain chains of S atoms, Figure 17.46. 
Н,5,0; S037 Acid prepared by zinc reduction of sulphurous acid solution, and 
dithionous acid dithionite salts (called also hyposulphites or hydrosulphites) prepared by zir« 
(or hyposulphurous) reduction of sulphites. Unstable in acid solution, but salts are stable 
in solid or alkaline media, powerful reducing agents. Decompose to 
sulphite and thiosulphate. Structure, Fig. 17.48, contains 8—8 link. 
S;0$- Prepared in alkaline media by action of S with sulphites. Perfectly 
thiosulphate stable in absence of acid, but gives sulphur in acid media. Mild 
reducing agent, as in action with I, which gives tetrathionate, 
5,027. Structure, Figure 17.46, derived from sulphate. 
SOi- Best known as the cobalt salt from CoS;O4,-- NH, = CoSO, + 
sulphoxylate (NH4)2SO3. The zinc salt may also exist. Unstable and reducing, 


structure probably V-shaped. 


The peroxy acids HjSO; and H,S,0g, corresponding to sulphuric acid and pyrosulphuric acid, also exist. Structures are 
shown in Figure 17.43. 


SELENIUM 


Selenium commonly shows a coordination number of four: a smaller number of selenium acids than sulphur acids is found as 
the Se — Se bond is weaker. 


H,SeO, HSeO; and 5е027 Formed by oxidation of selenites. Strong dibasic acid, oxidizing. 


sclenic acid selenates Similar structures to sulphur compounds. 
2- : А 
Se,05 No acid, formed by heating selenates. 
pyroselenate 
Д a : ы, : ee 
H,SeO, НЅеО; and $еО$ Selenium dioxide solution. Similar to S species, but less reducing and 
selenous acid selenite 


' | more oxidizing. Structure contains pyramidal $8еО?^ ion. 
Chain anions of selenium have not been found, but selenium (and tellurium) may form part of the polythionate chain; as in 
SeS,O$ ^ and TeS,O§~ where the Se or Te atoms occupy the central position in tlie chain. 


TELLURIUM 
Tellurium, like the preceding elements in this Period, is six-coordinate to oxygen. 
Н,ТеО, ТеО(ОН); and TeO,(OH)3~ Prepared by strong oxidation of Te or ТеО,. Structure is octa- 


telluric acid tellurates hedral Te(OH),, and only two of the protons are sufficiently acidic 
to be ionized, and then, only weakly. The acid and salts are strong 
oxidizing agents. 
tellurites 


ТеО, is insoluble and no acid of the IV state is formed. Tellurites, 
and polytellurites, are formed by fusing TeO, with metal oxides. 


17.7.6 Compounds with an S — S or Se – Se bond 

Many compounds with S-S bonds are known, together with 
asmaller range of Se-Se species. In this section we cover those 
compounds with one such bond, together with all the oxygen- 
polysulphur compounds. The remaining catenated species 
with three or more bonded S or Se are discussed in section 
18.2. 

Disulphides, 527 are formed by reacting sulphides with S, 
and addition of acids yields HS. This has a skew structure 
similar to Н,О,, but with angles at S of about 92°. The 
reaction of Cl, on molten sulphur yields S;Cl; and the 
bromide is formed similarly. These also have a skew 
X-S- S- X structure with SSX angles about 103°, and are 
more stable than the corresponding SX; species. The 
selenium analogues, Se;X5 (X = Е, Cl, Br) are also well 
established, with similar structures. Photolysis of the FE—EF 
species gives the isomeric form F,E—E (E = O,S, or Se). 

Among the oxides, only $;O contains a S S bond. This 
compound was, for a long time, reported as SO but the 
most recent work has established the existence of $;O and 
suggests that SO is a mixture of S20 and SO). 5,0 is formed 
by the action of an electric discharge on sulphur dioxide and 
it is unstable at room temperature. The structure SSO is 
proposed, 

A variety of oxyacids and охуапіопѕ with S-S 
bonds exists, among which are the polythionic acids, 
H5(O4S—$,- SO4) where п varies from 0 to 12, and a 
miscellaneous group of compounds including thiosulphate, 
dithionite and pyrosulphite. All these compounds are in- 
cluded in Table 17.15. In sulphur-metabolizing organisms, it 
would be expected that species representing partial oxidation 
of sulphur would occur on the path to sulphite and sulphate. 
It is intriguing to find that chromatographic investigations 
show the presence ofall the polythionates from n = 1 to 20 in 
cultures of Thiabacillus ferrooxidans. 

In the polythionic acids, there is a marked difference in 
stability between dithionic acid, Hz$,O,, and the higher 
members. As dithionic acid contains no sulphur atom which 
is bonded only to sulphur, it is much more stable than the 
other polythionic acids which do contain such sulphurs, see 
Table 17.15. Dithionates result from the oxidation of 
sulphites: 


2802-4 MnO; +4Н,0* = Mn?* +505 +6Н;О 


and the parent acid may be recovered on acidification. 
Dithionic acid and the dithionates are moderately stable, and 
the acid is a strong acid. The structure, 0,5 = 50}, has an 
approximately tetrahedral arrangement at each sulphur, 
with z bonding between sulphur and the oxygen atoms. 

The reaction of HS and SO; gives a mixture of the poly- 
thionates from S4027 to 5,403 =, while specific preparations 
for each member also exist, as in the preparation of tetra- 
thionate in volumetric analysis by oxidation of thiosulphate 
by iodine: 


25,02- +1, = 5,027 +217 


These compounds have very unstable parent acids, which 
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readily decompose to sulphur and sulphur dioxide, but the 
anions are somewhat more stable. The structures are all 
established as O;S—S,—SO; with sulphur chains which 
resemble those in sulphur polyanions. As with the other 
examples of sulphur chain compounds, each polythionic acid 
readily disproportionates to an equilibrium mixture of all 
the others. 

Thiosulphate, S 2037, is formed by the reaction of sulphite 
with sulphur. The free acid is unstable, but the alkali metal 
salts are well-known in photography and in volumetric 
analysis. The structure of the thiosulphate ion has not been 
determined, but is almost certainly tetrahedral, correspond- 
ing to sulphate with one oxygen replaced by sulphur. This 
conclusion is supported by exchange studies with radioactive 
sulphur, which have demonstrated the presence of two 
different types of sulphur atom. 

Dithionite ions, $5027, result from the reduction of sul- 
phite with zinc dust. The free acid is unknown, and the salts 
are used in alkaline solution as reducing agents. Dithionite 
(also called hyposulphite or hydrosulphite) decomposes 
readily: 

25,027 +Н,О = $2047 +2HSO; 

and the solutions are also oxidized readily in air. The di- 
thionite ion has the unusual structure shown in Figure 17.48. 
The oxygen atoms are in the eclipsed configuration and the 
S— S bond is very long. The S— О bond lengths show that л 
bonding exists between the sulphur and oxygen atoms, and 
there is also a lone pair on each sulphur atom. The S atoms 
must thus make use of d orbitals and it is proposed that the 
unusual configuration and the long S— S distance arise from 
the use of a d orbital. 


17.7.7. Sulphur-nitrogen ring compounds 

Sulphur and nitrogen form a number of ring compounds, of 
which the best-known is tetrasulphur tetranitride, S4Nq. 
This is formed by reacting the chlorosulphane of approxi- 
mate composition SCI; with ammonia. It is a yellow-orange 
solid which is not oxidized in air, although it can be detonated 
by shock. The structure is shown in Figure 17.49. The four 
nitrogen atoms lie in a plane, and the four atoms of sulphur 
form a flattened tetrahedron, interpenetrating the № 
square. Alternatively, the structure may be regarded as an 
Sg ring with every second sulphur replaced by a nitrogen. 


FIGURE 17.48 The structure of the dithionite ion, S,Oi 
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FIGURE 17.49 The structure of tetrasulphur tetranitride 


S — $ distances are fairly short, 259 pm, showing that there is 
some weak bonding across the puckered ring between 
opposite sulphur atoms. In the S4Nj* cation, the loss of 
electrons removes the cross-ring bonds. The cation is found in 
two forms, planar and boat-shaped, where all the S-N bond 
lengths are equal and the charge is delocalized. Similar 
planar $, and S5N7 cations with equal bonds are known. 

A number of other ring compounds exist, including S4N5 
where the additional N bridges the two S atoms at the top of 
the molecule, F4S,N4, where the substituent Е atoms are on 
the sulphur atoms of the S4N, ring, апа SjN4H, with the Н 
atoms on the nitrogens. A different eight-membered ring is 
found in S;NH, again with H bonded to the nitrogen. This 
hydrogen is fairly acidic and can be replaced by a number of 
metals. Different ring sizes are also found, as in S;N3Cl, and 
S4,N,CI. In SN; the structure is a ‘half-chair’ where there is a 
planar S-N-S-N-S section with the last S linking the two 
ends any lying above the plane. 

Related to these species is polymeric (SN), which has 
metallic conducting properties, and is a semi-conductor at 
0-26 K. This compound oxidizes too readily for large-scale 
use, but it has directed interest towards other ‘covalent 
metals', and it is possible that polymers including S-F or S-O 
units to protect the SN backbone may be more resistant to 
oxygen. 


17.8 The fluorine Group, ns?np* (the halogens) 
17.8.1 General properties 


Reference to properties of the halogens are included in the 
following Tables and Figures: 


Ionization potentials Table 2.8 
Electron affinities Table 2.9 
Atomic properties and 
electron configurations Table 2.5 
Radii Table 2.10. 2.11, 2.12 
Electronegativities Table 2.14 
Redox potentials Table 6.3 


Uses as nonaqueous solvents Chapter 6 


TABLE 17.16 Properties of the elements of the fluorine Group 


Coordination 
Element Symbol Oxidation states numbers Availability 
Fluorine F —1 1,(2) common 
Chlorine Cl -—LLIII,V, VII 1,2,3,4 common 
Bromine Br -LLIII,V, VIL 1,2,3,5 common 
Iodine I —LLIII,V,VII 1,2,3,4,5,6,7 common 
Astatine At —LLIII?,V very rare 


Table 17.16 lists some of the properties of the elements, 
Figure 17.50 shows the variations with Group position of a 
number of important parameters, and Figure 17.51 gives the 
oxidation state free energies. 

Astatine exists only as radioactive isotopes, all of which are 
very short-lived. Work has been done using either 7‘! Ai 
( = 7:2 h) or ?!^ At (А, = 8-3 h) and the very high activity 
necessitates working in 10 '^M solutions, and following 
reactions by coprecipitation with iodine compounds. ‘The 
chemistry of astatine is therefore little known. Preparation is 
by the action of a-particles on bismuth, for example: 


209В1+4Не = 21А‹+2п 


Coprecipitation with iodine compounds indicates the exist- 
ence of the oxidation states shown in Table 17.16. The nega- 
tive state is probably the At^ ion and the positive states, the 
oxyions, AtO ^, АО; , and AtO; . Astatine appears to differ 
from iodine in not giving a VII state, in which it parallels the 
behaviour of the other heavy elements in its Period, and in 
not forming a cation, At*. Two interhalogens are known 
for astatine, AtI and AtBr, and there is evidence for poly- 
halide ions including astatine. 

It is possible to synthesize organic astatine compounds, 
RAtO,, R;AtCI and RAtCl,, in the III and V states. The 
compounds in the commonest state, RAt, correspond to the 
well-known organic halides in the —1 state. A very wide range 
of organic groups R have been explored, including biologi- 
cally important molecules. These have the potential for 
specific radiotherapy by taking At to the site of a tumour. 

The other elements of the Group are all well-known and 
occur mainly as salts containing the halide anion. The free 
elements are too reactive to exist in nature. Free fluorine, 
F;, is outstandingly reactive and can be handled only in 
extremely dry glass systems (otherwise it reacts with glass to 
give SiF 4), in Teflon, or in apparatus made of metals which 
form a protective layer of fluoride on the surface, such as 
copper, nickel, or steel. Provided these conditions are 
rigorously adhered to, fluorine can be handled quite readily 
in the laboratory. 

F; is made by the electrolysis of KF in anhydrous HF. 
Because of its extreme reactivity, it is almost always used in 
situ, either to make directly products such as UF, used in 
atomic fuel manufacture or volatile element fluorides such as 
WF, used to deposit metal coatings, or to produce more 
controllable fluorine compounds such as CIF, or BrF, which 
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FIGURE 17.50 Some properties of the halogens 

The radii of the anions, X^, are almost identical with the corres- 
ponding van der Waals’ radii. Notice also, that the electron 
affinities do not follow a regular trend from fluorine to iodine. 
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FIGURE 17.51 Oxidation state free energies of the halogens 
This Group, like the earlier ones, shows à negative state which 
decreases in stability from the first to the last member of the Group. 
The positive states are all fairly similar: bromine has the least stable 
V and VII states while IY is more stable relative to I! than is CI" 
relative to CI", 
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in turn are used to form fluorides. Of fluorine compounds, the 
widest use is of the very inert fluorocarbons used in all sorts of 
applications from high-performance lubricants to non-stick 
frying pans. Simpler members are used as refrigeration liquids 
and propellants, mostly mixed fluorochloromethanes or 
ethanes. 

Chlorine is made by electrolysis of brines and isolated either 
as Cl;, as aqueous base solutions containing OCI initially 
and converted to chlorate or perchlorate, or converted with 
hydrogen to HCl. Principal uses of the element or the 
oxychloro compounds are in bleaching (wood pulp for paper, 
textiles) or sterilization (water supply, swimming pools, some 
stages of sewage treatment, domestic bleaches). Organochlo- 
rine compounds in industry are often produced by the action 
of Cl, over metal chloride catalysts, especially Fe or Cu. These 
products, such as vinyl chloride, CH, = CHCI, are them- 
selves used largely in polymer formation giving the plastics of 
commerce (e.g. polyvinyl chloride, PVC). Cl, is used to make 
Br, from bromides, found in brines or from seawater in 
general. Bromine is mainly used to prepare organobromine 
compounds which are used as insecticides, as fire retardants 
for fibres, as an anti-knock agent in petrol (ethylene dibro- 
mide), and in some applications paralleling chlorine in water 
treatment and sterilization. Iodine is recovered from iodide 
salts and brines by chlorine oxidation, often with an inter- 
mediate stage of iodide concentration. It finds a wide range of 
uses, mainly as organoiodine compounds, in pharmaceuti- 
cals, photography, pigments, sterilization, dyestuffs, and 
rubber manufacture. 

Fluorine is the most electronegative element and can there- 
fore exist only in the —I state. The —I state is also the most 
common and stable state for the other elements, although 
positive states up to the Group state of VII occur. The 
positive states are largely found in oxyions and in compounds 
with other halogens, but iodine does appear to exist in certain 
systems as the coordinated I* cation. 

The reactivity of the elements decreases from fluorine to 
iodine. Fluorine is the most reactive of all the elements and 
forms compounds with all elements except helium, neon, and 
argon. In all cases, except with the other rare gases, oxygen, 
and nitrogen, fluorine compounds result from direct, un- 
catalysed reactions between the elements: the exceptions 
react in the presence of metal catalysts such as nickel or 
copper. Chlorine and bromine also combine directly, though 
less vigorously, with most elements while iodine is less reactive 
and does not react with some elements such as sulphur. 


17.8.2 The positive oxidation states 
The positive oxidation states occur in the compounds of 
chlorine, bromine, and iodine with oxygen and fluorine, and 
of the heavier halogens with the lighter ones. The oxides of 
the elements are shown in Table 17.17. 

Stability of the oxides is greatest for iodine, then chlorine, 
with bromine oxides the least stable. The higher oxides are 
rather more stable than the lower ones. Typical preparations 


are: 
201, +2HgO = Cl;0+HgCl,.HgO (also for Br;O) 
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TABLE 17.17 The oxides of the halogens 
lodine 


state Chlorine Bromine 


I CLO (b. 2°) 
IV АО, (b. 11°) 


Вг,О (d.— 16°) 
BrO, (d.— 40°) 1,04 (d. 130°) 
О» (d. > 100°) 
v 1,0, (d. > 300°) 
VI C150, (b. 203°) BrO, or Br4O; 
(d. 20°) 

VII ClO; (b.80°) Вг,О, (?) 

(b = boils d = decomposes, temperatures in °C) 


2KC1O,+2H,C:0, = 2ClO, +2C0, +K,C,0,+2H,0 
(also with sulphuric acid: the method using oxalic acid gives 
the very explosive CIO; safely diluted with carbon dioxide). 


CIO;, BrO}, and 14О» are prepared by the action of ozone 
while Cl;O; and 1,0; are the result of dehydrating the 
corresponding acids. 

The most stable of all the oxides is iodine pentoxide, which 
is obtained as a stable white solid by heating HIO, at 200 °C. 
It dissolves in water to re-form iodic acid, and is a strong 
oxidizing agent which finds one important use in the estima- 
tion of carbon monoxide: 


1,0,+5CO = I, +5C0, 


The iodine is estimated in the usual way. The other iodine 
oxides are less stable and decompose to iodine and 1,0, on 
heating. 1,0, contains chains of IO units which are cross- 
linked by IO; units. The structure of 140% is less certain but 
it has been formulated as 1(103)3. 1,0, has been reported 
as an orange polymeric solid formed by dehydrating HIO, 
with oleum. 

The most stable chlorine oxide is the heptoxide which is the 
anhydride of perchloric acid, HCIO,. It is a strong oxidizing 
agent and dissolves readily in water to give perchloric acid. 
It has the structure O4CI— O- CIO, with tetrahedral 
chlorine. Cl;O, is a red oil which melts at 4 °C. It is dimeric 
in carbon tetrachloride solution but the pure liquid may 
contain some of the monomer, CIO,. In the solid, it is ionic, 
CIO; CIO;. The CIOZ ion is known in a few other com- 


TABLE 17.18 Oxyacids of the halogens 


pounds with large anions such as CIO} СеЕ;. It readily 
decomposes to CIO; and oxygen and reacts explosively with 
organic materials. Like the other chlorine oxides, it can be 
detonated by shock. In this, it is more sensitive than the 
heptoxide but more stable than СІ,О and CIO;. Chlorine 
dioxide is a yellow gas with an odd number of electrons. It has 
an angular structure with OCIO angle = 118°. It dissolves 
freely in water to give initially the hydrate, CIO;.8H;O. On 
exposure to visible or ultraviolet radiation, this gives HCl and 
HCIO, solution. Chlorine dioxide detonates readily but is 
gradually being used on a large scale in industrial processes. 
In these, it is made in situ and always kept well diluted. 
Dichlorine monoxide, Cl;O is an orange gas which is soluble 
in water to give a solution containing hypochlorous acid, 
HOCI. It is a symmetrical, angular molecule with CIOCI 
angle of 110°. It is a powerful oxidizing agent and highly 
explosive—indeed, most manipulations of Cl,O are carried 
out with a substantial wall between the experimenter and the 
compound. 

The bromine oxides are the least stable of all the halogen 
oxides and all decompose below room temperature, though 
there is some indication that they may be less explosive than 
the chlorine analogues. Br;O is dark brown, ВгО, is yellow, 
and BrO, or Br4O,—it is not clear which is the correct 
formula—is white. The latter decomposes in vacuum with 
the evolution of Br;O leaving a white solid which could 
possibly be Br;O;. No structural information is available on 
the bromine oxides. They dissolve in water or alkali to give 
mixtures of the oxyanions. 

The oxyacids of the halogens are shown in Table 17.18 
Most are obtainable only in solution, although salts of nearly 
all can be isolated. HOF has also recently been established. 

Hypochlorous acid, HOCI, occurs to an appreciable 
extent, 30 per cent, in solutions of chlorine in water, but only 
traces of HOBr and no HOI are found in bromine or iodine 


solutions. All three halogens give hypohalite on solution in 
alkali: 
Х›+2ОН” = XO +X- -HO 
X ][XO^ 
K= EZO = 7х 10!5 for Cl, 2 x 10? for Br, 30 for I 
[х2] 
but the hypohalites readily disproportionate to halide and 
halate: 


BX Omi К ESOS soos (2) 


Type Name 


Stability 


HOX hypohalous X = F, Cl, Br, I 


Е > С1> Вг > 1. All are unstable and are known only in 


solution. 


HBrO, possibly exists also. 
СІ < Вг < I. Chloric and bromic in solution only but iodic acid 


can be isolated as a solid. 


HOXO halous X z Cl 
HOXO; halic X = Cl, Br, I 
HOXO, perhalic X = Cl, Br, I 


Also (НО) ;ІО and H4120% forms of periodic acid 


Free perchloric, perbromic, and periodic acids occur. 


with equilibrium constants of 1027 for Cl, 10'* for Br, and 
102° for I. Thus the actual products depend on the rates of 
these two competing reactions. For the case of chlorine, the 
formation of hypochlorite by reaction (1) is rapid, while the 
disproportionation by reaction (2) is slow at room tempera- 
tures so that the main products of dissolution of chlorine in 
alkali are chloride and hypochlorite. For bromine, reactions 
(1) and (2) are both fast at room temperature so that the 
products are bromide, hypobromite, and bromate, the pro- 
portion of bromate being reduced if the reactions occur at 
0 °C. In the case of iodine, reaction (2) is very fast and iodine 
dissolves in alkali at all temperatures to give iodide and 
iodate quantitatively: 


31, +6OH~ = 105 +517 +3H,O 


The only halous acid definitely established is chlorous acid, 
HCIO,. This does not occur in any of the disproportionation 
reactions above and is formed by acidification of chlorites. 
The latter are themselves formed by reaction of CIO; with 
bases: 


2CIO,-20H- = CIO; + ClO; +H,O 


Chlorites are relatively stable in alkaline solution and are 
used as bleaches. In acid, chlorous acid rapidly dispropor- 
tionates to chloride, chlorate, and chlorine dioxide. 

For the halic acids, stability is greatest for iodine. Salts of 
all three acids are well-known and stable, with a pyramidal 
structure. The halic acids are stronger acids than the lower 
ones and are weaker oxidizing agents. 

All perhalates exist and perchloric acid and perchlorates 
are well-known. HCIO; is the only oxychlorine acid which 
can be prepared in the free state. It, and perchlorates, 
although strong oxidizing agents, are the least strongly 
oxidizing of all the oxychlorine compounds. The perchlorates 
of many elements exist. The ion is tetrahedral and has the 
important property of being extremely weakly coordinated 
by cations. It is thus very useful in the preparation of com- 
plexes, as metal ions may be introduced to a reaction as the 
perchlorates, with the assurance that the perchlorate group 
will remain uncoordinated — contrast this with the behaviour 
of ions such as halide, carbonate, or nitrite which are often 
found as ligands in the complexes, e.g.: 


Со?* -- NH, +Cl- oxidize, Co(NH3)3* 
+ Co(NH;)5Cl?* +, etc. 


but Co? * 4 NH, + CIO; 01902, 


(NH,)2* only 
After eluding attempts to make it for many years, per- 
bromic acid and its salts were synthesized in 1968. Per- 
bromate, BrO; was prepared electrolytically, alternatively 
by oxidation with XeF2, but the most convenient synthesis 
was found to be oxidation of bromate in alkali by molecular 
fluorine. Acidification yields perbromic acid which is a 
strong monobasic acid, stable in solutions up to about 6 M. 
KBrO, contains tetrahedral BrOg ions, and this species is 
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predominant in solution with no evidence of a second form 
as found in periodates. The electrode potentials have been 
assessed for the reaction 


XO; +2H* +2е7 = XO; +H,0 


as 1-23 V for X = Cl, 1-76 V for X = Br, and 1:64 V for 
X = I. Thus perbromate is a somewhat stronger oxidant 
than perchlorate or periodate, but its oxidizing reactions 
are sluggish. Thus, the oxidizing power is not the reason for 
the difficulties found in the synthesis of perbromate. It seems 
that the preparation from Br(V) requires the surmounting 
of an activation barrier, and any process proceeding by one- 
electron additions might have failed because of the instability 
of the intermediate species. 

Thus, although the long-standing anomaly about per- 
bromate no longer exists, it is clear that bromine( VII) is 
less stable in compounds with oxygen than either chlor- 
ine(VII) or iodine(VII). To this extent, bromine still 
reflects the middle element anomaly. 

Periodic acid and periodates occur, like perrhenates, in 
four-, five- and six-coordinated forms. Oxidation of iodine in 
sodium hydroxide solution gives the periodate, Na;H3IO,, 
and the three silver salts, AgIO4, AgsIOe, and Ag;IOs may 
be precipitated from solutions of this sodium salt under 
various conditions. Deliquescent white crystals of the acid 
H4IOg may be obtained from the silver salt and this loses 
water in two stages: 

(но),10 -E€, ,1,0, 199 6, (ноуто, 
Salts, such as K415O», of the binuclear acid may be obtained. 
The 1,057 ion has the ООО, structure, of two 106 
octahedra sharing one triangular face. In the periodates, 
the ТО, group is octahedral and the IO, group is tetra- 
hedral, as expected. In the related ion [ (HO) 1,0¢]*”, there 
are two IO, octahedra sharing an edge with distance 
1-OH=190pm, I-O (terminal) = 181 pm, and I-O 
(bridge) = 202 pm. In K3IO;, the 1037 ion has a square 
pyramidal structure. The iodine oxyanions thus continue the 
trend, already observed in the earlier members of this Period, to 
become six-coordinated to oxygen. 

It should be noted that halates, and oxyhalides generally, are 
potentially explosive in contact with oxidizable materials. 

Positive oxidation states for halogens are also found in the 
interhalogen compounds, where the lighter halogen is in the 
— 1 state and the heavier one in a positive state. A similar 
situation pertains for the mixed polyhalide ions. Table 17.19 
lists these compounds. 

All the interhalogens of type AB are known, although IF 
and BrF are very unstable. All the AF, and AF; types also 
occur, although, again, some are unstable. Only IF; is found 
in the VII oxidation state, and the only other higher inter- 
halogen is iodine trichloride. All are made by direct com- 
bination of the elements under suitable conditions, apart 
from IF; which results from the fluorination of IF. All the 
compounds are liquids or volatile solids except CIF, which 
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TABLE 17.19 Interhalogens and polyhalide ions 


AB AB, AB, AB, А; AB; AB; ABs A ai 
CIF CIF, (СІЕ,) ІЕ, Bry ICI; CIF; ВЕ; IFg i i2" 
BrF BrF, BrF; 17 CIBr; BrF; IF; E 
(IF), (IF), IF; CIF; IBr; IF; iS 
BrCl LC, BrF; IBrF- ICI; Læ; 

ICI BrCl; — IBrCl--— 101, F= 1,Cl,Br~ 
IBr Brl; (IF2-) 
boils at — 100 °C. Most boiling points fall between 0 °C and 
100 *C. EM EN EN AB; AB; ABs 


The halogen fluorides are all very reactive and act as strong 
fluorinating agents. Reactivity is highest for chlorine tri- 
fluoride, which fluorinates as strongly as elemental fluorine. 
Reactivity falls from the chlorine to the bromine and iodine 
fluorides, and also falls off as the number of fluorine atoms in 
the molecule increases. ВгЕз and IF; are particularly useful 
as fluorinating agents for the production of fluorides of 
elements in intermediate oxidation states. These two inter- 
halogens, along with the two iodine chlorides ІСІ and ICI, 
undergo self-ionization and are useful as solvent systems, as 
discussed in Chapter 6. The anions of these systems, BrF; , 
IF¢ , ІСІ , and ICI; , respectively, are among the polyhalide 
ions in the Table. The cations, BrF7 , IF? , 1*, and ICI}, are 
less familiar but may be isolated by adding halide ion 
acceptors to the interhalogen, for example: 


BrF,--SbF, = (BrF;)* (SbF,)~ 


Although these compounds are formulated as ions, struc- 
tural studies show that there may be an interaction between 
the cation and anion. For example, ICl;SbCl,, (from ІСІ; 
and SbCl,) consists of SbCl, octahedra and angular ICI; 
units, but with a weak coordination of two of the chlorines 
in an octahedron to two different iodines to give a chain 
structure, Figure 17.52. This structure seems to be quite 
general, BrF{ SbF; adopting a very similar form to that 
shown in Figure 17.52. In both cases, the AB, unit may be 
described as the cation, AB}, forming two further weak 
bridges to the anion, SbX¢, or as covalent with a very 
distorted square planar AB, unit. The two A—B distances 


ал 8 
231 рт 
E 7,290 pm 
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FIGURE 17.52 The structure of YCl;SbCl, 


CIF}, CIF; СЕЎ 


1; Brj (also BrFZ ВЕ ВЕ 
ntm 2; It)... Foy, IF. IE; 
12+ BrCl} 

ICI? 

ІВг; 


are sufficiently different to make the former description (ће 
more acceptable. 

The other interhalogens of the AB type have properties 
and reactivities which are roughly the average of the pro- 
perties of the constituent halogens. 

The structures of the interhalogens have been largely 
covered in Chapter 3. CIF; and ВгЕ; are T-shaped, ВгЕ:, 
and probably the other pentafluorides, are square pyramids 
of fluorine atoms with the bromine atom just below the planc 
of the four fluorines of the base. IF; is approximately a 
pentagonal bipyramid. The remaining compound is iodine 
trichloride which has the dimeric structure shown in 
Figure 17.53. 

A variety of polyhalide ions is known. These are all pre- 
pared by the general method of adding halogen or inter- 
halogen to a solution of the halide. The examples with three 
halogen atoms are linear with the heaviest atom in the 
middle in the mixed types (although it is not known whether 
CIBr; and BrI; are symmetrical or obey this rule and have 
structures I — I — Br or Br— Br — Cl). The three-halogen ion, 
СІВгІ” forms a disordered crystal so its structure is not 
definitely known. The data are best fitted by the arrange- 
ment Br—I—Cl~ with I—Cl longer than Br—I (291 pm 


Өа O1 


FIGURE 17.53 The structure of iodine trichloride, 1 2С 


and 251 pm respectively). These anions are AB;L, struc- 
tures, while the three-atom cations like CIF} have an elec- 
tron pair less and are V-shaped. Established atom sequences 
include F — CI — F* and CI - CI — F*. The AB; compounds 
are probably all planar ions, with two lone pairs in the 
remaining octahedral positions. The structures of ICl; and 
BrF; have been determined and they are planar. The struc- 
ture of one of the АВ} cations, ІЕ4 , with one pair of electrons 
fewer. has also been determined. This has the same form as 
SF, which is isoelectronic with it, and isa trigonal bipyramid 
with a lone pair in an equatorial position. IFZ and ЇР, (b) 
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n. Lie T" 
nes 
А 81 рт 


Xn pm 


342 pm 


m 283 pm 
17745 286 pm 


300 pm. 


which again differ by one unshared electron pair, present an 


interesting structural pair. The cation, which has only the 
six-bond pairs around the iodine, is a regular octahedron as 
expected. The anion, with a lone pair in addition, is an 
example of ABgL, and resembles other fluorides with this 
number of electrons in forming a distorted octahedron. That 
is, the lone pair is sterically active, as in XeFg or ЅеЕ2-. 
Тһе other type of polyhalide is limited to iodine апа the 
structures of 15, I7, 127, and 15 are all irregular chains. 
These compounds are only stable in presence of large cations 


343 pm 326 pm 


267 pm 267 pm 


324 pm 
291 pm 
(с) 


сове 17.54 Structures of polyiodide ions: (a) 15, (b) 187, (c) 15 


such as cesium or ammonium and alkylammonium ions. The 


structures are shown in Figure 17.54. The shorter 1—1 dis- 


eg. ClO; +HSO,F > CIO;F 


tances are similar to those in iodine but the longer ones 


correspond to only weak interactions, and all the poly- 
iodides may be regarded as composed of I^, Iz, and I; 


reaction of the interhalogen with OF, 


CIF, + OF, > CIOF, 


groups weakly bonded together. None of the polyiodides 


survive in solution and they go to iodide, iodine, and tri- 
iodide. The recently discovered mixed species 1,Cl3 and 


I5Cl;Br^ have bent structures like Is. 


There are also a number of compounds which contain 
both halogen-oxygen and halogen-halogen bonds. These 
are listed in Table 17.20, along with their ions. Syntheses 


include fluorination of the corresponding anion 


TABLE 17.20 Halogen oxyfluorides and their ions 


Oxidation state 


УП oxypentafluoride 
СІОЕ; 


IOF, 


У oxytrifluoride 
СОЕ; СОР, 
BrOF; ВгОЕ; 
IOF% IOF, 


CIOF, 
BrOF, 
IOF; 


The commonly-used trivial names are indicated. 


(a) the isomer (FO)CIO,, chloryl hypofluorite exists b 


(b) IO;F,. МЕ, etc. are oxygen-bridged polymers. 


or oxidations as 
CIO;F 4- CIO; ^ CIO;F 


Cations are formed by reactions with fluoride ion acceptors 
such as MF, or BF; while addition of F~ gives anions. Most of 
the species are strong fluorinating and oxidizing agents 
though perchloryl fluoride, CIO,F, is relatively unreactive. 


dioxytrifluoride perhalylfluoride 
CIO,F} СО,Ез  CIO;F, CIO4F (a) 
BrO;F; BrO3F 
(b 00,3) 1028: ПОР, ^ (-4) 
halylfluoride 
clo; СОЕ = CIO;F; 
ВгО; BrO;F . BrO;F; 
(ОХ), „ОЕ IO;F; 
oxyfluoride 
[CIOF] 
(unstable) 


ut is less stable. 
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FIGURE 17.55 Structures of oxyfluoro-halogens 

Exact determinations are those for which values of parameters are 
given. The remainder-are compatible with nmr and vibrational 
spectra. 


The species are relatively stable thermally except for CIOF: 
the bromine compounds being usually the least stable. 

The structures are shown in Figure 17.55 and are those 
predicted Бу VSEPR considerations. For 10,F3, the structure 
is the trimer shown in Figure 17.56. Polymerization also 
occurs in place of cation formation when МЕ; species are 
added to IO;F;. 

Other electronegative groups may be bonded to halogens 
in a similar way to Е and O. Thus treatment of BrF, with 
sodium nitrate yields BrOF, , but if LiNO, is used, BrOF, is 
evolved and bromine (I) nitrate remains, presumably 
because the small lithium ion is insufficient to stabilize the 
large BrOF; anion. The structure is covalent, OBrONO,, 
and the Cl analogue is the same. Action of O, yields 
O,BrONO,, a bromine(V) compound. It is probable that 
other oxyion products, especially with Cl or Br in positive 
oxidation states, are similar covalent species. 

Although most of the halogen compounds in positive 
oxidation states are best described as covalent, there is 
limited evidence available to support an ionic formulation, 

especially for iodine (III) compounds such as the acetate, 


F F 


FIGURE 17.56 IO;F, 
The suggested structure is a cis bridged trimer. 


I(OCOCH;);, and phosphate, IPO,;, and the fluosulpho- 
nate, 1(SO3F),. If a saturated solution of iodine triacetate in 
acetic anhydride is electrolysed, iodine is found at the cathode 
and, when a silver cathode is used, Agl is formed and 
current is used as required by the equation 


D* +3е7 c Ag = Agl. 


Although no other structural evidence is available, these 
observations indicate that the compounds could be formu- 
lated as containing the I?* cation, though such an ion would 
be expected to interact strongly with the anion and the solids 
are not to be regarded as simple salts. It is also possible to 
formulate the oxide L,O, as I?* (105 ),. 

A large number of well-characterized compounds are 
found which contain the I* ion stabilized by coordination. 
For example, the pyridine complexes (Ipy;) * X^ are known 
for a wide variety of anions, and other lone pair donors 
coordinate similarly. In all these complexes the iodine 
appears at the cathode on electrolysis. Chlorine and bromine 
form analogous, coordinated X * species. In these com- 
pounds, the arrangement of the halogen and ligands is 
linear, L - X — L+. 

One system which was thought for several years to contain 
the I* cation has recently been reformulated. This is the blue 
solution formed by iodine dissolved in oleum and other strong 
acids (compare section 6.9). The blue species is also formed 
by the oxidation of I; in IF. It was shown, mainly by work in 
HSO,F, that the blue species is not I* but I7. Magnetic, 
conductivity and freezing point depression measurements all 
fit better for the I} species. Addition of further iodine gives 
rise to the 15 and 15 ions. Both the If and the IZ ions tend to 
disproportionate to the I+ species. Detailed study of the 
freezing-point depression shows the equilibrium 


21? = 12+ 


which lies well to the right at low temperatures. This I2* ion 
can also be synthesized directly in superacid systems. 


Work with superacid systems has similarly demonstrated 


the existence of Br? and Brf. However, the most base-: 


sensitive ions Cl} or CIF* cannot be formed, even in these 
media, contrary to initial reports. The Cl} cation does exist 
and has been isolated as (Cl ) (AsFg ). 

It is interesting that a structural study of Brj gives 
Br— Br — 213 pm, compared with 227 pm in neutral Br;. 
This shortening is expected as the electron which is removed 
in forming the ion comes from an antibonding orbital. 


17.8.3 The — I oxidation state 

In this state, the chemistry of the halogens is well-known and 
many compounds have already been discussed in the earlier 
sections. Ionic compounds with ХГ are formed with the 
s elements, except beryllium, and in the II and ПІ oxidation 
states of the transition elements. The change from ionic to 
covalent character comes further to the left in the Periodic 
Table for the heavier halogens than for fluorine, as expected 
from the electronegativities. The region of change is marked 
by the occurrence of polymeric structures such as AIF3, 
which is a giant molecule with Al—F bonds which can be 
described as intermediate between ionic and covalent. 

In the covalent halides, the main differences between the 
compounds of the different halogens may be ascribed to the 
differences in size and reactivity of fluorine compared to the 
heavier halides. This is often shown in the formation of hexa- 
valent fluorides and tetravalent halides of the rest of the 
Group. or, similarly, by the formation of six-coordinated 
instead of four-coordinated complexes. Examples include the 
formation of SF, but only SCl4, or of CoFg~ but only CoCl, . 

In this oxidation state, the halogens show their strongest 
resemblance and fluorine fits into place as the most reactive 
of all. This high reactivity derives in part from the relative 
weakness of the F—F bond in fluorine (similar effects are 
found for the О-О and N-N single bonds in hydrogen 
peroxide and hydrazine). The heat of dissociation of F, is 
only 129-3 kJ mol~'!, compared with 2378 kJ mol”! for Cl;, 
1889 kJ mol`! for Br; and 1479 kJ mol"! for I. A value 
extrapolated from those of the heavier halogens would be 
about twice the observed F, value. The decrease is con- 
siderable when it is recalled that most element-halogen bond 
strengths are in the order F > Cl > Br > I. 


17.8.4 Pseudohalogens or halogenoids 

A number of univalent radicals are found which resemble 
the halogens in many of their properties, and the name 
pseudohalogen has been given to these. For example, con- 
sider the cyanide ion, CN ^. This resembles the halides in the 
following respects: 

(i) it occurs as (СМХ), —cyanogen—and forms an HX acid, 
HCN 

(ii) it forms insoluble salts with Ag*, Hg* and Pb?* 

(iii) it also gives complex ions of similar formulae to the 
halogens, e.g. Go(CN)3~ or Hg(CN)à ^ 

(iv) it forms covalent compounds and ionic compounds with 
similar ranges of elements as the halogens 

(v) it gives ‘interhalogen’ compounds such as CICN or ICN 
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The analogy should not be pressed too far. Thus, the СМ ion 
has different donor and acceptor properties from the halo- 
gens, so its transition metal complexes differ in stability and 
reactions. 

Other radicals with similar properties include cyanate, 
OCN, thiocyanate SCN, selenocyanate SeCN, and azido- 
carbondisulphide, SCSN;: all these form R, molecules. In 
addition, the ions azide, №, and tellurocyanide, TeCN , 
act as pseudohalides although no molecule, R3, is formed. 
Despite their explosive nature, the halogen azides, XN3, have 
found application in the synthesis of organic azides and 
related nitrogen compounds. 


17.9 The helium Group 

The elements of the helium Group are termed the rare gases, 
or the inert or noble (implying unreactive) gases. None of 
these terms is now particularly appropriate. The elements 
are rare only by comparison with the very abundant com- 
ponents of the atmosphere, oxygen and nitrogen. In terms of 
absolute composition of the crust and atmosphere, the lighter 
elements of this Group are common. Neither are the gases 
inert, as has recently been shown. Probably the term noble 
gases is least unsatisfactory but no general agreement has 
been reached as yet. The IUPAC recommended name is rare 
gas and this will be used here. 

The rare gases occur as minor components of the atmo- 
sphere, ranging in abundance from argon (0-9 per cent by 
volume) to xenon (9 parts per million). Helium also occurs 
in natural hydrocarbon gases in some oilfields and is found 
occluded in some rocks. In both cases, this helium probably 
arises from a-particles emitted during radioactive decay. 
The heaviest member, radon, is radioactive and is found in 
uranium and thorium minerals, where it is produced in the 
course of the decay of the heavy elements. The other elements 
are usually produced by fractional distillation of liquid air. 
The main properties are given in Table 17.21. The low boil- 
ing points and heats of vaporization reflect the very low 
interatomic forces between these monatomic elements: the 
rise in these values with atomic weight shows the increasing 
polarizability of the larger electronic clouds. 

The main isotope of helium is helium-4, and if this is cooled 
below 2:178 К surprising properties appear. In this form, 
called helium-II, the viscosity is too low to be detected, the 
liquid becomes superconducting, and it appears to flow in 
thin films without friction and is able to flow uphill from one 
vessel to another. No full theoretical explanation of these 
phenomena is yet available. 

Until 1962, all attempts to form compounds of the rare 
gases had failed. Transient species, such as HHe, had been 
observed in electric discharges but these had very short life- 
times. The rare gases were also found in solids, such as 
3C5H,4 (ОН) .0:74Кг, but these are not true compounds but 
clathrates. A clathrate is formed when a compound crystal- 
izes in a rather open ‘cage’ lattice which can trap suitably 
sized atoms or molecules within them. An example is pro- 
vided by para-quinol (p-CeH4 (ОН); p-dihydroxybenzene) 
which, when crystallized under a high pressure of rare gas, 
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TABLE 17.21 Properties of the rare gases 


Heat of vaporization Ionization potential 
Element Symbol В.р. (К (kJ тої ') (kJ mol~') Uses 
Helium He 418 0:092 2371 Refrigerant at low temperatures: airships. 
Neon Ne 27-1 1-84 2080 Lighting. 
Argon Ar 87.3 6:27 1520 Inert atmosphere for chemical and technical 
applications. 
Krypton Kr 120-3 9-66 1359 
Xenon Xe 166-1 13:68 1170 
Radon Rn 208-2 17:99 1037 Radiotherapy. 


forms an open, hydrogen-bonded cage structure which holds 
the rare gas atoms in compounds like the krypton one above, 
or like ЗСН, (ОН) .0-88Xe. When the quinol is dissolved 
or melted, the rare gas escapes. That the clathrates are not 
true compounds is shown by the large variety of atoms and 
molecules which may enter the cages. Not only are quinol 
clathrates formed by krypton and xenon, but also by O;, 
NO, methanol, and many others. The only requirement is 
that the clathrated species should be small enough to fit the 
cages and not so small that it can diffuse out: thus helium and 
neon are too small to form clathrates with p-quinol. Other 
compounds give clathrates with the rare gases. In particular, 
the reported hydrates of the rare gases are clathrates of these 
elements in ice, which crystallizes in an unusually open cage 
form. Although all clathrates do not involve hydrogen- 
bonded species, for example the benzene clathrate, Ni(CN);. 
NH;.C4H,, clathrate formation by hydrogen-bonded mole- 
cules is common, as open structures are more readily formed. 


17.9.1 Xenon compounds 

All other attempts to form rare gas compounds, including 
many studies of possible donor action to yield compounds 
such as Xe > BF;, failed until 1962. Then Bartlett reported 
that xenon reacted with PtFg to form a compound which he 


TABLE 17.22 Simple rare gas compounds 


Oxidation State Fluorides Oxides 
II KrF, 
XcF; 
RnF; 
IV XeF, 
VI XeF, XeO, 
УШ XeO, 


formulated as Xe*(PtF,)~. He was led to try this reaction 
after his discovery of O7 (PtF,)~ —see section 15.8—by the 
consideration that the ionization potential of xenon was close 
to that (914 kJ mol^!) of the O, molecule, so that if PtF6 
could oxidize О, to OF, there was the chance of its oxidizing 
Xe to Xe*. Further exploration of this field was extremely 
rapid. A fuller investigation of the reaction led to the dis- 
covery of XeF, in the second half of 1962. Interest was then 
concentrated on simple fluorides, oxides, oxyfluorides and 
species present in aqueous solution. The compounds of these 
classes are listed in Table 17.22. The existence of XeCl, and 
XeCl, has been indicated in Mossbauer experiments using 
ICI; or ІСІ; as sources. These compounds decompose below 
room temperature, but XeCl, was found at 20K in the 
products formed by photolysis or by passing Xe and Cl, 
through a microwave discharge. Spectroscopic studies indi- 
cate a linear structure. 


17.9.2 Preparation and properties of simple compounds 

Preparations of the fluorides are all by direct reaction under 
different conditions. Thus a 1:4 mixture of xenon and 
fluorine passed through a nickel tube at 400°C gives XeF 3, а 
1:5 ratio heated for an hour at 13 atmospheres in a nickel 
can, at 400°C, gives XeF,, while heating xenon in excess 


Oxyfluorides Acids and Salts 
(XeOF,) 
XeOF, HXeO,; 
XeO,F, Хе(ОН),? 
Ba4XeO, 
(and other salts) 
XeOj4F; HXeO;^ 
(XeO,F,) Ва, ХеО, 


(and similar salts) 


Compounds in brackets are unstable at room temperature. 
XeCl, exists at low temperatures. XeCl, and XeBr exist transiently. 


fluorine at 200 atmospheres pressure gives XeF,. Most other 
compounds result on hydrolysis of the fluorides: 
XeF,+H,O = XeOF,+2HF 
with an excess of water, 
ХеЕ, +3Н,О = XeO,+6HF 
or XeF,+H,O = Xe+O,+XeO;+HF, 
here, about half the Xe(IV) disproportionates to Xe and 
Xe( VI) while the other half oxidizes water to oxygen, form- 
ing xenon. Xenon trioxide is hydrolysed in water, probably 
according to the equilibrium 
XeO3;= Xe(OH)¢ 
Interaction of XeO4 and XeOF, gives XeO;. 
The xenon(IV) oxyfluoride, XeOF;, is formed in a low 
temperature matrix by reacting Xe with OF, or by the 
low temperature hydrolysis of XeF,. At about — 20°C, it 


disproportionates 
XeOF, > ХеО,Е, + XcF; 


ХеО,Е, itself gives ХеЕ, +O, on standing at room tempera- 
ture. 

Solution of xenon trioxide, or hydrolysis of the hexafluoride 
in acid, gives xenates such as ВауХеОу. In neutral or alkaline 
solution, xenates rapidly disproportionate to perxenates, 
xenon(VITI). Thus is observed an overall reaction such as 


2XeF,+4Nat -160H ^ 
2 Na,XeOg t Xe O; + 12F~ 4-8H;O 


The addition of acid to a perxenate yields the tetroxide 
Ba, XeO, + 2H,SO,4 > XeO, + 2BaSO, + 2H;O 


The reaction mixture must be kept cold as explosive 
decomposition of XeO, readily occurs. At room temperature, 
decomposition to Xe +O, occurs readily. 

Reaction of XeFg with solid Na,XeO, yields the 
xenon(VIII) oxyfluoride, ХеОзЕз, together with much 
XcOF,. XcO,F, is volatile and was characterized by its mass 
spectrum. XeOF, itself shows some interesting reactions. 
With СЕ, it forms XeOF; which has а distorted octahedral 
structure (compare XeFg below). With an excess of XeOF, a 
second product forms, [(XeOF4)3F]" where the central F is 
bonded to the three Xe atoms in a shallow pyramid (angle 
116-5?) with a very weak bond of 262 pm, compare 190 pm for 
Xe-F within the XeOF, units. 

The fluorides are all strong oxidizing and fluorinating 
agents, and most reactions give free xenon and oxidized 
products: 


XeF,+4KI = Xe+21,+4KF 

XeF, +H,O = Xe+40,+2HF 
XeF,+Pt = Xe+PtF, 

XeF,+2SF, = Xe+2SF6 


The three xenon fluorides are all formed in exothermic 
reactions (heats of formation of the gases are about 85, 230, 
and 335 kJ mol”! for XeF 2, XeF4, and XeF, respectively). 
The trioxide is endothermic by 402 kJ mol” !—largely due 
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to the high dissociation energy of О. The bond energies of 
the Xe—F bonds in the fluorides range from 120 to 134 kJ 
mol"! from the difluoride to the hexafluoride, a difference 
which is not far outside the experimental errors. The Хе-О 
energy is about 85 kJ mol '. 

The fluorides are all white volatile solids with the volatility 
increasing from the difluoride to the hexafluoride. The tri- 
oxide is also white but non-volatile, while the tetroxide, 
XeO,, is a yellow, volatile solid which is unstable at room 
temperature. The oxyfluorides are also white, volatile solids. 

While all the early compounds of Xe showed bonds only to 
F or O, a few examples of Xe-N species are now known, 
although electronegative groups are needed on the nitrogen. 
As an illustration, we note the XeF, derivative, 
FXeN(SO;F), with linear F-Xe-N and pyramidal N 
bonded to 1 Xe and 2 OSOF units. 


17.9.3 Structures 

The structures of most of the xenon compounds are those 
predicted by the simple electron pair considerations outlined 
in Chapter 4, and correspond to the structures of isoelectronic 
iodine compounds. Some structures are shown in Figure 
17.57. XeO;F; has a structure like IOF; (Figure 4.6) with a 
nearly linear Е — Xe —F arrangement and an ОХеО angle of 
106°. XeF is 190 pm and XeO equals 171 pm. XeO, is 
probably a regular tetrahedron, XeO$. is octahedral, while 
the spectrum of XeOF, shows it is a further example of the T- 
shape expected for AB,L, species: 


F-Xe-F 
Il 
О 


The most interesting structural problem is that presented 


F F 
F ——Xe——F MGE 
(a) Pd Low 
(b) 


[9] 
(c) F 


FIGURE 17.57 The structures of xenon compounds: (a) ХеЕ,, (b) XeF;, 
(c) XeO;, (d) XeOF, 

These structures are the same as those of the iodine analogues ICI; , 
IF; and IO; . 
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by XeF,. A monomer would have the AB,L structure and 
would not be expected to be a regular octahedron. In the gas 
phase, a distorted structure is clearly indicated and three 
different molecular shapes may be present in equilibrium. 
However, XeF, appears to exist in a polymeric form in the 
solid and liquid phases. In solution, nmr studies indicate a 
tetramer, (ХеЕ,)4, with equal interaction at room tem- 
perature between all the F atoms and the four Xe atoms. 
This can happen only if the fluorines are rapidly exchanging. 

The structure of the solid is very complex with the unit cell 
containing 144 XeF units. These are present as 24 tetramers 
and 8 hexamers. The configuration of both aggregates is most 
simply described as ХеЕ; and F`. The XeFf units are 
square pyramids and are linked together by bridges 
e. FgXe* ... Е... XeFj ... In the tetramers, the F^ 
bridges pairs of ХеЕ5 units to form a puckered ring, with 
unsymmetric bridges of 223 and 260 pm Xe—F' distances 
and Xe(F )Xe angles of 121°. In the hexamer, each F^ 
bridges three XeF{ units lying symmetrically with Xe —F^ 
equal to 256 pm and an angle of 119°. (Compare these 
distances with the bonded XeF values given in Figure 
17.59d.) Such bridging would, of course, allow the ready 
fluorine exchange observed in solution. We note that XeF? is 
an AB,;L species and the square pyramid is the shape 
expected for sterically active lone pair. 


17.9.4 Reactions with fluorides 
Xenon fluorides and oxyfluorides react with the fluorides of 


many elements to give a variety of species: For example, in 
ВгЕ; as solvent 


XcF; +SbF; > nXeF,. mSbF; 
(n:m = 1:1, 1:2, 2:1, 1:1:5, 1:6) 


By direct reaction, or using SbF; as solvent, the species 


TABLE 17,23 Some rare gas ions 


@= хе (er 


FIGURE 17.58 Structure of the adduct ХеЕ, . 2SbF 5 

The structure is intermediate between that expected for a full 
covalent Xe—F—Sb bridge and that corresponding to 
ХеЕ*5Ь,Ег,. Mean non-bridging Sb—F bond length = 183 pm. 


e -sb 


XeF,.SbF;, XeF,.2SbF, XeOF,.SbF, XeOF,.2SbF, 
and XeO;F;.2SbF, may be formed. While SbF, forms the 
widest range of species, many other MF3, MF,, MF, and 
MOF, species react similarly, especially with XeF,. Under 
strong fluorinating conditions, ХеЕ, . AuF; and 2XeF,. AuF; 
are formed (containing the unusual Au(V) oxidation state). 
The crystal structures of a number of these species have 
been determined, and they are best described as containing 
the fluoroxenon cation formed by transferring one F~. The 
cation is then weakly bonded to the anion through a fluorine 
bridge. The 2:1 adducts contain more complex cations with 
Xe—F—Xe bridges while 1:2 adducts contain dimeric 
anions such as Sb;F;; whose structure is two octahedra linked 
by a shared F (Figure 17.58). Further, weaker interactions 
occur in some crystals, so that the species contain the cations 


Oxidation State 

I KiF* KrF 
XeF* Xe,F} 
RnF* Rn,F} (?) 

IV XeF} XeOF; 

VI Хер; Хе,Еў ХеОЕ; KrO;F * XeO,F^ 
XeF7 XeOF; XeO,F* XeO,CI- 
Хер; ХеО, Е; 


Notes 


1. See text for structures: note especially that there are weak F bonds between cations and fluoro-anions. 


2, Counter cations are usually large M* e.g. Rb*, Cs*, NO*. 


3. Counter anions include МЕ, (M = P?, As, Sb, V?, Nb, Ta, Ru, Os, Ir, Pt and Au) 


МЕ; (M = B, Al) 

MF2- (M = Ge, Sn, Ta, Hf, Pd) 
М,Е;, (М = As, Sb, Nb, Ta, Ir, Pt) 
MOF, (M = №). 


listed in Table 17.23. The structures of some examples are 
included in Figure 17.59. The vibrational spectra are 
compatible with T-shaped ХеЕҙ, pyramidal XeO;F*, the 
AB,L type with equatorial oxygen for ХеОЕ;, and square 
pyramidal XeO;F;. The crystal structure shows XeO4F ^ 
is a polymer of XeO; units (similar to xenon trioxide) 
bridged through F^ (see Figure 17.59e). The more complex 
xenon( V1) ion, Xej;Fj, consists of two square pyramids joined 
through one of the base corners and this is linked to the AuFg 
ion in (XejF,,) * (AuFg)" by two more shared fluorines 
giving an Xe,Au triangle with an Е in each edge. The 
Au—F ... Xe links are very unsymmetrical A further 
example of the tendency of Xe(VI) to form complex 
structures is provided by ХеЕ {$ АѕЕс. The XeF¥ ion is linked 
to the AsFg one in a very unsymmetric bridge Хе... Е— Аз 
(Xe... F = 265 pm, F—As = 173 pm) and this XeF5 AsFg 
unit forms a weak dimer by two pairs of Xe(F),As bridges 
with long Xe—F distances of 270 and 281 pm. 

All these weak Xe...F interactions should be compared 
with the van der Waals non-bonding contact distance of 350 
pm. 

It has been possible to isolate the high-coordination 
complex fluorides as МЕ4 salts. Crystal structures show that 
ХеЕ? © is a regular square antiprism (compare Figure 15.4b) 
while XeF> has a similar structure with one position empty. 
Thus the seven-coordinate species shows a sterically active 
lone pair while the eight-coordinate one does not, presum- 
ably as a size effect. 

One of the few compounds to have a bond to Xe from an 
element other than O or F is formed in the reaction 

o o 
O,BF, + Xe — 100°C, pxeF, — 22 Ss Xe-- BF; 
A planar structure based on XeF; with a BF; unit replacing 
onc F is indicated 


F 
y 
F—Xe-B 
x 
F 
In reactions with strong acids, HOY, stepwise substitution 
of F in XeF, occurs: eg. 
XeF, + HOY > FXeOY > Xe(OY); 
This is known for Y = ТеЕ;, SeFs, SO;F, SO;CF;, SO;CH;, 
ClO, and CF,CO and possibly for NO;. Some analogous 


Xe(IV) and Xe(VI) species also occur. A related synthesis 
uses the anhydride (ҮО);О as in 


XcF, + P,0,F, + ЕХеОРОЕ, + Xe(OPOF;); 


The structure of FXeOY is not dissimilar to the FXe* МЕ 
species, as shown in Figure 17.59a and b. Similarly, Xe(OY); 
has a linear bridge as in FSSeO — Xe — ОЅеЕ;. 


17.9.5 Krypton and radon 

The only simple compound of krypton is KrF, (earlier 
reported as KrF,). This is thermodynamically unstable and 
the Kr—F bond energy of about 50 kJ mol^' is the lowest 
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М = As М = Ки 
F—MF a 187 187 
ике b 221 218 
Xe c 181 192 
А МЕ (ау) 168 180 
F ab 17% 177 
bc 135 137 
(a) XeF* МЕ 
О а = 194 
ым b = 216 
„Хе SOF ab = 178 
oe XeOS = 122 
(b) FXeOSO;F 
F T 
AN 04 
е Xe, as 
m N ab = 178 
F F bb = 151° 
(c) XeF$ 
* 
F Р Е In ХеЕ; RuFg In XeF; 
Mr hexamer letramer 
AN a 179 176 184 
F F b 184 198 186 
ab 79 80° IT 
(d) XeF? 
о о а = 177 (av.) 
N |а Ь = 236 
Ose c = 248 
аа = 99 (av.) 
Е ab= 83 
^ ac= 77 
be = 9F 


(e) (XeO3F™)n 


FIGURE 17.59 Structures of some xenon-fluorine species 
(All bond lengths are in pm). 


known element-fluorine value. KrF, should therefore find use 
as a very reactive fluorinating agent. The compound is linear, 
with Kr—F equal 189 pm, and it decomposes at room 
temperature at the rate of 10% an hour. Its chemistry is little- 
explored but the 1:1, 1:2 and 2:1 adducts with MF; 
(M = Sb, Nb and Ta) are reported. These are formulated as 
the KrF* or Kr,F} salts of MFg ог M;F;;, as with the xenon 
analogues. These species are rather more stable than KrF;. 
The best evidence for a Kr—O bond is in KrO,F* Sb Fi, 
made like the Xe analogue. 

KrF,, often in conjunction with xenon fluorides, finds 
application as a powerful fluorinating agent. Thus treatment 
of Ln(III) compounds yields the Ln(IV) species LnF,, 
LnF3~, and LnOF;, not only for the readily oxidized Ce, but 
also for Ln — Pr, Nd, Tb and Dy (compare section 11.4). 

Extrapolating from Kr through Xe would indicate that 
radon should form a range of compounds. However, all the 
isotopes are radioactive, and not much work is reported — 
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Rnf, is established and the Rn(II) ions, RnF* and Rn;F? 
are likely. 

Itis clear from the ionization potentials (Table 17.21) that 
argon, neon or helium are unlikely to form compounds in 
positive oxidation states, corresponding to the xenon com- 
pounds above. Any compounds formed by the smaller rare 
gases are unlikely to follow such an energy-demanding route, 
and fluorides or oxides would be of only transient existence. A 
possible alternative mode of reaction is provided by the earlier 
suggestion that the rare gases would act as electron pair 
donors to strong Lewis acids. In this context, it is interesting 
that a number of XHe* species (X — a range of common 
electron-deficient radicals) have been identified in interstellar 
clouds. (Recall that He is the second most abundant element 
in the Universe.) 

A calculation reported in 1987, using He as the most 
difficult case for compound formation, suggested that a 
number of species might be sufficiently stable to allow 
isolation, including (HeCCHe) * and other similar acetylene 
derivatives. Also quite stable is the species HBeO, which 
could be formed by implanting BeO molecules (found in the 
vapour above heated solid BeO, into a helium matrix at low 
temperatures, Experiments to explore such possibilities are 
envisaged. 


17.10 Bonding in Main Group compounds: the use of 
d orbitals 
The bonding in xenon compounds has been the subject of 
some controversy which raises the wider question of the 
degree to which the valence shell d orbitals participate in 
bonding in any compound where more than four electron 
pairs surround a Main Group atom. The case of XcF; is the 
simplest to discuss. The two ligands occupy axial positions 
and three lone pairs occupy equatorial positions in a trigonal 
bipyramid. To accommodate these five electron. pairs re- 
quires five orbitals which are formed from the s, the three b. 
and a d orbital on the central atom. But it has been objected 
that, in the case of xenon, the energy gap between the p and d 
orbitals is very large, equal to about 960 kJ mol" !, and it is 
unlikely that the bond energies are sufficient to compensate 
for the energy required to make use of a d orbital in such a 
scheme. Instead, three-centre sigma bonds between xenon 
and fluorine are proposed. The molecular axis is taken as the 
z-axis, as in Figure 17.60, and the relevant orbitals are the 
xenon p, orbital, which contains two electrons, and the p, 
orbital on each fluorine which hold one electron each (the 
other six valency electrons on xenon and fluorine fill the s, 
px, and f, orbitals on each atom, all non-bonding). The three 
р. orbitals can be combined to give three sigma orbitals, 
centred on the three atoms, one of which is bonding, one 
non-bonding, and one anti-bonding (Figure 17.60). The 
four electrons fill the bonding and non-bonding orbitals to 
give an overall bonding effect. The position is similar to that 
in the three-centre B— Н — B bond in the boranes, except 
that there are four electrons instead of two to be accom- 
modated (compare section 9.5). The cases of XeF, and 
XcF, can be explained similarly using xenon f, (огр, and p, 


hi Рх p2 
ANA NAA (үсү 
INFN A NITE 
F, Xe Е, 


FIGURE 17.60 The formation of three-centre bonds in XeF: the con- 
stituent atomic orbitals 


If we define the positive direction of the p orbital as for the Xe one 
drawn, the three-centre combinations give the following orbitals 
bonding у= — ру + xe — b2 

non-bonding у = — ^1 + f; 

antibonding у= — р, —cpy.+ f; | 
where the constants c and с are of similar size and the expressions 
are to be regarded as normalized. The bonding orbital and the non- 
bonding orbital both contain two electrons. As only one pair of 
bonding electrons exists between three atoms, the Xe—F bond 
order is only one-half. 

XeF, may be described similarly using p orbitals in both the x and у 
directions. 


for ХеЕ,) orbitals as well as p, in the two cases. 

Similar descriptions apply to the interhalogen compounds 
and ions such as ICI, ІСІ, ВгЕ;, and so on. All these 
species can be described either in terms of full electron pair 
bonds, plus non-bonding pairs, by using опе or two of the d 
orbitals, or the use of d orbitals may be avoided by using 
polycentred molecular orbitals at the price of reducing the 
bond order. It has been reported that calculations using 
s and р orbitals only are very successful in reproducing 
the bond angles and bond lengths found in interhalogen 
compounds. 

The theory using three-centred orbitals formed by the p 
orbitals would predict that ХеЕ,, and the isoelectronic 
IF, should be regular octahedra while the electron pair 
repulsion theory suggests that these species with seven pairs 
around the central atoms should be distorted. It is now 
established that ХеЕ,, IF; and TeF2~ are distorted octa- 
hedra, while the isoelectronic MX2^ species (where M = Se, 
Te, Po and X = Cl, Br, I but not F) are undistorted. This 
again shows the delicate balance which must exist between 
the various energies making up these two different structures. 

Recent theoretical work on the general problem of d 
orbital contributions to bonding in Main Group compounds 
has made considerable progress. ‘This is mainly because use 
of large computers has allowed work to be carried out with 
fewer initial assumptions and approximations. 

(1) In compounds with second row and heavier elements 
bonded to highly electronegative elements like oxygen and 
fluorine, there is evidence of substantial d orbital participa- 
tion in the bonding orbitals, For example, in PF}, the 
population of the phosphorus orbitals is calculated to be: 
sigma bonding 


3s 1-51 electrons 3p 1-05 electrons 3d 0:13 electrons 


3d 0:62 electrons 


Thus, the use of the d orbital gives a small stabilization to the 
sigma bonds, but makes a significant contribution to x bonds. 

Notice that this contribution is made in a molecule with 
only four electron pairs on the phosphorus, that is where 


pi bonding 3p 0:84 electrons 


there are enough s and p orbitals to hold all the valency 
electrons. In higher oxidation state fluorides and oxides, 
such as РЕ, OPF3, SFe or XeF¢, there is distinct d orbital 
involvement in the bonding. This would seem to be supported 
experimentally by the existence of IF; and non-octahedral 
МЕ; species. 

The test of the calculation is its agreement with 
experimentally-determined ionization or promotion energies 
(showing the differences between orbital energies) and the 
agreement between calculated and experimental dipole mo- 
ments (which reflect the distribution and spatial density of the 


electron clouds). 


(2) In compounds where the bonded atoms are of lower 
electronegativity, like C or Н, only a very low d orbital 
population, of the order of a few percent, is found for the 
central atom. This has little effect on the calculated energies, 
but does greatly improve the agreement between calculated 
and observed dipole moments. That is, the introduction of d 
orbitals into the calculations has, as its main benefit, a better 
description of the dispersion of the electrons in space. 

For further discussion of bonding in compounds of the 


Main Group elements, see section 18.9. 


PROBLEMS 


The systematic chemistry given in this chapter is best 
assimilated by working through it in as many ways as 
possible. Compare behaviour within the same Period, within 
the same Group, with other species of the same oxidation 
state or of the same valence electron configuration. See the 
remarks on the transition element problems and also correlate 
particularly with Chapters 3 and 4. 


1 Illustrations of the topics which could be reviewed are: 

(a) each oxidation state (properties, stability) 

(b) each coordination number (electron pair counting, 
stability, extent of distribution) 

(c) polymeric species 

(d) element — element bonding 

(e) pr — pn bonding 

(f) dorbital participation in main Group chemistry 

(g) distinguishing behaviour of first element in a Group. 


2 The first dissociation constants K, of some oxyacids are 
listed. below. Compare with their structures (see also Table 
6.2). Find out the values for the other oxyacids of the main 
Group clements and discuss any anomalies. 


Н,А;О 
6x107!9 


H4^40, 


HNO, НРО,  H,P,O. € 
x 


107 7x107? 107! 


3 Compare the oxidation state free energy diagram for Cl 
with that of Mn. Discuss the similarities and differences and 
correlate with the chemistry. Extend this comparison to the 
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other halogens and to rhenium. Carry out a similar analysis 
for other Groups. 


4 Plot the first ionization potential against the atomic 
radius for the р elements across each of the periods. 
Comment on trends and anomalies. If the sum of the 
potentials involving all the valence electrons is plotted 
similarly, do the same trends emerge? 


5 Write an essay on Main Group species with ring 
structures, including the structures of the elements as well as 
compounds. Compare ring compounds with the corre- 
sponding chain species. 


6 Survey the structures found for the chlorides of the f 
elements. Compare and contrast with those of the same 
formula found for (a) s elements, (b) d elements, (c) E À 
elements. 


7 Recently, NaPO, has been isolated at low temperatures as 
a monomeric species. Discuss its likely structure. What 
compound or compounds would you expect it to form on 
warming to room temperature? 


8 Ѕе,О,Ез is prepared via SeOF;. Predict possible structures 
for the monomer and dimer. Compare Se;O;Fs with other 
oxyhalides and discuss whether Se—O- Se or Se—F—Se 
bridging is the more likely. How do your predictions match 
with the following observed parameters: 


For Se;F,90, Se—O = 178 pm, SeOSe = 98°, 


Seis Se — 267 pm 
For Se;F4O;, Se—O = 170 pm, SeOSe = 142°, 
Sets Se — 321 pm 


9 What structure would you expect for the 5140197 ion, 
recently isolated as the silver salt? Compare this with the 
species of overall formula 51.08, 540% and 51,015 
(compare Chapter 5). What formulae would you find for each 
of the phosphorus analogues? 


10 A bulky cation, 12>, has an almost planar structure 


1-1-1 а =983 аһ = 174 
NE b=304 be=132 
ee c =339 сі = 168 
I d= 277 
Ng 
I2-I1--I 


(a) Discuss this in terms of the idea that polyiodides can 
be seen as associations of 1, and I3 units. 
(b) Compare with the structure of CsI, shown in Figure 


17.54. 


11 In the gas phase, CIF4O shows the following parameters: 


lengths (pm) Cl-O=141, СІ-Е(1) = 160, CI-F(2) = 171 
angles (^) OCIF(1) = 109, OCIF(2) = 95, F(I)CIF(2) = 88 
and F(2)CIF(2) = 171. 
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Discuss these values in terms of the structure predicted by 
the VSEPR approach. Compare the values with the related 
compounds shown in Figure 17.55. 


12 The CIO; ion is bent, with an angle of 119° and CI-O 
lengths of 141 pm. In CIO; the bond is longer, 148 pm, but the 
angle is similar, 118°. Discuss these observations in terms of 
the expected bonding. 


13 NOs, PCl, and Cl,O¢ share the property of being 
covalent in the gas phase, but forming an ionic solid. Find 
other examples, from both the d and p blocks. Discuss the 
various reasons accounting for this behaviour. 


14 Discuss the molecular parameters listed below: 


M-RELoOMERE: Angle 
CIF; 160 170 87-5 
ВгЕ; 172 181 86-2 
Хер; 184 191 81 


15 One compound containing the XeF3 ion has the Sb’; 
counterion. Discuss the likely preparation. As the Sb — F 
distance is 191 pm and there is one of the anion F atoms at 
24] pm from Xe, discuss secondary interactions in this 
compound and compare with related compounds. 


16 Discuss the parameters found for SeFy and SeOF;: 
Se-F(a) = 177-1 pm, F-Se-F angle(a) = 100:6° for Sel, 
Se-F(b) = 168-2 pm, F-Se-F angle(b) = 169:2° 


Se-O = 157-6 pm, O-Se-F angle = 105° for SeOF, 
Se-F = 172-95 pm, F-Se-F angle = 92° 


18 Selected Topics in Main Group 


Chemistry and Bonding 


In this chapter, some aspects of the chemistry of the elements 
of the р block raised in earlier chapters (particularly 
Chapter 4,8, and 17) are discussed in a little more depth. 
Some leading references are cited to allow further reading. 
(see Appendix A). 

As for Chapter 16, only a limited and arbitrary selection of 
topics is possible. There are many otherareas of current intense 
interest and development, and these are indicated in the 
general reading list given in Appendix A. 


18.1 The formation of bonds between like Main Group 
atoms 

The chemistry of carbon is so enormously rich, extensive, and 
diverse that it is easy to think that the property of forming 
bonds between like atoms, called catenation, is unique to 
carbon. Other long-chain species have been known for a long 
time, for example the plastic form of sulphur is So, but 
because of the difficulties of handling and identifying such 
materials, they have often been dismissed as obscure amorph- 
ous deposits. More refined, modern experimental approaches 
have greatly changed this picture. Crystal structures may be 
determined much more readily, so that solid compounds are 
more readily identified. For noncrystalline compounds, spec- 
troscopic methods are now much more powerful and give 
excellent structural information. 

In Chapter 17 we have already seen examples of species 
with groups of like atoms bonded together. The forms of the 
elements themselves cover the main types. Small finite 
molecules are represented by the halogens, X2, while S and Se 
give chains or rings (Figure 17.42) formed by two-coordinate 
atoms. Chains are also found in some of the borides and 
carbides. Graphite (Figure 5.15c), and the bismuth structure 
(Figure 17.26) are examples of layer structures, and full 
three-dimensional clusters are represented by boron and borides 
(Figure 17.7), white phosphorus, P, (Figure 17.27a) and, in 
infinite extension, by diamond (Figure 5.15a). 

The discussion in Chapter 17 is generally limited to the 
simpler cases. Molecules with a single E - E bond are found 
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for the majority of the elements, and chains are represen ted by 
the E,R>,42 hydrides and organic derivatives of E = Si, Ge, 
and Sn. 

From Table 17.3, we see that most single-bond energies are 
quite high, and similar for the majority of Main Group 
elements within a factor of two (Single bonds N — №, О - О, 
or Е-Е are unusually weak.) While there is a general 
tendency for bond strength to fall with mass, the changes are 
not abrupt. It is no surprise to find that E — E links form for 
many of the Main Group elements. The resulting compounds 
range from diatomic molecules for the halogens, to rings, 
chains, networks, and open or closed clusters for the elements 
of the remaining p Groups. The following sections give 
illustrations. 


18.2 Polysulphur and polyselenium rings and chains 

The survey of sulphur allotropes in section 17.7 included the 
classical Sg and Sg rings and the long chains of plastic sulphur, 
together with the analogous Seg and Ses. Discussion also 
included compounds with single S — S or Se — Se bonds, and 
some chain oxygen species like the polythionates [ (O38) - S, 
— (803) ]? ^, for n up to about 20. "These species were selected 
rather arbitrarily to represent the phenomenon of polysul- 
phur and polyselenium chemistry. In this section, we develop 
this theme further. 

If sulphur is compared with its neighbours, oxygen and 
chlorine, we can see that it has a much greater potential to 
form extended arrays of- S — S- S — links. Chlorine, with one 
electron more, has a fully satisfied electron configuration in 
diatomic Cl — Cl, and the halogens only form longer chains to 
a limited extent, with weaker interactions, and mainly 
involving iodine (compare Tables 17. 19 and 20, and 
Figure 17.54). Oxygen differs from S in its ability to form a 
stable double bond in O=O, and species with О, chains 
readily break up with formation of О==О. Thus polyoxygen 
species are limited ton = 3 and 4 (section 17.7.1). In contrast, 
sulphur has one electron less than Cl, and any S—S is 
unstable with respect to — S - S –, encouraging chain form- 
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FIGURE 18.1 Component units of polysulphides. 

A divalent S with two lone pairs (a) will tend to form a skew 
arrangement with its neighbour (b). For a chain, there will be an 
optimum dihedral angle between successive SSS planes (c). 


ation. The S; molecule does occur in the gas at high 
temperatures and gives a purple, paramagnetic solid on rapid 
cooling, but it reverts to Sg when allowed to warm to room 
temperature. 

Sulphur chains are built from divalent S atoms with two 
lone pairs, and will extend in a preferred conformation which 
minimizes lone-pair/lone-pair interaction as indicated in 
Figure 18.1. The long-known Sg ring attains the optimum 
array of angles, and the $, ring of Engel’s sulphur is more 
strained and readily converts (section 17.7.1). Clearly, if the 
ring opens out into a chain, there are no constraints but the 
chain ends are reactive so that only very long chains survive, 
as in plastic sulphur where the chains probably coil into a 
helix. 

From this, it is reasonable to find that the further poly- 
sulphur species fall into three groups (Table 18.1): 


(a) Rings, with those larger than 8-membered more stable 

(b) Anions 527 and cations S** where x= 1 or 2 

(c) XS - S, - SX where monovalent X groups take up the 
terminal valencies. An example is the polythionates with 
X=SO,(OH)~. 


18.2.1 Rings 

Development ofa range of new ring compounds depended on 
the discovery of syntheses giving specific rings, rather than an 
intractable mixture. One such reaction is between polysul- 
phur hydrides and polysulphur chlorides, e.g. 


HS,  SCl; =S,.+2HCl........... (1) 
This procedure gives a convenient route to $, and also yields 
the new rings S; 2, S;4 and S55. A modification, involving the 
cleavage of an S, unit from the stable, six-membered MS, 


rings formed by a number of transition metals. This route 
leads to rings with odd numbers of S atoms 


(C,H,), TiS, + S,Cl, = S; + (CsHs),TiCl, : : (2) 


Use of S4Cl, or SCl; in (2) gives Sg and $, respectively. An 
attempt to make a ring containing the SO; unit by using 
SO,Cl, in (2) yielded instead S,,. 

Further, more convenient, routes have been found for some 
of these rings. Knowing the properties of the isolated species, 
it has been possible to identify them in classical melts and 
mixtures. Thus S, is soluble in CS,, but 150 times less so than 
Sg, and can thus be separated. All the polysulphur rings are 
relatively unstable to heat and light, with S, 5, S; and $5, the 
most stable after Sg. Sg is very sensitive and a saturated 
solution of Sg gives S}, after a short exposure to light. The 
odd-membered rings are also all very reactive with S 
polymerizing as low as 45 °С. 


18.2.2 Tons 

When sulphur is dissolved in strong acids (see section 6.9 
ring cations are formed. Typical are the long-known coloured 
solutions of sulphur in oleum, which are red, yellow or blue 
according to concentration. In such systems, S+, S2* and 
Sid have been identified. In addition, radical ions S} give 
paramagnetic properties. Of these 54 and Sg. (formed respec 
tively from S2* and S24) are reasonably well-established. 

Table 18.1 summarizes some properties of the polysulphur 
species, and Figure 18.2 indicates some of the rings. 

The structure of the ion $3* has been determined (Figure 
18.3); the bond lengths and angles are very similar to Sy, 
but the shape changes from the open crown to a half-closed 
form and the 283 pm S—S distance across the ring 
corresponds to a weak transannular bond. If we compare S; 
and S§* we see that the two missing electrons are balanced by 
the extra S—S link. This process continues in S,N4 with only 
44 valency electrons compared with 48 in Sg. As the structure 
of Figure 17.49 shows there are now two trans-annular S — S 
interactions and the structure is closed up. 

It is convenient here to mention $50, formed by the 
reaction 


H3S, + SOCI, ^ SO + 2HCI 


The species is stable in the dark at — 20°, but soon forms 
SO; and sulphur on warming. The structure is that of the 
Sg ring with the SO bond angled towards the crown. S41 * has a 
similar structure. 

If two electrons are added to a polysulphur chain, to give 
an anion $27, the chain ends are no longer radicals, and such 
anions are expected to be stable chains. (Alternatively, we can 
see that adding two electrons opens a ring by breaking one 
bond.) Relatively few anions of sulphur are known, though 
S$^, which gives rise to the blue and green colours of 
ultramarines, is now fully characterized. "They are generally 
made by boiling S?~ solutions with sulphur and are stabilized 
by large cations, as іп Cs,S,. 

The longest known chain is found in the related Теё 
which has a central Te — Te distance of 276 pm, and rather 
longer outer bonds of 292 and 298 pm. Reduction of this forms 
further weak links (298 and 316 pm) between chains giving an 
overall cubane-like [Теё ]„. 
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TABLE 18.1 Properties of polysulphur species 


Colour m.pt. (^) S—S (pm) SSS (^) Dihedral (^) 

S2 purple 189-0 Stable in gas at 800°C, para- 
magnetic. S4 — lso in gas 

Se orange-red 50d 205-7 102-2 745 Kim (a to light d d 

S yellow 39 partial structure reported unstable to heat and light, 

5 А polymerizes 45 °С 

8 yellow 119 206-0 108-0 98-3 stable, several crystal modifications 
So deep yellow c. 50d 
Sio yellow 203-3 103 75 two different S environments in 
207-8 110 79 crystal 

Sii no details available 

Si; yellow 148 205-3 106-6 86-1 most stable after Sg 

Sis lemon 128 205-9 106-3 84-4 stable in absence of light 

S20 | pale yellow 124 204-7 106-5 83-0 stable solid, unstable in solution 

S chains 206-6 106 85-3 mixtures of different chain lengths 
—averaging up to 10° S atoms 
per chain in melt 

51° pale yellow 198 square 

Si* deep blue 204-8 108 90 Figure 18.2b 

521 red 187 to 221 

Si blue 103 chain 

55 * terminal 205 109 76 chain 

d = decomposes. *also 927 апа Si- (chains) 


S, 5 
ж. Кр Ns—s 
5—5 5—5 
b. NE 
(a) (b) 
ZST 


299 
te 
N 27 


$ 
5 | | 


(с (4) 


FIGURE 18.2 Some sulphur rings 
(а) Ss, (b) $, (c) Siz and (d) Sao. 


18.2.3 X — $,— X species 

Compounds with X = halogen are well known, and the 
disulphur members (п = 2) are included in section 17.7.6. 
Longer chains are found in the chloro- and bromo- 


ноове 18.3 The structure of the S&* ion 

For Sg, the S-S distance is 204 pm, for 52*, а= 283 pm and 
b = 204 pm. (For the Se analogues, the distances are 234 pm in the 
molecule and 284 and 232 pm in the cation). 


polysulphanes, S,Cl; and S,Br;. In the case of the chlorosul- 
phanes, there is evidence that л may be as high as 100. 
However, individual members of the series have been isolated 
only up to n — 8 for both the chloro- and bromo-sulphanes. 
These compounds are all formed by dissolving sulphur in 
S,Cl,. The latter results from the reaction of Cl; on molten 
sulphur. It has a skew Cl — S — S — CI structure, similar to 
Н,О,, with an SSCI angle of 103°. The higher chlorosulph- 
anes probably have chain structures similar to those of the 
anions. Individual compounds may be isolated by careful 
distillation or by chromatography. Mild conditions are 
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necessary, as individual members readily disproportionate 
into mixtures of various chain lengths. 

The hydrides, X — H, called sulphanes, are formed either 
from the polysulphides or from the chlorosulphanes: 


S2- + 2HCI = HS, -- 2CI- 
S,Cl, + 2H,S = H;S,, ; + 2HCI 


Compounds up to n — 8 have been isolated and the existence 
of higher members has been demonstrated by chromato- 
graphic studies. All are yellow and range from gaseous H;S to 
increasingly viscous liquids as the chain length increases. The 
sulphanes may be interconverted by heating— indeed any 
one member readily converts to an equilibrium mixture of the 
others—and all ultimately revert to sulphur and H,S, 
although slowly. The structures are not known but are 
probably chains like the polysulphide ions. The sulphanes 
plus chlorosulphanes give syntheses of specific rings as in 
equations (1) and (3), which gave the first clean synthesis of 
Engel’s sulphur: 

Н,5, + S4Cl = S, + 2НСІ. (3) 


A third important group has X =a transition metal plus 
ligands. Both chain compounds and rings where the two ends 
of the S, chain bond to the same M, are well known and these 
compounds are reviewed in section 18.6. Equation (2) 
illustrates their use to synthesize particular rings. 


18.2.4 Polyselenium rings and chains 

As in sulphur, recent studies using chromatography for 
separation, and spectroscopy or crystallography for charac- 
terization, have established the existence of a number of 
selenium rings of different sizes. In the vapour of molten 
selenium, the main components are Ses and Seg, whereas Se; 
and Seg are minor. Ses, however, cannot be isolated as it 
converts very rapidly to the larger rings (S5 behaves similar- 
ly). In solution, there is an equilibrium, 2Se;—Seg + Seg, 
which can be demonstrated by high pressure liquid chroma- 
tography. Separation of Seg and Se; is possible but difficult, 
as they readily convert to stable Seg. Perhaps the easiest route 
will be by synthesis, as in 


(C4H,),TiSes + Se;Cl;—Se,-F(C4Hs),TiCl, (4) 


which has been established. A crystal structure determination 
shows Seg has a chair form like Sẹ (compare Figure 18.2а), 
and Se; has probably the structure of Figure 18.2b. Seg is 
stable and known in several crystal modifications which all 
contain the crown ring (compare Figure 17.42) packed in 
different ways. There is evidence for the existence of Seg and 
Ѕе; о rings at very low pressures over subliming selenium, and 
rings such as Se; have been proposed as intermediates in the 
conversion of Seg to the grey form Se,,. None of these larger 
ring molecules has been isolated, though they might be more 
accessible via direct syntheses analogous to equations (1) or 
(4). However, selenium differs from sulphur in the higher 
stability of Se, relative to the rings, and the large-ring 
chemistry of selenium may remain limited. The established 
bond lengths and angles are listed in Table 18.2. 


TABLE 18.2 Some parameters of polyselenium species 


Se-Se (pm) SeSeSe (°) Dihedral (°) 
Ses 236 101 76 
Seg 234 106 101 
Ses 237 103 101 


The very low dihedral angle means greatly increased 
interaction between neighbouring lone pairs in Seg, and 
accounts for its ready transformation into Seg. Note thc 
somewhat smaller Se, and larger dihedral angles of the stable 
$е„ and Seg forms compared with their sulphur analogues. 

Selenium, and also tellurium, forms cations in strong acid 
media and also in melts (compare section 6.9). Yellow Se? ' 
green SeZ* and red Sejj have been isolated and their 
structures are known. There is also an indication of Se; ' 
(n=2,12 and 16) in melts. Te2* species are known for 
n=2,4 and 6. The М2* species are planar: 


M-M Se-Se — 234 pm 
M-M Te-Te — 266 pm 


Se2* has the same structure as 52* (see Figure 18.3). 

The бе} ion is interesting. It forms a structure where a Sc; 
ring in a boat-like form is joined ‘prow to stern’ by a chain of 
four Se atoms, shown schematically in Figure 18.4. A range о! 
distances are seen implying bonding interactions of quite 
varying strengths. As with Se,,, we see the evidence for weak 
additional interactions, (compare the Van der Waals' dis- 
tance of 380—400 pm) a step along the path to a delocalized 
cluster. 

In liquid ammonia, selenium forms polyanions Se? ~. The 
species with л = 3, 4 and 6 have been isolated while Ѕе2 exists 
only in equilibrium with Se?" and Se3~. 

There also exist mixed-element rings between S, Se and Te 
such as Se,Sg_,, (n = 1, 2, 3), Se2S,9, and Se, TeCl;. Mixed 
cations include Te,Seĝ*, which has the same structure as 
Se2j (Figure 18.4) with the two Te atoms in the three- 
coordinate positions. Te;Se2* is square with alternate atoms. 
There are two mixed species which have new structures: 
Те;52 + (Figure 18.5b) and Te;Se2* (Figure 18.5a) have a 
boat structure with one transannular bond. These can be 
related to Sg in the chair form, where removal of the two 
electrons in the cations requires a further bond. Again, this 


FIGURE 18.4 The structure of Sei. 

The bonds from the three-coordinate Se atoms a are longer 
(241-246 pm) than their neighbours b (223-227 pm) with an 
alternation along the chain making c — 236 pm. The lighter links arc 
shorter than non-bonded distance at 330-350 pm. 
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Os 

OTe 
(a) 

Ose 
(b) 


FIGURE 18.5 Structures of (a) Te,Se2* (b) Te3S3* (c) Teg* 
Compared with $, (Figure 18.2a), these show the effect of removing 
electrons and compensating by added bonds. 


structure could be regarded in another way as resulting from 
the PS, type by removing one S atom (compare Figure 
17.34а). 

Tellurium forms the only 4+ ion so far found, Teé*, which 
has the structure of Figure 18.5c. Here, instead of the removal 
of two electrons adding one more bond to the 18.5a structure, 
a more symmetric structure is adopted, but the bonds linking 
the two end triangles are distinctly long and weak. 


18.3 Nets and linked rings 

When more than two valencies are available, structures may 
grow in two or three dimensions. For cases where both 2- and 
3-valent atoms are available, we find linked rings (more 2- 
than 3-valencies) or open cages or networks (more 3- than 2- 
valencies). Such behaviour is found in phosphorus and 
related compounds reviewed here. 


18.3.1 Polyphosphorus compounds and related species 
In section 18.2, compounds containing chains of S or Se atoms 
have been described. If we move one place to the left in the 
Periodic Table, we see that a suitable structural unit is 
formed by taking an electron from one of the lone pairs of S, 
leaving P with one lone pair and three valence electrons 
(Figure 18.6a). This unit has greater flexibility, and poly- 
phosphorus compounds show more variety of structure than 
polysulphur species. The simplest closed unit using the 
building element of Figure 18.6 is the P4 tetrahedron found 
in white phosphorus (Figure 17.27a), and other ways of 
combining trivalent P units are the linked opened tetrahedra 
of Figure 17.27c, or the layer structure of black phosphorus 
thought to be similar to Figure 17.26. An interesting range of 
mixed tetrahedra incorporating such P units is found for 
metal derivatives, as in PCo3(CO)s. 3 
Further development of polyphosphorus species requires 
some saturation of the trivalency. A P-X unit (Figure 18.6b) 
has two remaining valencies as does a P^ unit (Figure 18.6c) 


(a) (b) 


FIGURE 18.6 Some building blocks for polyphosphorus compounds. (a) a 
single P atom which may build in three dimensions, (b) a X-P unit 
which may form chains, (c) the P^ unit isoelectronic with S 


which is isoelectronic with S (Figure 18.1a). For X — halo- 
gen, examples are largely limited to the P,X, species dis- 
cussed in section 17.6.4, where the last two X atoms terminate 
the chain. 

However, when X = Н, giving polyphosphanes, a large group 
of compounds has now built up. Phosphanes of formula H,P— 
(РН),-РН, are hydrocarbon analogues, with the two extra 
hydrogens allowing chain termination. Straight chains up to 
n = З аге established while branched chains become preferred 
for higher n values. Thus a second pentaphosphine, 
(H,P),P(PH)PH, has been identified, and branched chain 
isomers of compounds with up to 9P atoms are known. In a 
second series, (PH), for n=3 to 10, rings are formed. In 
addition to the arrangement of the phosphorus skeleton, 
geometrical isomers are possible depending on the arrange- 
ment of successive lone pairs. A simple example is P,}H4 which 
can give cis, trans, or skew forms. 

The hydrides are synthesized by the long-known hydrolysis 
of Ca3P2, which gives a mixture of hydrides which can be 
interconverted by gentle heating (compare section 9.5), for 
example 


2P,H, = PH, + PH; 


Reaction of a hydride with LiPH; or an alkyl-lithium gives 
the Li salt which is more stable to further reaction or 
disproportionation. Thus in monoglyme at — 20°C 


9P,H, + 3LiPH, = LiP;  14PH; 


The addition of an acid converts the Li salt to РУН. These 
preparations are now well understood, so that they may be 
directed to specific materials. 

This is a very striking example of the development ofa new 
chemistry out of a field which was seen to be very difficult. 
The hydrides are very air-sensitive, readily interconvert, the 
higher molecular weight species are amorphous, and no 
solvents were readily available. Because of these difficulties, 
the initial steps were very slow, with only PH, P;H,, and P4 
well established. The very richness of the chemistry made 
interpretation and characterization more difficult. 

With much more powerful techniques, including mass 
spectroscopy and particularly modern ?!P nmr carried out at 
low temperatures to avoid interconversion, the first few 
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H H 
(a) (b) 
E кы 
a pg pa 
H d HOH H H 


(c) 
FIGURE 18.7 The isomers of Р.Н 


(a) and (b) show the geometrical isomers of n-P4H6 and (c) is the 
branched chain isomer 


additional compounds were characterized. Then it was 
possible to probe further and identify new species when they 
occurred in the presence of known ones. Synthetic strategies 
were further improved and could be monitored, allowing 
characterization of more compounds, until the whole field 
began to develop rapidly. 

To give a flavour of the chemistry, a few examples are 
selected. The known hydrides are listed in Table 18.3. 

P4H,. The two geometrical isomers of the straight chain 
have been identified, together with the branched chain 
isomer (Figure 18.7). 

In Figure 18.7(a) and (b), all substituents on the two 
central P atoms are different, and thus they are chiral 
centres—(a) has d and / forms while (b) is meso. Different 
preparation routes give different proportions of (a), (b), 
and (c), allowing their identification in mixtures. Replacing 
H by bulky substituents favours the less-hindered isomer. 
Thus, P4(/-Bu) 4H, has alternating tert-butyl groups in an (a) 
structure. Branching is preferred as chain length increases. 
Thus the P&Hg samples characterized so far аге 
H;P-P(PH;)-PH-PH-PH;, H;P-PH-P(PH;)-PH-PH;, 
and H;P-P(PH;)-P(PH;)-PH; but not 
H;P-PH-PH-PH-PH-PH;. 

Simple rings, P,H,, and planar rings Ру”. The smallest 
ring, P4H;, has been identified, but it very easily rearranges, 
forming PsHs. Its organic derivatives, P4R,, are stable 
and readily synthesized. The lone pair on the P atoms may act 
as donor, as іп (RP)4Cr(CO), where the phosphorus ring 
occupies one position in the octahedron around Cr. In 
(RP)4[Cr(CO),];, two different P atoms donate to the two 
Cr atoms and so the ring links the two octahedra. 

A large variety of mixed-element three-membered rings is 


(c) 
FIGURE 18.8 Some mixed-element polyphosphorus rings. 
(a) The smallest ring, (RP);E, known for many E groups (see text) 
(b) a spiro structure formed by E = Si or Ge (c) a spiro structure as 
part of a larger ring in Се(РК),. К = tert-butyl or similar bulky 
group. 


known of the general type of Figure 18.8a, where E may be 
CR,, С = CR; or related species, SiR;, GeR;, SnR;, BNR», 
NR, AsR, SbR, S or Se. For E — Si, Ge, or Sn, two rings 
participate in the spiro unit of Figure 18.8b. 

Larger rings are non-planar, and the five-membered one is 
relatively stable. Above л = 5, there is a strong tendency to 
form rings with side-chains: thus PHs is as shown in Figure 
18.9a. The four-membered ring size is not favoured, and is 
found only when bulky substituents are present, as in Figure 
18.9b. Larger rings are also found with hetero-elements. То 
quote only one example, we find the mixed-ring spiro skeleton 
of Figure 18.8c in GeP,(CMe;),. 


HP————— PH 


(b) 
(a) 


FIGURE 18.9 Rings with sidechains 
(a) The stable form of P.H, (b) a four-membered ring stabilised by 
C(CHy), groups in (RP),. 
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The above rings correspond to the saturated hydrocarbons 
like cyclopentane. It was surprising, initially, to find a 
different formula type in P5 . This was formed in the reaction 
of white phosphorus with alkali metals in diglyme, giving for 
example [Na (diglyme),]* Ps , and also with ТАРН, in THF 
giving [Li(THF),]* Ps. Its properties suggest that Р; is a 
planar ion with delocalized charge, isoelectronic with cy- 
clopentadienide, C.H; (compare section 16.4). That is, the 
P; ion is analogous to aromatic hydrocarbon ions. Strong 
support for this view came from the isolation of the novel 
structure 


(С,Ме;)Сг(Р;)Сг(С;Ме;) 


where the two (С; Ме;) rings and the Р; ring are all planar 
and parallel, making a triple-decker sandwich exactly ana- 
logous to that of Figure 16.7c. The mixed ring, PLCH , has 
been characterized and is also planar with delocalized charge. 

A second member of the aromatic series is found 

in (С.Ме Мор, Мо(С, Мез), the analogous triple-decker 
molecule which contains the planar Pg ring analogous to 
benzene. This compound was prepared by reacting white 
phosphorus, P4, with a molybdenum precursor. Thus the Р 
ring formed spontaneously in the course of the reaction, 
arguing a significant stability in this environment. 
Networks or open clusters. Perhaps the most intriguing polyphos- 
phorus compounds are those where the number of H atoms is 
less than the number of P atoms. These are built of 
frameworks involving both trivalent and divalent units, 
Figure 18.6. Out of the wide range of compounds, we may 
select one in particular as examplar. The Pj cluster is the 
starting point. This is isoelectronic with Раз (Figure 17.34a) 
and has the same structure with P^ replacing s 
(Figure 18.10 

Then more complex structures are built up by adding Р, 
units at the P^ positions, converting some of the divalent 
bridge P atoms to trivalent ones. 

The simplest example is found in the КзРо molecules where 
a P-P unit bonds to two of the bridging positions (Figure 
18.9b). With a bulky R group, this compound can be 
crystallized and the structure determined. It is likely that 
РУН, and P3~ have the same framework. 

Larger molecules may be built up if units are linked 
together. In the P2; structure, two Р» units are linked using a 
common P-P unit bonded to two of the bridging P^ positions 
in each P, (Figure 18.11). The third bridge position in each 
Р, retains its negative charge. Thus the whole P; unit acts as a 
divalent building block, essentially bonding through a P-P 
edge involving two of the P^ positions. 

By opening up the P, skeleton of Figure 18.10a— by ad- 
ding two electrons — we find the structural unit of the anion 
P.H, (Figure 18.12a) which results from breaking one of the 
bonds in the base Р, triangle. This open P; unit then links with 
a closed one in the ion Р, НЗ (Figure 18.12b). This is built 
up by removing two H atoms from one edge of Figure 18.122, 
and using these two positions to join to two bridge positions of 
Figure 18.10a 


(c) 


FIGURE 18.10 The structure of (a) РЎ and (b) КР» (c) shows another 
view of the basic unit 


Figure 18.11 The Pi ion 


р 


— 
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mine 18.12 More open polyphosphorus framework ions: (а) P>Hg, (b) 
Р.Н 


„22 


As final examples, we find the elegant structures of РГ 
(Figure 18.13) and P$; (Figure 18.14), which have two end 
units of the Figure 18.10a form joined by one and two, 
respectively, units of the Figure 18.12a form. As Table 18.3 
shows, there is a further wide variety of polyphosphorus 
compounds. As far as current experimental evidence goes, the 
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FIGURE 18.14 The extended polyphosphorus ion, РФ 


TABLE 18.3 Polyphosphorus and polyarsenic com- 
pounds 


Formula Е=Р:В=Н Е = As; 
R= С(СН))» 
(or the corresponding anions of P or As) 

E,R,.2 п=1 109 
E,R, n=3 to 10 
E,R,-2 n=4 to 12 n=4to9 
E,R,-4 n=5 to 13 n=6 to 13 
E,R,-6 n=7 to 15 n=8 to 16 
E,R,-3 n=10 to 17 n=10 to 14, 20 

ARS 10 n=12 to 20 n=12, 13 
E,R,-13 n=13 to 20 п= 14, 16 
E,R,-;4 n2 15 to 21 n=16 
E,R,. 16 n= 17, 19, 20 to 22 
E,R,- 15 n=19 to 22 


The ion P$; is the first case of the E,R,-22 family. 


main structural theme is one of relatively open clusters, linked 
together by network units, as in the above examples. Struc- 
tures will generally become more closed as the H/P ratio 
decreases. 


18.3.2 Polyarsenic compounds and other analogues 

Included in Table 18.3 are the polyarsenic compounds of 
similar formula to the polyphosphines. Structural studies are 
less developed —in particular, there is no useful arsenic nmr 
nucleus equivalent to ?! P, so this powerful technique is not 
available. While it is likely that some structure types will be 
common to P and As, it is already clear that there are 
differences. Thus, both elements form ER with R = CMe;, 
but with different structures, as shown in Figure 18.15. 

In general, the As — Н bond is weaker than the P — Н one, 
so that there are fewer hydrogen-rich arsenic compounds and 
more use of organic derivatives is to be expected in developing 
the field. Rings are established for (AsR), in the cases R = 
Me, СМез, or Ph, x = 3, 4, 5 or 6. The structure of (PhAs) ¢ 


IN 


ет: R 
(a) 
Ау 
Ras As-R 
Due a (b) 


FIGURE 18.15 Contrasting structures of polyphosphorus and polyarsenic 
compounds (a) Р.К, (b) AsgRg (R = СМез) 


shows a chair formation for the Ase ring. The (PhSb), ring is 
similar, and 4- or 5-membered antimony rings are also found. 


18.3.3 Mixed systems 

We have already indicated the close relation between the 
polyphosphorus anions and mixed P — S compounds. There 
seems to be no reason why an extensive chemistry of 
polyphosphorus-sulphur should not exist, and this should 
also extend to As and Se, together with mixed species of three 
(compare PAs3S3) or all four of these elements. 

Simple mixed hydrides of phosphorus and Si or Ge, such as 
GeH3PH; or (SiH3);PH, have long been known, and a range 
of mixed Si – P skeletons is emerging, particularly those 
where a divalent R,Si unit replaces P^. Thus we find 
P4,(SiMe;); where the Me,Si units lie in the bridging 
positions of Figure 18.10. In P4(SiMe;)g the SiMe, units 
bridge all six edges of the phosphorus tetrahedron in a 
structure analogous to P4O6 (Figure 17.32). In such struc- 
tures, together with many compounds where the SiMe, group 
is terminally bonded to P (acting as a bulky substituent), an 
extensive chemistry of mixed phosphorus-silicon compounds 
is growing rapidly. Again, there seems no reason why we 
should not find similar compounds involving As and Ge. 


18.4 Cluster compounds of the p block elements 

When valencies of 3 or more are available, the atoms form 
three-dimensional units, open or closed clusters. Clusters may 
be described in terms of localized bonds along the edges, or of 
delocalized bonds. For closed clusters, as in this section, the 
latter description is more valid. 


18.4.1 General 

Closed clusters have been seen for some borides (Figure 17.7 
and Table 17.5), for the E, tetrahedral form of P, As, and Sb 
(Figure 17.27a), and for the Bi$* ion which is one component 
of Bi;;Cl,4 (Figure 17.37c). In these species, the structure is 
closed, often a regular solid with equilateral triangular faces. 
Such regular structures are also found for the boron hydride 
ions of formula (BH)2- (compare section 9.6), while all the 
other boron hydrides, and related species like the carboranes, 
are fragments of such regular structures formed by removing 
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one or more apices. Other electron deficient compounds 
behave similarly: for example, methyl-lithium crystallises as 
(LiMe), with a Li, tetrahedron bridged on each face by a 
methyl group, while a chair structure is found in (EtLi),. 

In addition to these classes of compound, there is a further, 
steadily growing, range of cluster compounds formed by p 
block elements. The structures are regular solids, or nearly so, 
and we shall look at two different types; (a) the sub-halides of 
boron, and (b) the ‘naked metal’ clusters of the later members 
of the carbon, nitrogen, and oxygen Groups. 

It is convenient first to review one general approach to 
clusters, which involves the rationalization of structures in 
terms of the electron count. While there is significant 
theoretical support for the approach, it is best seen as a model 
and rationalization of observed structures. It involves count- 
ing the electrons in a cluster, allocating certain of them to 
bonds to external substituents, and assigning the rest to hold 
the skeleton together. The expected skeletal structure is 
derived from the number of cluster atoms and the number of 
these electrons, The scheme was first developed for boron 
hydrides, but has now been extended to all types of transition 
element and Main Group clusters. 


18.4.2 Skeletal electron pairs 

The skeletal electron pair rationalization postulates that (V + 1) 
such pairs are required to give a stable regular cluster with V 
vertices. The regular clusters are those with all the faces 
equilateral triangles. The structures expected for some of the 
simpler cases of (M+ 1) skeletal electron pairs and М atoms 
are listed in Table 18.4. 

The rules for counting skeletal pairs are simplest for the s 
and p elements. Let us start with the (BH);~ ions mentioned 
in section 9.6. For these, we note that each B — H bond points 
outwards from the cluster, and has all the properties of a 
normal 2-electron bond. Thus we allocate one Н per B, 
together with 2 electrons and an outward-pointing orbital on 
B, to form these external B—H links. The remaining 
electrons, and the remaining three orbitals per boron, remain 
to bond the cluster. For V boron atoms, M+ 1 of these orbitals 


TABLE 18.4 Shapes and skeletal electron pairs 


No. of skeletal Shape and no. of atoms in the cluster 


electron pairs closo nido arachno capped 
NFI N N-1 N-2 NI 
5 4 3 5 
tetrahedron triangle trigonal 
bipyramid 
6 5 4 3 6 
trigonal tetrahedron triangle bicapped 
bipyramid tetrahedron 
Y 6 5 4 7 
octahedron square square capped 
pyramid octahedron 
8 7 6 
pentagonal pentagonal irregular 
pyramid pyramid 


bipyramid 


are stable and bonding, so the cluster forms if there are N+1 
skeletal electron pairs to fill them. 

If there are fewer than N atoms, the structure is formed by 
removing an appropriate number of vertices from the regular 
figure. Thus, for 7 electron pairs, № = 6, and the structures are 
(i) an octahedron if there are 6 atoms in the cluster (ii) a 
square pyramid if there are only 5 atoms, and (iii) a square or 
a butterfly (two triangles sharing an edge) if there are only 4 
atoms. Likewise, if there are more than V atoms the extra ones 
fit over one or more faces of the regular solid in a capping 
position (placed in a regular way so that the new faces are all 
regular triangles). 

To describe these forms, a general terminology is used. The 
regular figure is called closo (simply indicating closed), a 
structure lacking one apex is called nido (from Greek indicat- 
ing nest-shaped), one lacking two apices is arachno (Greek 
spider, or web-like), one lacking three apices is hypho (Greek, 
net). Extra atoms give mono-, bi-, tri-, etc. capped structures. 
Table 18.4 shows examples. 

The skeletal electron pair counting rules for different types 
of cluster are summarized as follows. 

Boron hydrides, carboranes, and similar species. Regard the hydride 
as (BH),H, so that any hydrogens in excess of 1 per B 
contribute to the cluster. Such extra hydrogens are found 
bonded to the basic B, cluster, often face- or edge-bridging, or 
bonded terminally to B atoms at open faces. For example, the 
two pentaboranes of Figure 9.12 may be counted as follows. 
В.Н, has 5 x 3 + 9 = 24 electrons and 10 are required for 5 
BH units, leaving 7 skeletal electron pairs. The structure is 
thusa nido-octahedron or a square pyramid as found. Note the 
four additional H atoms are edge-bridging along the base or 
open face. Similarly, BsH,, has 8 skeletal pairs and is an 
arachno-pentagonal bipyramid. The structure of Figure 9.12c 
is formed by removing one apex, and one of the five B atoms in 
the equatorial plane of the pentagonal bipyramid. This time 
there are 6H in excess, three edge-bridging and three terminal 
around the open faces. Any charges are added or subtracted 
from the total count, and for mixed element clusters, such as 
the carboranes, each element contributes its valency 
electrons, and each is assumed to bear one terminal hydrogen. 
Thus, C;B4H; has (2 x 4) + (3 х 3) + 7 — 24 electrons, of 
which 4 are needed for 2CH and 6 for 3BH terminal groups. 
This leaves 7 skeletal pairs and the structure should bea 
square pyramid. Similar treatments apply to other additional 
elements. Note that the electron counting process gives no 
prediction of where heteroatoms are placed, nor does it define 
where any additional hydrogens are bonded. However, it 
should be emphasized that the skeletal electron pair theory is 
very successful in rationalizing literally hundreds of boron 
clusters. 

Transition metal clusters. A guide to the structures of transition 
metal clusters is the realization that a group such as M(CO) 3 
is similar to BH in the orbitals available for bonding a cluster. 
BH has a centrally pointing orbital (for example the sp hybrid 
opposite to that forming the B – H bond) together with two f 
orbitals at right angles to this, tangential to the cluster. The 
M(CO); unit has а centrally. pointing orbital (say 42) 
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together with two tangential ones (say dy, and d,.) of similar 
energies to the HB ones. Such a situation is called isolobal, and 
isolobal groups often behave in similar ways, and substitute 
one for another. The electron count may be illustrated for a 
carbonyl such as Rug(CO)25 . The total number is 6 x 8 (for 
Ru) + 18 x 2(CO is a2-electron donor) + 2 (for the charge) = 
86. For each metal atom, 12 electrons are allocated for 
sigma and pi bonding to CO, so 6 x 12 — 72 electrons are 
subtracted leaving 7 skeletal electron pairs. Thus the struc- 
ture is predicted to be octahedral as found. Note that there do 
not need to be 3 CO groups present on each metal; those of the 
12 electrons not needed for M — CO bonding, remain non- 
bonding: 12 electrons per M are subtracted whatever the 
structure. Thus, Rhg(CO),¢ has (6х9) + (16 x 2) 2 86 
electrons, less 12 per Rh leaves 7 skeletal pairs, and the 
structure is again octahedral. In the actual structure, there 
are two terminal CO per Rh and the other four CO face 
bridge every second face. 

Other ligands contribute electrons appropriately: Н or 
halogens provide 1, other donors like PF; give 2, while NO is 
usually a 3-electron source. Encapsulated atoms, such as C in 
Rug(CO),;,C, contribute all their valency electrons. Thus 
Fe,(CO),;,C counts (5 x 8) + (15 x 2) + 4 = 74 less (12 x 5) 
gives 7 skeletal electron pairs, and the predicted structure is a 
square pyramid, as found. 

The skeletal electron counting approach becomes less 

useful for transition metal clusters of more than 8 or 9 atoms, 
and has limitations even with smaller clusters. However, it is 
generally successful with 3 to 8 atom species, and it is also very 
valuable for dealing with the metalloboranes which may be 
regarded as mixed species between the boranes and the metal 
clusters. 
Other cases. The application of electron counting to Main 
Group clusters is based on the postulate that there is an 
outward pointing lone pair on each cluster atom (equivalent 
to the two electrons of the BH unit in the boranes) which does 
not contribute to the bonding. There are also mixed cases, 
such as metal clusters incorporating Main Group atoms, for 
which the approach has moderate success. 

Overall, skeletal electron pair counting has had a remark- 
able success over a very wide range of compounds. It has 
played an important role, not only in ordering many 
structures and highlighting anomalies for further study, but 
also in emphasizing the underlying similarities between 
classes of compound which seem, at first sight, to be quite 
different. 


18.4.3 Boron subhalides 

As well as BX, and the lower fluorides, discussed in section 
17.4.4, boron forms (ВСІ), for n = 4, 8, 9, 10, 11, and 12, (BBr), 
for n = 7 to 10, and (BI), for n = 8 and 9, together with a few 
related compounds like mixed chloride-bromides. 

The structures of three of the compounds have been 
determined. Each boron bears one terminal chlorine atom: 
B,Cl, has a regular B, tetrahedron; in BgClg, the boron atoms 
form a dodecahedron, while in ВСІ, the nine boron atoms lie 
at the apices of a tricapped trigonal prism. All these are 


regular arrangements for these numbers of atoms, and it is 
assumed that the remaining compounds are also regular. We 
note that the boron subhalides are all short of one electron 
pair for a closed cluster but the extent of electron donation 
from the halides is unknown. 

The chlorides were prepared from B,Cl, (itself prepared by 
a radio-frequency discharge on ВС1›) by heating to 1000 °С, 
which gives a mixture of all n species. One specific synthesis is 
of ByCly by treating B,H3~ with SOCI;. B;Br, is prepared, 
and this disproportionates on standing at room temperature 
to give the tribromide and a mixture of the sub-bromides. 

Particular members of the group can also be made from the 
chloride by halogen exchange with Al;Brg. Bgl, and Bol, 
were formed when B;I, was melted at 100°C. Characteriz- 
ation depends heavily on mass spectra, helped by the fact that 
B and all the halogens are polyisotopic, so their combinations 
give characteristic intensity patterns. 

Only a limited study of reactions has so far been made. 
Treatment of ВВго with SnMe, gives a number of methyl 
derivatives ByBrg_,Me, for x= 1 to 6, with apparently the 
same B, skeleton. 

One link between the halides and the carboranes is the 
compound (ВСІ), „(СН),, which is icosahedral, like the 
isoelectronic B,;H2;. These compounds, taken with the 
hydrides and binary borides, show boron has a strong 
tendency to form clusters, whose exploration will undoubted- 
ly continue to attract interest. 


18.4.4 Naked metal cluster ions 

The first observations of compounds which are now known to 
be polynuclear anions came a century ago when it was first 
observed that lead and other heavier p Block elements gave a 
sequence of colours when they were treated with solutions of 
sodium in liquid ammonia. Later work up to the 1930s 
showed that such solutions give the poly-sulphur and poly- 
selenium chain anions, and suggested the other elements gave 
more condensed species. 

For example, germanium, tin and lead give polyanions in 
liquid ammonia. The tin or lead dihalides react with sodium 
in ammonia to give, first, the insoluble Na4M species, and 
these add extra metal ions to give intensely-coloured solutions 
of NagSng or Na4Pb,. This latter compound was formulated 
as an ionic species with Pb§~ ions, on the basis of conductance 
and electrolytic experiments. For example, electrolysis was 
found to deposit 21/4 lead equivalents for each faraday 
passed. The compounds are heavily ammoniated and decom- 
pose when the ammonia is removed. Gel, behaved similarly. 
When ethylenediamine (en) was added to alloys of the p 
elements with alkali metals, products could be isolated, such 
as Na4(en)sGes, since the solvating interaction was strong 
enough to avoid loss of the en. It is probable that, if the cation 
is in close contact with the large polynuclear anion, reverse 
electron transfer occurs and a metallic alloy, such as NagGeg 
forms once the solvent NH; is removed, and this was avoided 
in the en complex cation. Crystal structure determinations on 
such complexes in the 1970s, at last gave some certainty to the 
field. 
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FIGURE 18 16 The structures of (Na crypt) * -stabilized ions (a) Pb3~ and 
(b) Sng 

(a) is a trigonal bipyramid with equatorial РЬ-РЬ = 300 pm and 
axial-equatorial Pb-Pb — 323 pm. (b) is a square antiprism capped 
on one square face with Sn-Sn distances of 293 to 302 pm, except 
that the edges of the capped face are expanded to about 325 pm. 


By this time, the cryptates and crown ethers (Figure 10.5) 
had been evolved specifically to form stable complexes with 
cations such as the alkali metals. By using cryptate-stabilized 
alkali metal ions (see section 10.5), polyanions have been 
isolated as solids. Crystal structures are known for 
Na(crypt) * salts of red Pb2^ (Figure 18.162), orange Sn2-, 
and dark red Sn$~ (Figure 18.16b). The green РЫ species, 
strongly indicated by conductivity in solution, has not yet 
been isolated: perhaps this requires use of an even larger 
cation. 

One particularly striking product resulted from the reac- 
tion of an alloy of composition KGe, which gave 
K (crypt) ¢(Geg)?~ (Geg)*~.2.5en, where the difference of 
two electrons between the two germanium clusters gives 
different structures. A second unexpected species is the odd- 
electron Sn3™ cluster. Table 18.5 lists the established clusters. 


TABLE 18.5 Some clusters 


Cluster 


Total electron 
Examples electrons pairs Shape 
Се, 547 18 5 Elongated tetrahedron 
P, As, Sb, Sn;Bij 20 6 Tetrahedron 
Pb,Sb3~ 
ТІ,Те2- 20 6 Butterfly 
Аз2-, 5Ь2-, Bi2^, 22 7 Square 
Se$*, теч 
Sni^, Pbj^, Bij* 22 6 Trigonal bipyramid 
Big * 38 11 Square antiprism 
Сез, TISnj 38 10 Tricapped trigonal prism 
Snj 39 104 ‘Tricapped trigonal prism 
Big* 40 11 Tricapped trigonal prism 
Ge$~, Sn$^, Pb$^, 40 11 Capped square antiprism 
Sn,Ge$- ,, Sn,Pb$=,, 
SngSb*~, Sn, TI^ 
Bicapped square antiprism 


TiS$nj* 42 11 


Most of the structures have been determined crystallo- 
graphically, or by comparison of spectroscopic properties 
with those of established compounds. The mixed Sn/Pb and 
Sn/Ge nine-atom clusters were characterized by '!°Sn and 
205Pb nmr and all ten species occur in the mixture. Interest- 
ingly, the Pb$^ species isseen here. It is noteworthy that some 
ions with high charge/metal ratio indicated in the solution 
experiments, such as M3~ and М; for М = As, Sb, or Bi, 
have also not been isolated as solids. These ions may need an 
even larger cation than the crypt species for stability, and the 
preparation of clusters with more than the present upper limit 
to cluster size of about 10 atoms. 

An alternative synthesis derives from the early observation 
that Bi dissolved in BiCl, gives the cluster Bij* 
(Figure 17.37c) as part of a mixture of products (see section 
17.6.4). Other fused salts provide similar media, and AICI, 
melts have been generally used. Addition of NaCl increases 
the basicity of such melts and this type of non-aqueous system 
has proved to be a source of cluster ions, as well as other 
unusual species (compare section 18.8). Using NaAICl, 
melts, two more bismuth clusters, Bi3* and Ві2* have been 
prepared. These ions are probably trigonal bipyramidal and 
square anti-prismatic structures respectively. Reinvestigation 
of bismuth species in liquid ammonia, stabilized by large 
solvated alkali metal cations (compare section 10.5) has led to 
the isolation of the cluster anion, Ві 7, isoelectronic with 
the known Те2* and Seĝ*, with a square of metal atoms. 

While the structures of the clusters are clearly related to the 
number of electrons, there are obviously finely-balanced 
factors as shown by the two different structures of the 40 
electron species. If we assume that there is one outward 
pointing lone pair on each atom, the remaining electrons, 
listed as cluster electron pairs in Table 18.5 may be used in the 
skeletal electron pair approach. The 18-electron, М7 com- 
pounds have 5 skeletal pairs and we predict a closo figure, a 
tetrahedron. Similarly, the 22-electron M (Figures 18.16а 
and 18.172), the 38-electron Mg (Figure 18.17b), and the 42- 
electron T1Sn3~ clusters are closo figures as expected from the 
6, 10, or 11 skeletal pairs respectively. 

The 20-electron M, species have 6 skeletal electron pairs, so 
a 5-atom cluster would be a trigonal bipyramid, but there are 
only four M atoms so the structure is a trigonal bipyramid less 
one vertex—which is a tetrahedron. Likewise, all the 40- 
electron Ms species should give the mido 10-vertex figure, 
corresponding to the observed capped square antiprism 
(Figure 18.16b and 18.18). Thus the Bi$* structure is the 
anomalous one, and we note that its trigonal prism is much 
more elongated than those found for the 38 electron closo 
structures. The odd-electron Snj^ adopts the 10-pair rather 
than the 11-pair configuration. 

The square 22-electron M, species correspond to an arachno 
octahedron. Alternatively, we can describe this as the result of 
adding two electron pairs to the 18-electron tetrahedron, 
breaking two bonds and leaving a square. The square 
antiprism Big* is likewise the arachno 10-vertex structure. 

The closed clusters may be correlated with more open 
species, as indicated above for the M, case. Thus the various 
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(b) 
FIGURE 18.17 Structures of the tin clusters (a) Sn2^ and (b) Sn3~ 
The 38-electron Ge3~ ion is of similar structure to (b) 


Озѕа 
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FIGURE 18.18 The capped square antiprismatic structure of TISn$ >, and 
Sn$ 7 
Compare Figure 18.16b. 


E, species found for S, Se, and Te, may be seen as resulting 
from the successive opening of an octahedron, by adding 
electrons: six pairs removes six of the twelve edges, leaving a 
chair (Figure 18.5), for example. 

It is also possible to make connections between the clusters 
and the extended structures of solids. In many of the mixed 
phases, called Zinil phases, formed between electropositive 
and less electropositive elements, cluster units may be identi- 
fied as building blocks of the three-dimensional arrays. 
Tetrahedra are common, but the other isolated clusters are 
rare. Instead, more extended linkages occur giving rise to 
puckered layers or extended nets. 


18.5 Polynuclear ions and the acid strength of preparation 
media 

In Chapter 17 and in sections 18.2, 3, and 4, we have seen a 
wide range of examples of polynuclear ions. Almost all the 
preparations of these ions involve non-aqueous media such as 
liquid ammonia (section 6.7), superacids (section 6.9), or 
AICI, and other melts. Polynuclear cations are very sensitive 
to base attack and require to be prepared in media of high 


acidity; conversely, polynuclear anions need strongly basic 
media. The media also act as vehicles for strong reducing 
agents (alkali metals in liquid ammonia) or oxidizing agents 
(Е, in liquid HF or 5,0,Е; in HSO;F), but the acidity 
appears to be the dominant factor. 

Sufficient work has been done to allow these factors to be 
drawn together in an interesting picture which underlines 
some of the similarities between various non-aqueous 
solvents. 

As an example, we can consider the iodine cations 17, 1; 
and If (section 17.8). We use the Hammett acidity function, 
Ho, as a measure of the relative acidity in the superacid media 
(the larger the negative value of Ho, the higher the acidity). 
First, it may be noted that I? may be prepared in HSO,F by 
oxidation of I; with S,O¢F, in an appropriate stoichiometry: 
thus 3:1 gives I} and 5:1 gives 15. However, the species that 
is recovered depends also on the acidity. The full equation for 
the formation of I} is 


$,0,F; + 21, >21} -2SO4F^ .......-. | 


but the I7 slowly transforms to If plus I(SO4F)4. Now, 
ЅО;Е  іѕ the base in HSO;F according to the self-dissociation 
(compare Chapter 6): 

2HSO,F=H,SO3F* + 50;Е........... (2) 
Thus the SO3F~ formed in equation (1) reduces the acidity of 
the medium. In fact, the Ho value for HSO;F is — 15-1, while 
the SO3F™ will reduce Hy to about — 14-1. If, on the other 
hand, SbF; is added this removes SOF” (see equation А? in 
section 6.9), and I} is very stable (Hy — 16 to — 18 depending 
on SbF; concentration). Therefore, the higher the ratio of 
positive charge to iodine atoms in the ion (the higher the 
formal oxidation state) the more susceptible the ion to base 
attack and the higher the required acidity, so I} is stable in 
(relatively!) low acidity with charge ratio 1:3, whereas 17 
(ratio 1:2) needs higher acidity. 

In the early reports of polyiodine cations, the medium was 
100% H;SO, (Ho = — 11:9), and If and IZ were stable 
while I7 readily converted to I}. In 60% oleum (i.e. 60%, 
added SO; forming H,S,0,), with Hy = — 14-8, If was 
stable. Conversely, in HjSO,/HSO; (Ho = — 11:9), only 1; 
was stable. Thus, while oxidant is needed to convert I(0) in 1, 
to the fractional positive oxidation state in the I} ions, the ion 
recovered depends on the acidity. 

Similar results are obtained using HF as a solvent (Hp = 
— 15-1) with acidity varied by adding the base F^ or GeF, 
(which removes F^ by forming GeF2- ). Since HF has a very 
small self-dissociation, the acidity is extremely sensitive to 
[F7]. Thus reaction of F, in HF with 1, gives I} as the F7 
formed reduces Ho to around — 10:5. When GeF, was added 
(Ho about — 5), the product was I 

The result of increasing basicity is the disproportionation of 
the cations into a cation of lower charge/atoms ratio plus a 
covalent IX; species: 


817 +3X~ +51} + 1X, 
713 +3Х- +41f +1X, 
3I5 + 3X~ +71, + IX, (X=F~, SO;F- or HSO;). 
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A different form of acidic medium is provided by molten 
AICI,, and the acidity may be adjusted by adding varying 
proportions of KCI (providing the base СІ or AICI; ). Thus 
the iodine species formed in the acid melt 2AICI, + IKCI is 
I2, while 15 is stable in the neutral melt ТАІСІ, + IKCI (and 
this melt also gave I$AICI; at the appropriate 
stoichiometry). 

Finally, a non-basic medium like SO, or AsF, allows the 
formation of the higher polyiodides: 


I; + AsF5— I3AsFg + AsF; іп SO, 
I; + SbF; > I;SbFg + SbF, in AsF; 
I; + 35ЬЕ, > IZ Sb;F;, + SbF; in SO; 


because none of the species SO2, AsF or SbF; are sufficiently 
basic to attack the If or 15. The last equation underlines a 
further contribution—that of specific and usually large 
counterions in stabilizing a particular cation. This contri- 


bution js significant in many cases but is not as dominant as 
the acidity. 

These ideas may be further reinforced if we look at the 
smaller halogens. Since the charge density per atom is higher 
in, say, Br? than in If, the acidity required to stabilize the 
bromine species will be higher than for the iodine analogue, 
while chlorine species will be even more demanding. It is 
found that Bri is stable in the highly acidic 
HSO;F — SO, – SbF, system (Ho = — 19), but is only mar- 
ginally stable at Họ = — 13:8 where 15 is stable. Br} is 
observed at Hp = — 19 but is not stable. No polychlorine 
cation survives in solution in even the most acidic media, 
though Cl} has been isolated as a solid. Cl} is not known. 

The similar situation for the chalcogen polycations in 
sulphuric acid systems is summarized in Table 18.6. The Ho 
values range from — 10 in 95% H250; to — 141 in an oleum 
with 40%, 503. 

All these observations on polyatomic cations reinforce the 
general discussion in Chapter 6 on the similarities between 
different solvent systems. For example we see the exact 
parallel between the oxidant Ез in liquid HF giving the 
solvent base F^ and the oxidant (SO3F)2 in HSO,F giving 
the base SO4F 7. We see the parallel between these protonic 
acid solvents and the non-protonic AICI, melt. 

Finally we note the difference between such ‘participating’ 
solvents and SO;, which is functioning as a non-interacting 
medium, It should be noted, of course, that acidity is not the 
only factor in these reactions. Clearly the intrinsic properties 
of the reagents are significant—especially where there are 
small differences in charge density, as in the formation of I3 
versus I2 , or in the contrasting formation of Se2¢ and 529 for 


TABLE 18.6 Values of Hy where X2* cations are stable. 


Formula хе" Lee an X 
Oxidation State 067 0-5 0:25 «0:25 

X = Te —13 . —lH 

X = Se —1L9 —119 Sei at — 10 


Sif at —125 


Х = $ — 14:1 -—132 


low charge density. For the isolation of solids, the presence ofa 
counterion of appropriate size may be vital. 

The considerations above apply also to simpler cations 
which are unstable in less acidic media, such as water. Thus 
U?* may be prepared by reacting U with HF, whose acidity 
is enhanced by adding BF}, whereas a more basic system 
containing F^ gives UF,. U?* was also prepared in an acid 
2:1 AICI/KCI melt and disproportionated to U plus U(IV) 
ina 1:1 melt. Similarly, Ti?* (as ТІНЕ] * ) is formed from 
HF/SbF, and TiCl, in AlCl}. The formation of Sm? * GeF?” 
by reduction of Sm?* in HF with added GeF, reflects the 
effects both of acidity and of a suitable precipitating anion. 

All these examples indicate how the control of acidity 
(supplemented by choice of medium, oxidant, and counter- 
ions) may lead to the directed synthesis of low-oxidation- 
state, polynuclear cations. An exactly similar approach in 
highly basic media would apply to polynuclear anions. 


18.6 Multiple bonds involving heavier Main Group 
elements 
The discussion in section 17.2 about the restriction of multiple 
bonds to first row elements using 2p orbitals is generally valid 
for species which are stable at room temperature, and with 
ordinary ligands. There has been evidence both for unsatu- 
rated species and low-valent intermediates (such as Me,Si or 
H,Si=SiH,) as the reactive species in reactions such as 
pyrolysis, and such compounds are realistically postulated as 
reaction intermediates. The isolation of stable compounds 
with double bonds has also been accomplished, but requires 
special conditions. 

An example is the reaction sequence 


ВЕСІ, + LiAr— (RE); —— 5 R2E=ER, 


Here, E is Si, Ge or Sn, and Risa sterically hindered ligand 
like Me3C-, (Me3Si)3-,CH,- (for n=0 or 1 usually), or a 
polymethylbenzene group with at least one, and usually two, 
methyl groups ortho to the E- Ar bond. With smaller R 
groups, the cyclic trimer or larger rings, (ER2),, form the 
stable products. In such systems, it is also possible to produce 
the divalent monomer, RE, which may be in equilibrium 
with double-bonded R;E—ER;. The product formed 
depends both on R and E, and also on the reductant and the 
activating energy. 

The properties of the products are shown in Table 18.7. 

The structures show some interesting features. The E-E 
distance is less than the sum of single bond radii, but the 
shortening is very variable, ranging from about 2% to values 
similar to that for a C=C double bond. The R;E—ER; 
species also differ from C analogues in being increasingly non- 
planar as E gets heavier. The angle given in Table 18.7 is that 
between the RE plane and the all-planar position, These 
structures imply that the R;E unit retains some lone-pair 
character in the dimer. 

Similar features are found for the heavier elements of the 
nitrogen group, and mixed species both within and between 
Groups are known, such as RSb—AsR R,Ge=PR. Mixed 
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TABLE 18.7 Parameters for multiply-bonded species 


Single E - E Non-planar 
E E-E (pm) bond length (pm) angle (^) 
Si 213-216 232 0-18 
Ge 221-235 244 15-32 
Sn 276 281 41 
B 200—203 221 
As 222-225 243 
Р = As 212 232 


Note. For E=Si, Ge, Sn, values refer to R,E=ER,: for E = P, As 
values are for RE—ER. Range of values are for a variety of hindered ligands 
R. 


species are also known involving the light elements, C and N, 
as in R;C—SiR5, where both К and R’ are bulky groups. 
There is even evidence for a triple bond between N and Si in 
C&H,5NSi formed transiently in the gas phase. 

Finally, we note that Main Group- Transition Element 
multiple bonds are also seen. Not only do we have the long- 
established metal carbenes, L,M—CR;, and carbynes, 
L,MCR, but similar heavy-element compounds are known. 
One example of a growing class is [(CO);Mn],Ge, which 
contains a linear heavy atom skeleton which is formulated as 
Mn = Ge = Mn on the basis of this unexpected geometry, 
and also on the bond shortening. 

Calculations suggest that, while rings involving only single 
bonds, e.g. (RE), or (RE),, are the most stable, both the 
double-bonded species and the monomers, R;E or RE, are 
not substantially less stable, so that steric effects may be 
enough to tip the balance. 

These compounds generally show reactions similar to those 
of classical unsaturated species, particularly addition reac- 
tions across the double bond by H - X or R - X. 


18.7 Commentary on VSEPR 

As Chapter 17shows, the Valence Shell Electron pair Repulsion 
approach is very successful in predicting and rationalizing the 
shapes of molecules, despite its very simple premises. As with 
all successful models, it has been subject to further develop- 
ment and to criticism, and its potential and limits have 
become well-defined. To illustrate its successful application, 
we note that rare gas chemistry, and almost every halogen 
oxyfluoro compound listed in Table 17.21 and Figure 17.55, 
are post-VSEPR and the structures were found to be as 
predicted. In these, and many other cases, the prediction has 
been extremely good, within the limits of the theory. For example, 
VSEPR, does not predict the preferred linkage isomer or the 
degree of polymerization (for example the formation of 
tetrameric XeF, in the solid) but it will predict the structure 
corresponding to each specific formulation. 

Many improvements to VSEPR have been suggested, but 
most would only marginally extend its scope at the price of the 
essential simplicity of the approach. It is becoming clear that 
it is probably best to settle for a straightforward version of 
VSEPR, and leave the finer details of structures to be 


properly treated at a more sophisticated level. 

Indeed, in order to preserve the enormous value of the 
VSEPR approach as a rule-of-thumb prediction, it might 
even be appropriate to reduce the weight placed on the 
rationalizing ideas and reformulate the guideline: The shape of 
a polyatomic species is the one which would result if the shape is governed 
by the repulsion of electron-rich regions of valency electrons: viz., the 
bond pairs, the lone- pairs, and multiple bond, as set out in Tables 4.1, 
4.2 and 4.4. 

This is not simply a quibble; it means that VSEPR may be 
preserved even if quite different explanations appear from 
deeper treatments of the shapes. For example, it is clear that 
simple ideas of steric hindrance would also account for the 
shapes of Table 4.1, as would a model of repulsion (or 
attraction!) by the electron clouds of the ligands. In the 
reading list of Appendix A are references to a number of such 
alternative approaches which the reader should assess. 

It is useful to examine three areas in a little more detail. 


18.7.1 Experimental electron densities 

A major premise of VSEPR is that lone pairs are sterically 
active, that is that they occupy a definite direction in space 
and are not spherically symmetric. As valency electron 
distribution is not measurable by standard structural techni- 
ques, the presence of sterically active lone pairs has had to be 
deduced less directly. For example, the existence of a dipole 
rules out a planar structure for NH; or a linear structure for 
GeF;. The most common evidence is the atom positions from 
diffraction experiments. Where these match VSEPR predic- 
tions, the postulated lone pair position is supported, though 
not proved. 

The recent development of methods of determining the 
density distribution of valence shell electrons (see section 
18.8) has allowed the location of lone pair electron densities. 
The experiments are difficult, so the number of examples is 
small, but the results are basically in accord with VSEPR 
predictions. One case which is particularly striking, because 
the difficulties are enhanced with heavy atoms, is a study of 
Me;TeCl;. VSEPR makes this an АВ,В,І, case where the 
more electronegative Cl atoms should be in the apex positions 
and the two Me groups and the lone pair in the equatorial 
position. Figure 18.19 shows schematic electron density dif- 
ference maps (see section 18.8 for explanation) in the TeMe; 
plane and in the plane through CITeCI bisecting the CTeC 
angle. The position of the lone pair is exactly as expected. 

Such studies thus amount to direct observation of sterically 
active lone pairs, completing the indirect evidence from atom 
positions. 


18.7.2 Limiting cases 

(1) VSEPR is at the limits of its usefulness (i) for 4" 
configurations which are better treated as in Chapter 13, and 
(ii) for more than six electron pairs. In such species, the 
energy difference between alternative possible configurations 
is small, and the predictive power of the theory fades out. For 
example, although IF; is a pentagonal bipyramid, as ex- 
pected, the very small angle of 72? in the equatorial plane is 
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FIGURE 18.19 Representation of the electron density difference distribution in 
Me; TeCl, (a) in the equatorial plane (b) in the axial plane. 


relieved by distortion. While this is expected from the basic 
VSEPR rationalization, the difference between a distorted 
pentagonal bipyramid and, say, a distorted capped octa- 
hedron, is small and almost a matter of semantics only. 

In the particular case of ABL compounds, where VSEPR 
predicts that the structure will be distorted from a regular 
octahedron by the presence of the lone pair, both distorted 
and regular structures are seen (section 17.7.4). In structures 
determined so far, distorted octahedra are scen when Bisa 
highly electronegative ligand like F but less electronegative 
groups like Cl, Br, or I give regular octahedra. A number of 
explanations, including a simple steric one, have been put 
forward. From a simple approach to VSEPR, it is probably 
better to note that this case marks one limit of applicability of 
the system. 

(2) Molecules like (SiH3)4N (Figure 17.22) and related 
compounds with bonds between Si and N or O, violate the 
predictions, The AB4L nitrogen is planar not pyramidal, and 


the AB,L, oxygen is linear, or at least has a much wider angle 
than the VSEPR prediction of ‘less than tetrahedral’. These 
cases were explained by additional pi-bonding (Figure 17.23) 
and the function of the VSEPR prediction is essentially to 
highlight a compound class where an extra effect occurs. 
(3) Some anomalous structures involve fewer than six 
electron pairs, as in the symmetrical sandwich structure found 
for (Ph,C;);Sn, where the lone pair on tin should lead to a 
bent structure. In such cases the explanation is a simple steric 
one. This is part of a more general series of observations that 
very bulky groups, like tert-butyl or (MesSi)4C-, force 
unusual stereochemistries. Similarly, rigid ligands with a 
specific coordination site may force unusual coordinations, 
such as the square planar Si or Ge in their porphyrin 
complexes. The overriding effects of such constraints apply, 
not only to VSEPR, but to other structural approaches. 


18.7.3 AB; dihalides 

Steric effects cannot account for some anomalous AB; 
dihalide structures. Normal VSEPR predictions apply to 
relatively covalent species: the AB; dihalides of Zn, Cd, and 
Hg are linear, and the AB;L dihalides of the carbon Group 
are bent (with angle sequences such as 105°, 101°, and 97? for 
CF, SiF,, and GeF, respectively, paralleling Table 4.3 
changes). However, work on the triatomic MX, species found 
in the gas phase above heated alkaline earth element dihalides 
shows the following pattern of angles (°): 


Be Mg Ca Sr Ba 
MF; linear 158 140 108 100 
мс, linear linear linear 120 ca. 100 
MBr; linear linear linear linear bent 
MI; linear linear linear lincar bent 


These results arise from three different types of experiment: 
(i) detection of polar molecules by electric field deflection 
and mass spectrometry in a high-temperature sample; 
(ii) electron diffraction of gas samples; (iii) infrared study 
of isolated MX, species deposited from a high-temperature 
beam into a krypton matrix at 20K. 

For all these dihalides, VSEPR predicts a linear structure, 
as does a simple electrostatic model X^ M?*X~. Expla- 
nations proposed have usually involved participation of d 
orbitals, which involve less excitation energy for the larger 
atoms. From the general aspect of VSEPR we simply have to 
accept these bent species as anomalous, and it may be that 
other transient, high-temperature, ion multiplets will also 
show unexpected structures (through the dipole method 
shows linear Li * O?~Li*). It may be noted that the alterna- 
tive approach to molecular geometry through Valence Bond 
theory proposed by Smith (see reference, Appendix A) does 
account for these MX; cases, in addition to covering the 
VSEPR-accurate structures. 


18.7.4 The problem of s^ configurations 

In section 4.5, we noted that molecules with bond angles close 
to 90° could be discussed in terms of bonds involving the p 
orbitals, leaving non-bonding electrons in the s orbital. 
Further, the photoelectron spectrum of water suggests that 


368 sELECTED TOPICS IN MAIN GROUP CHEMISTRY AND BONDING 


the most stable molecular orbital is very close in energy to the 
unperturbed oxygen 2s orbital (Figures 4.20 and 21). These 
examples represent the general case where VSEPR states that 
there is at least one sterically active lone pair, and bonding 
theory places an essentially non-bonding electron pair in an s 
orbital which is spherically symmetric. Allied to this, we 
might add the complaint that while there is evidence of one 
sterically active lone pair, there is no real evidence for two. 

Such a problem arises because ideas at different levels of 
sophistication are being mixed. VSEPR is essentially an 
empirical model supported by a relatively low-level ration- 
alization. For example, VSEPR arrives at the AB;L, electron 
count for H,O and deduces an angle less than tetrahedral. 
While the relation with AB,, e.g. for CH4, is taken to imply 
some type of зр? hybrid, that explanation is not intrinsic to 
VSEPR. We сап take VSEPR at a basic level of sophistication 
as predicting an angle less than 1091? for AB,L, without 
requiring any further interpretation along the lines of ‘and the 
two non-bonding pairs are in sf? hybrids’. The shape 
prediction is at one level while bonding theory discussion is at 
another, and the difficulty arises because these two are mixed 
in a way that is not logically required (even if almost 
irresistible for the chemist!) 

A response at the level of bonding theory is to note that the s 
orbital will only be completely independent if this is imposed 
by other constraints (for example, by symmetry). Thus, in the 
water molecule, the (s + s) combination of the H orbitals has 
the same symmetry, in the C,, point group of the molecule (see 
Appendix C), as the oxygen 2s orbital. Thus, some interac- 
tion will occur, even if the energy difference means this will be 
very small, 

In general, there will not be an absolutely unperturbed s? 
configuration, and only minor contribution is needed to 
remove the spherical symmetry. This would allow a reason- 
able description of PH з, for example, as containing a lone pair 
with at least some excess electron density concentrated in the 
direction away from the three P — H bonds. For two lone 
pairs, it is not necessary that they be in equivalent orbitals, 
and it is difficult to see how this could be distinguished by 
experiment. 

It should be emphasized that all the exceptions and 
anomalies discussed in this section amount to only a tiny 
fraction of the number of structures where VSEPR predic- 
tions are fulfilled. 

From a broader viewpoint, it is best to keep the two 
processes, (i) prediction/rationalization of shape by VSEPR, 
and (ii) description of the bonding by VB or MO or other 
approach, quite separate, remembering that the strength of 
VSEPR is in its simple and qualitative approach. Other 

accounts of molecular shape are available, and it may be that 
future developments— based perhaps on greatly increased 
computing power— will supersede VSEPR. At present, it is 
valuable at its own level, and with its now well-defined limits. 


18.8 Bonding in compounds of the heavier Main Group 
elements 
In Chapter 17, and in the earlier discussion in Chapter 4, the 


general picture was developed that the heavier Main Group 
elements differed from the second row, B, C, N, O, and F, by 
(1) not forming pi orbitals from their p orbitals, and (ii) using 
their valence shell, but higher-energy, d orbitals to allow 
expansion of the octet. Although double bonds between the 
heavier elements are found (section 18.8), the pi contribution 
to the bond strength is only about half the sigma contri- 
bution (contrast C, N, and O where the pi contribution is 
equal or larger than the sigma). While there is significant 
shortening, compared with the single bond, in molecules like 
R,Si=SiR, or RP=PR this will reflect not only р pi 
contributions but also contributions from d orbitals and from 
reductions in repulsion energy. Thus, it is still sound to regard 
pi bonding by orbitals as characteristic of the light elements 
only. 

The degree of involvement of the Main Group element 4 
orbitals has been made clearer by substantial theoretical 
investigation over the last two or three decades. Take a 
representative example, PF,H3, where the Е atoms are axial 
and the H atoms equatorial in a trigonal bipyramid. Regard 
the planar PH; unit as bonded by the з, р, and p, orbitals on 
P, leaving the p, orbital pointing towards the two Е atoms. If 
three-centre orbitals are formed with the р, orbitals on each F 
and on P (compare Figure 17.60) then PF;H; would be 
constructed without using d orbitals. However, adding some 
contribution from the @ orbital on P to the non-bonding 
(= bı + 22) combination of Figure 17.60 creates a ( — f, + 0. 
+ p2) orbital which is now bonding in character (and an out- 
of-phase antibonding equivalent). As the originally non- 
bonded ( — p, + p2) orbital was occupied, the effect of adding 
d contribution is to stabilise these electrons and increase the 
total bonding. This does not require the d contribution to be 
as high as the p one. The calculation arrives at a contribution 
ofabout 25% by the use of d orbitals to the overall energy, with 
a d orbital population of around a quarter of an electron. 

A further case where d orbitals have commonly been 
invoked is where it seems that double bonds to O are needed, 
as in FP = О; compare Figures 4.23 and 4.24. A calculation 
оп H3PO suggests that including a d orbital contribution 
shortens the bond length by about 15 pm compared with a 
single P — O bond, but with a d orbital population of only 
about 0.5 electron. As there are two equivalent d orbitals 
available, a more appropriate description is a partial triple 
bond. There is no suggestion of full d orbital participation, 
and the description as a semipolar bond, H4P* — O7 is 
preferred, with the dorbital involved in partial back-donation 
to reduce the charge separation. The semi-polar description is 
the only one appropriate for H4NO. 

Thus, in all Main Group oxygen compounds which are 
formally written with E — O bonds, the better description is 
probably that of semi-polar bonds modified by back- 
donation. This does involve some use of d orbitals, but does 
not amount to full d participation. For МОЗ” and NOF ,, the 
semipolar description is the most useful one, and the bond 
order for N-O is unity. 

In summary, Main Group compounds which cannot be 
accounted for by up to four two-centre two-electron bonds. 
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are probably best described in terms of multicentred bonds 
involving orbitals, and in terms of semi-polar bonds where 
appropriate, rather than by the older descriptions (e.g. spd? 
hybrids) implying d orbital populations of several electrons. 
Addition of some d character, of up to one electron, substanti- 
ally improves the energy, bond length and other parameters. 
None of these approaches seems, at present, to be particularly 
useful for species with coordination numbers greater than six, 
or with AB,L compounds. Overall, the limited contribution 
of d orbital occupation reflects the penalty in activation 
energy required to populate them. 

In a further reorientation of thinking about Main Group 
bonding, the emphasis on substantial hybridization between s 
and p orbitals is seen to be more appropriate for the 2s and 2p 
orbitals than for those of higher quantum number. As the 25 
and 2р orbitals are less extended, and also localized in roughly 
the same region of space, hybridization is more effective. At 
the same time, the shorter distances mean that repulsions 
become more important, and the ability to remove lone pair 
density from bonding directions by hybridization is signifi- 
cant. For the more diffuse Зр orbitals, hybridization with the 
relatively compact 3s orbital is less effective, and the larger 
size means that repulsions are less important: similarly for 


higher quantum numbers. Thus the low bond angles found 
for compounds like PH, or H;Se are the ‘normal’ ones, and 
the larger angles found for NH, or H,O are the exceptional 
ones. 

Finally, we note that relativistic effects (section 16.10) 
increasingly separate the s and f energy levels as the quantum 
number increases, stabilizing 6s especially. Thus the pattern 
of the behaviour of the elements of a Main Group (see section 
17.3) re-emerges, although with different emphases in the 
theoretical explanations 


(i) The first Group member is unique, as 25 — 2p hybridiz- 
ation is significant, repulsion effects are important because of 
the small size, and participation of higher level orbitals in 
bonding is negligible. 

(ii) The remaining elements show the reverse behaviour. 
Participation of the d orbitals with the same principal 
quantum number is substantial, but not as high as implied by 
earlier theories. 

(iii) The heaviest member of the Group has distinct 
behaviour, in significant part because relativistic stabilization 
of the 6s orbital reduces its role in bonding. 


In this final chapter, we review two topics which tie in 
discussions in different parts of the preceding text. The first is 
the study of the distribution of the valency electrons which is 
basic to the whole idea of chemical bonds. In addition, it 
underlies the experimental ionic radii (section 2.15.2), and 
has given evidence for sterically active lone pairs (section 
18.7.1). Current work involves both experimental and 
theoretical contributions. 

The second topic is chosen to reflect the strong current 
interest in experimental fields which span transition metal 
and Main Group chemistries. As we have discussed transition 
metal—sulphur species involving single S atoms (e.g. sections 
14.6.3 and 16.8.4) and also polysulphur rings (section 18.2), 
we have chosen to link these by surveying rings containing 
transition metals and sulphur. 


19.1 Electron density determinations 
The improvement in X-ray and neutron diffraction methods 
since about 1970 has allowed the determination of the 
distribution of the electron density of bonds, lone pairs and 
other features. This has been paralleled by improvements in 
the power and sophistication of molecular orbital calcu- 
lations. Each approach, through experiment, or through 
calculation, is hedged by difficulties, but methods have been 
refined to the point where there is good agreement in key cases 
and the results may be used with some confidence. 
For the experimental approach we note (section 7.4) that 
X-rays are scattered by electrons, and the electron density 
may be calculated from the scattering pattern. The major 
contribution comes from the inner core electrons, which are 
highly concentrated, while the valency electrons give only a 
residual effect which has to be separated from the heavy core 
scattering and other contributions like those arising from 
thermal motion. The normal X-ray structure determination 
refines the atom positions to the centres of electron density, 
and therefore produces positions which are slightly biased by 
the distribution of the bond and lone pair electrons. However, 
accurate atom positions may be measured by neutron 
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scattering, which is a nuclear process, not an electronic onc. 
Alternatively, X-ray scattering at large angles depends only 
on the central core, and this can be used to determine atom 
positions. 

The majority of X-ray experiments, while fully adequate 
for structure determination, are not sufficiently refined for 
electron density determination. Careful work, at low temper- 
atures, and obtaining good high angle data (which is 
intrinsically less accurate), or carried out in parallel with 
neutron diffraction, has allowed electron density determi- 
nation of a good number of molecules. 

In calculations, the valency electron density is the smal! 
difference between the total electron density in the molecule 
and that arising from the promolecule, which is made up of free 
atoms with spherically symmetric electron density placed at 
the positions of the nuclei. Although computing power has 
increased enormously, an accurate electron density calcu- 
lation requires a very good degree of approximation in the 
calculation (indicated by the number and type of basis 
Junctions used to approximate the true wave function. As the 
computing time goes up as the fourth power of the number of 
basis functions, there are clearly limits.) One important 
criterion for good electron density calculations (which need 
not handicap total energy calculations, for example) is that 
the chosen function should be an equally good approximation 
in all regions of the molecule to avoid introducing artefacts. 

However, it is now well understood how to get the best 
results for both experiment and calculation, and each may be 
used as a test of the other. The best function to evaluate is the 
density difference which is found by subtracting, either the free 
atom densities from the observed one to get the deformation 
density, or else the inner shell density to get the valence density. A 
number of ways of creating such density difference maps are 
used (see the references in Appendix A). Such difference maps 
accumulate all the errors in both the total density and the free 
atom or core densities, so only major features are significant. 

When an electron density difference map is plotted for an 
A-B bond, we find a result which may be idealized as in 
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ricure 19.1 The idealized electron density distribution plot for a single bond. 
Dark shading, positive density, light shading, negative density. 

Figure 19.1. A bond takes electron density away from the 
atoms to concentrate it in the bonding region and the plot is 


the difference in electron density between the free atoms and 
the molecule. Thus, a zone of negative electron density 
appears close to the atom positions and a peak of electron 
density appears in the bond region. Minor density differences 
are seen on the remote sides of the atoms. Contours are usually 
plotted at intervals of electron density of 0.05 electrons per 
cubic ángstrom— perhaps 0.01 for more refined results—and 
experimental errors are usually in the range — 0.03-0.05 eÀ^? 
in general regions, but are much higher very close to the 
nucleus. 

‘igure 19.2 shows the electron density difference through a 
Na*CN- pair in a crystal of NaCN.2H;O, measured at 
150K. We see the very high charge density in the CN triple 
bond, the negative contours around N and C showing where 
electrons have been removed, and electron density on the 
remote sides of C and N corresponding to lone pairs. The lone 
pair on C is less tightly bound, and we know the cyanide ion 
always donates through the C when it forms complexes. 
Finally, we note the entirely negative, and almost spherical, 
distribution of electron density around the sodium ion, 
corresponding to the loss of the electron in forming the ion. 
Note that the peak electron density in the triple bond is about 
05e À^?. 

As a second example, Figure 19.3 shows the electron 
density difference around Co, and along one Co-N bond in 
the octahedral d$ complex ion Co(NO;)$  . The plane shown 
passes through two opposite N atoms and bisects the equa- 
torial plane so the remaining four NO; groups are above and 
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FIGURE 19.2 Electron density difference map for a Na-N-C vector in 
NaCN.2H;O. 


below the figure. The two O atoms on the N shown are also 
out of plane. The figure shows the region close to the N where 
there is extra electron density, corresponding to lone pair 
donation, with shift of electron density from the remote side of 
the N. The most interesting feature is that electron density has 
increased along two axes at 45° to the Co—N bond directions, 
and has been removed from the Co-N direction in the region 
near the Co, exactly as expected for electrons moving from the 
е, orbitals into the £5, orbitals. When the plot in three 
dimensions is considered, there are eight zones, one in each 
quadrant (of which Figure 19.3 shows a cross-section of four) 
where there is an increase of electron density as expected for 
the filled б; configuration of Co(IIT). 

A very similar situation was seen, though less clearly, in an 
earlier study on [Co(NH;3)g] [Co(CN),] where both the 
Co(III) complex ions showed a loss of charge density near Co 
along the bond directions and a gain in regions at 45° to these, 
though the maxima were only about 0.3 eÀ -?. It is interesting 
to find that the changes in electron density were approximate 


FIGURE 19.3 A cross-section of the electron density difference 
in the Co(NO,)2~ ion in a plane bisecting opposile edges of 
the Со octahedron 
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FIGURE 19.4 The electron density differences in (a) the cation and (b) the 
anion of (Co(NHs)¢]°* [Co(CN)g]*~ 


ellipsoids which were much more elongated at right angles to 
the bond for Co- CN than for Co- NH;, matching the pi 
back-donation postulated for such ligands. (Figure 19.4). 


19.2 Metal-polysulphur compounds 

Just as sulphur itself forms rings reflecting its preferred bond 
and dihedral angles, so do we find rings containing poly- 
sulphur units bonded to metal atoms. As both the metals and 
the sulphur chain are reasonably flexible in their steric 
demands, a wide variety of compounds is found. 

In compounds containing an S-S unit, a range of coordin- 
ation modes is found. Three-membered rings, describable 
also as sideways bonded S-S, are common and are analogous 
to the peroxides. Other coordination modes include two 
metal atoms linked trans across an S-S unit or in a double- 
sideways mode where each M bonds to each S. 

Rings of varying sizes are formed. There are only a few 
examples of a four-membered ring, illustrated Бу 
(MesCs), TiS; where the ring is bent with the middle S atom 
49° above the STiS plane (Figure 19.5a). Five-membered 
rings are more common, and examples include M(S4)3~ for 
М = Ni, Pd, Zn or Hg where the central MS, configuration is 
tetrahedral, and (C;H);MS, for M* = Moor W. Rings are 
not confined to transition metals, and Sn(S4)3~ has three 
SnS, five-membered rings. These MS, rings are in the half- 
chair form of Figure 19.5b. 

The best-known of all metal-sulphur ring compounds is 
(CsHs),TiSs which is prepared from (C.H;);TiCl, by 
reaction with 11,5, and sulphur. It is used to form other 
sulphur species, as in the syntheses of some of the parent 
polysylphur rings (compare section 17.7). The Zr, Hf, and V 
analogues of the Ti compounds are known, and other 
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FIGURE 19.5 Ring shapes in compounds containing MS, rings (a) four- 
membered ring in (MesCs),TiS, (b) five-membered rings in half-chair form 
(c) the chair form of the six-membered rings (d) seven-membered ring (c) 
eight-membered ring (f) the nine-membered ring of AuSs (g) Au;SE- 


examples of the MS, ring include (NH3);Cr(Ss); and 
Pt(S,)7. These rings have the chair structure 
(Figure 19.5c), which is also found for the parent Sg (compare 
Figure 17.42a). 

Larger rings are found including the 7-membered MS, in 
[M(S,)2]* for M=Zn, Cd, Hg, 8-membered in 
(R3P)5MS; for M = Ru or Os, and also in the Ti,S¢ ring of 
[(C5H;)TiJ}2(S3)2- The MS, ring has the extended chair 
form of S- and Ti(S3)Ti(S3) rings have the crown form of Sg 
(Figures 19.5d and e, compare Figures 17.42b and 17.41a 
respectively). 

In the above rings, the metal atoms remain in tetrahedral 
or octahedral coordination. The preference of Au and Ag for 
linear 2-coordination, is accommodated by the 10-membered 
rings of MS , and AuS§~ , shown in Figures 19.5f and 19.5g. 
The large ring size allows approximately linear sections 
through the M atoms. 

Much more complex polysulphides are known. A relatively 
open structure is found in M,S39 (M = Cu or Ag) in which 
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there are two MS, rings linked by two S4 units joined (rans in 
an overall kinked chain. Similarly, Bi;S34 has two Bi atoms 
linked by a 6-membered chain and each bearing two S; units 
in 8-membered BiS, rings, all crowns. Most polymetal- 
polysulphur species tend to assume more condensed forms. A 
good example is Re,S4,(S4)4^ where the central Re4S, core 
has an S-S-S chain linking each possible pair of Re atoms. 
Clearly, the ultimate end of progressive condensation is the 
formation of the metal sulphide, and it has been suggested 
that the polysulphur metal compounds are involved in the 
mobilization of metals in the geochemical formation of metal 
sulphide minerals. 

The very wide range of M-S species includes the binary 
sulphides, often forming layer lattices, the thioanions which 
are sulphur equivalent of oxyanions, the M-S-M species of 
the types discussed particularly in sections 14.6, 15.4 and 
15.10, and the species containing S—S links discussed above, 
together with many cases of mixtures of the above, as in 
thioanions joined by polysulphur bridges. 


Note to the Reader 


You may wish to consult other sources for a number of 
reasons, and it helps to be clear about your aims. Nothing is 
more confusing and frustrating than turning up an explan- 
ation in great depth or a review in great detail when only 
minor clarification is sought. 

(1) Explanation of points not understood in text or lectures 
is best sought, in the first place, from other sources written at a 
similar level. So often, a different form of words or different 
approach will clarify a problem. It is surprising how often the 
process of consulting source A, then B, then C, then A again 
solves some puzzling point. 

If you suspect there is a lack of basic information, then 
lower-level sources are useful. If often pays to revise a little in 
school textbooks. 

(2) А search for supplementary information, explanations 
in greater depth, or a desire to know where a topic leads are 
best satisfied by first reading one or more of the advanced 
texts, Honours or specialist, (section 1). Follow this by 
consulting the appropriate parts of the multi-volume works 
listed. These will give the desired material or refer in turn to 
specialist sources. 

(3) To find much fuller information on a limited topic (such 
as ‘chromium chemistry’ or ‘metal-metal bonds’ or ‘inorganic 
biochemistry’) the specialist references or reviews should be 
consulted first. A recent review will normally yield more than 


(1) Books 


Textbooks at Honours level 


Advanced Inorganic Chemistry, F. ^. COTTON AND G. WILKINSON, 
Interscience, 5th Edition, 1988. 
This is the most widely-used Honours textbook in inorganic 
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enough information for an essay topic, for example. Suitable 
sources are given in section (2), while many individual 
articles are listed in section (3). 


(4) For complete information on a topic (not usually 
required from an undergraduate), specialized reviews or 
multivolume references (section 1) will provide a terminus. A 
convenient source for updating these is provided by the 
appropriate Specialist Periodical Reports and Annual Report: 
published by the Chemical Society (section 2). For even fuller 
or more recent information the next step is a search through 
Chemical Abstracts or the Citation Index to bring the survey up to 
date. Any science library will provide such sources and 
guidance on their use. Completely up-to-date information 
involves scanning the latest few issues of the major journals. A 
range of computer-search services are available. 

(5) Note also the various detailed compilations of data, 
including those listed in section (3). 

(6) For more detailed guides to the chemical literature see 
Use of the Chemical Literature, R T BOTTLE, Butterworths, 3rd 
Edition, 1979, or Guide to Basic Information Sources in Chemistry, 
A. ANTONY, Wiley, 1980; How to Find Chemical Information: A 
Guide for Practicing Chemists, Teachers and Students, R. E. 
MAIZELL, Wiley, 2nd Edition, 1987. 

(7) As an aid to writing, The Chemists English, m. 
SCHOENFELD, VCH, 2nd Edition, 1986, may be consulted with 
profit and entertainment. 


chemistry. This new edition has recently appeared. It set 
a new style some thirty years ago, and many other books 
follow the same tradition. More recently, books with alterna- 


tive approaches and emphases have appeared. Among titles 
worth consulting are 


Inorganic Chemistry, A G. SHARPE, Longman, 2nd Edition, 1986. 


Principles of Inorganic Chemistry, w. L. уолу, McGraw-Hill, 
International (and revised) Edition, 1985. 


Chemistry of the Elements, N. N. GREENWOOD AND A. EARNSHAW, 
Pergamon Press, 1984. 


Inorganic Chemistry, A Unified Approach, W. W. PORTERFIELD, 
Addison-Wesley, 1984. 


Inorganic Chemistry, Principles of Structure and Reactivity, J. E. 
нин®кү, Harper and Row, 3rd Edition, 1983. 


Inorganic Chemistry, A Modern Introduction, T. MOELLER, Wiley, 
1982. 


The student wishing to undertake a fuller study of 
Inorganic Chemistry, or of a particular field, should consult 
several of the above texts. These will give further references 
which may be followed up in detail. 

^ good library will also contain a number of older 
textbooks which should not be neglected. The experimental 
facts will be unaltered, and it is often easier to grasp a theory 
by following its evolution from an earlier form. It is very 
important to check the date of publication, and to be aware 
that most of modern chemistry has evolved very rapidly over 
the past thirty years. 


Other texts 

There are a number of useful general titles which are less 
wide-ranging than the Honours texts. We also note sources for 
a number of areas which are not covered in detail in this text. 


Basic Inorganic Chemistry, F. A. COTTON, G. WILKINSON, AND P. L. 
caus, John Wiley, 2nd Edition, 1987 


The Periodic Table of the Elements, R. J. PUDDEPHAT AND P. K. 
MONAGHAN, Oxford University Press, 2nd Edition, 1986 


Inorganic » Energetics, W. Е. DASENT, Cambridge University 
Press, 2nd Edition, 1982 


Some Thermodynamic Aspects of Inorganic Chemistry, D. ^. 
JOHNSON, Cambridge University Press, 2nd Edition, 1982 


Though now somewhat dated, a classical text which focuses 
on significant topics is still well worth consulting. 
Modern Aspects of Inorganic Chemistry, Н. J. EMELEUS AND J. S. 
ANDERSON, 4th edition with A. G. SHARPE, Routledge and 
Kegan Paul, 4th Edition, 1973. 


Inorganic Chemistry and the Earth, J. E. FERGUSSON, Pergamon, 
1982. 

A short volume which overviews chemical resources, 
extraction, uses, and environmental effects. 


Safety in the chemical laboratory: 
Hazards in the Chemical Laboratory, ed. L. BRETHERICK, Royal 
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Society of Chemistry, 4th Edition, 1986 


Handbook of Reactive Chemical Hazards, L. BRETHERICK, Butter- 
worths, 2nd Edition, 1979 


General data: 

CRC Handbook of Chemistry and Physics, ed. к. weast, CRC 
Press. Reissued annually (68th edition was 1987-88) with 
intermittent revision: check the actual date of the specific data 
which you use, as this may be much older than the date of the 
edition consulted. 


Technical and industrial: 
To expand on the details given in the text, a good starting 
point for any technical query is 


Kirk-Othmer Concise Encyclopedia of Chemical Technology, eds. M. 
GRAYSON AND D. ECKROTH. John Wiley, 1985. There, is also 
the 26-volume full work, Kirk-Othmer Encyclopedia of Chemical 
Technology, 3rd Edition, Wiley, 1984. see also 


Ullmann's Encyclopedia of Industrial Chemistry, ed. W. GERHARTZ, 
VCH, multi-volume work in current publication. 


Another, often useful, source is the latest edition of any of the 
major encyclopedias. For current information, it is worth 
scanning recent issues of Chemical and Engineering News. A 
useful guide to current world production of inorganic chem- 
icals is given by the annual 'Facts and Figures for the 
Chemical Industry’ published in Chemical and Engineering 
News, usually in June (e.g. the 8 June issue in 1987). 


For more detail, see 


The Modern Inorganic Chemicals Industry, Royal Society of 
Chemistry Special Publication 31, 1977 (reprinted 1986) 


Speciality Inorganic Chemicals, Royal Society of Chemistry 
Special Publication 40, 1981 


Fine Chemicals for the Electronic Industry, ed. P. BAMFIELD, Royal 
Society of Chemistry, Special Publication 60, 1986. 


The Chemistry of the Semiconductor Industry, eds. s. J. MOSS AND A. 
LEDWITH, Blackie, 1987 


Syn-fuels from Boiling Stones, c. J. HUTCHINGS, Chemistry in 
Britain, 1987, 762 (use of zeolites as catalysts). 


Recent Achievements, Trends and Prospects in Homog- 
eneous Catalysis, F. J. WALLER, J. Molecular Catalysis, 1986 
Review Issue, 43-61: see also the preceding article on 
Heterogeneous Catalysis by Metals. 


Ziegler-Natta Catalysis, H. SINN AND W. KAMISKY, Advances in 
Organometallic Chemistry 18, 1980, 99-143 
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Trends and Opportunities for Organometallic Chemistry in 
Industry, G. w. PARSHALL, Organometallics 6, 1987, 687—692. 


Cluster Chemistry Broadens Scope of Organometallic Re- 
search: Commercial Breakthroughs in Catalysis, Ceramics, 
Electronic Materials, у. HAGGIN, Chemical and Engineering News, 
Oct. 5th 1987, 31-44. 


The Importance of Chemistry in the Development of High 
Performance Ceramics, F. ALDINGER AND Н-]. KALZ, Angewand- 
te Chemie, International Edition in English 26, 1987, 371-81: The 
Development of Bioglass Ceramics for Medical Applications, 
W. VOGEL AND W. HOLAND, Angewandte Chemie, International 
Edition in English 26, 1987, 527. 


Biological inorganic chemistry: 

A number of areas of this very wide subject are discussed 
under particular elements in this text, and specific references 
are given later under the chapter headings. For more general 
references see 

Inorganic Chemistry of Biological Processes, M. N HUGHES, Wiley, 
3rd Edition; 1987 


Missing Information in Bio-Inorganic Chemistry, R. J. P. 
WILLIAMS, Coordination Chemistry Reviews, 79 1987, 175—193. 


Synchrotron X-ray Studies of Metal-Based Drugs and Meta- 
bolites, R. С. ELDER AND M. К. EIDNESS, Chemical Reviews, 87 
1987, 1027 


Metallo-enzyme Catalysis, к. у. P. wiLLiAMs, J. Molecular 
Catalysis, 1986, Review issue, 1—27. 


Environmental Chemical Influences on Behaviour and Men- 
tation, р. BRYCE-sMITH, Chemical Society Reviews, 15 1986, 
93—123; see also 8 1979, 63 on environmental lead. 


Inorganic Biochemistry, Chemistry in Britain, 1982, 173—198. 


On First Looking Into Nature's Chemistry, n. J. P. WILLIAMS, 
Chemical Society Reviews, 9 1980, 281—364. 


Organomelallic chemistry: 

Several parts of organometallic chemistry are converted 
briefly in the text, and the survey of organolanthanide 
chemistry in section 16.5 gives a more detailed impression of 
one, small but finite, part of the field. The literature of 
organometallic chemistry matches that of inorganic chemis- 
try in volume. A basic, wide-ranging account is 


Organometallic Compounds, G. Е. СОАТЕЅ, Chapman and Hall: all 
editions are worth consulting. 4th Edition, Volume 1 — The 
Main Group Elements, with B. J. AYLETT AND К. WADE, Part 1, 
1980; Part 2, 1979: Volume 2, The Transition Elements, with 
M. L. H. GREEN AND D. M. P. MINGOS, 1982. 


Comprehensive Organometallic Chemistry, eds. G. WILKINSON, 


F. G. A. STONE, AND E. W. ABEL, Pergamon Press, 1982. (This is 
a multi-volume survey with many co-authors.) 


Trends and Opportunities for Organometallic Chemistry in 
Industry, G. w. PARSHALL, Organometallics, 6 1987, 687—692. 


The Close Ties Between Organometallic Chemistry, Surface 
Science, and the Solid State, R. HOFFMANN, $. D. HOFFMANN, 
5. D. WIJEYESEKEVA AND S.-S. SUNG, Pure and Applied Chemistry, 
58, 1986, 481—94. 


Organometallic Chemistry, Coordination Chemistry, Main 
Group Chemistry, Where are the Frontiers at Present? у. с. 
RIESS, J. Organometallic Chemistry 281, 1985, 1—14. 


Finally, it is worth looking at the following title, for 
aesthetic reasons as well as for its wide range of simply- 
presented ideas. 

Marvels of the Molecule, L. SALEM, illustrated by c. RATTRAY, 
VCH Publishers, 1987. A splendidly illustrated sweep from 
atoms to solids and giant biological molecules. 


Comprehensive surveys and multi-volume works 

While a full and detailed literature search will not normally 
be asked of an undergraduate student, the techniques for 
undertaking such a search are an important part of the 
chemist’s armoury. The multi-volume works listed below 
present a starting-point which should then be brought up to 
date using Chemical Abstracts and the current literature. 


Comprehensive Inorganic Chemistry, eds. J.C. BAILOR, H. J. 
EMELEUS, R. $. NYHOLM AND A. F, TROTMAN-DICKENSON, Per- 
gamon Press, 1974, consists of five volumes made up of essay 
reviews covering all the elements systematically, together 
with a number of broad topics such as organo-transition 
metal chemistry. The literature is scanned to the date of the 
manuscript (note that some terminate as early as 1969) with 
adequate keys to the older literature. 


M.T.P. International Review of Science: Inorganic Chemistry, 
Series 2, General Ed., н. J. EMELEUs (10 volumes edited by 
M. F. Lappert, D. B. Sowerby. V. Gutmann, B. J. Aylett, 
D. W. A. Sharp, M. Mays, K. W. Bagnall, A. G. Maddock, 
M. L. Tobe and L. E. J. Roberts respectively), Butterworths 
1975, contains more concentrated reviews. 

The above two are to some extent complementary. Unfortu- 
nately, both are rather out-of-date and initially-promised 
regular revisions have not yet appeared. A substantial 
proportion of inorganic chemistry is covered in 


Comprehensive Coordination Chemistry, eds. G. WILKINSON, R. D. 
GILLARD AND J. A. McCLEVERTY, Pergamon Press, 1987, (A 
major multi-volume work.) There is also much inorganic 


chemistry in Comprehensive Organometallic Chemistry, cited 
earlier. 


A further multi-volume work with emphasis on prepa- 


rations is starting to appear: 

Inorganic Reactions and Methods, eds. J. j. zuckERMAN, VCH, 
1986 onwards. Volumes 1—13, Formation of Bonds: Volumes 
14—18, Selected Themes. 


The problems of producing a fully comprehensive treatise are 
immense, due to the very rapid modern expansion of 
inorganic chemistry. A major effort to produce an up-to-date 
comprehensive treatise stems from Handbuch der anorganische 
Chemie, L. GMELIN, 1924 onwards. 

First published as a multi-volume work, the Gmelin Institute 
in now pursuing an extensive programme of up-dating by 
supplementary volumes, for example, Tellurium compounds, 8th 
Edition, main series, Supplement Volume B, 1977. This 
handbook now runs to literally hundreds of volumes, is 
expensive, not held by every library, and is mainly in 
German. However, for a comprehensive search it is an 
excellent starting point if the topic is covered by a recent 
volume, so it is well worth consulting your library catalogue 
for it. 


(2) Reviews and Journals 


More specific information may be obtained from reviews, and 
ultimately from papers in the journals. There are now many 
review series published which survey fairly specific areas of 
chemistry, such as organometallic chemistry, fluorine chemis- 
try, transition metal compounds, spectroscopy, and so on. 

Series which cover all of inorganic chemistry are 


Advances in Inorganic and Radiochemistry, ed. Н. J. EMELEUS AND 
A. б. SHARPE, Academic Press, approximately annual, 1959 
onwards: title changed to Advances in Inorganic Chemistry from 
Volume 31, 1987. 


Progress in Inorganic Chemistry, ed. F. A. COTTON, Interscience, 
1959 onwards 

Both these series give accumulated contents lists in the latest 
volume, and every tenth volume in each series has a full 
accumulated index. 


Coordination Chemistry Reviews, ed. A. B. P. LEVER, Elsevier, 1966 
onwards, Covers both Main Group and Transition Metal 
coordination compounds, with some emphasis on methods. 


Also important as initial sources of fuller information are 
Quarterly Reviews of the Chemical Society, 1949-1971, titled 
Chemical Society Reviews, 1972 onwards. The American Chemi- 
cal Society publishes Accounts of Chemical Research, and general 
reviews also appear in the German Chemical Society's 
Angewandte Chemie (see the International Edition, which is in 
English). 

These set out to publish articles on any part of chemistry, 
aimed at the general chemical reader. The student will find a 
number of useful articles, especially in the earlier volumes. 
Chemistry in Britain, Royal Society of Chemistry. 

Chemical and Engineering News, American Chemical Society. 
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These are the regular news-journals of these societies, which 
often include survey articles, particularly on topics of current 
interest, and on industrial activities. Similar informal journals 
are produced by a number of other Societies, e.g. Chemistry in 
Australia, Chemistry in New Zealand, Canadian Chemical News. 
Other sources are Education in Chemistry (Royal Society of 
Chemistry) and Journal of Chemical Education (American 
Chemical Society) 


The ultimate source of chemical information is the journal 
article where working chemists publish the results of their 
investigations, after their papers have been vetted by referees. 
A journal reader is assumed to be knowledgeable in the field, 
and modern publication is under pressure to be concise. 
Students should consult journal articles only after surveying 
the information available in textbooks and reviews. Often, the 
most useful parts of a paper for the student are the introduc- 
tion, setting the background and outlining earlier work, and 
the discussion-conclusion section. Many journals publish 
inorganic chemistry. The two most important English lan- 
guage titles are Inorganic Chemistry (American Chemical 
Society) and Journal of the Chemical Society, Dalton Transactions 
(Royal Society of Chemistry). 


(3) Bibliographies for Particular 
Sections of the Text 


In addition to the appropriate sections of the advanced texts 
listed above, more information about particular themes may 
be gained from the following books and articles. This list is not 
intended to be exhaustive, but is designed to give a lead in to 
published material in each area. More specialized and 
advanced references may be traced through the given titles. 


SI UNITS AND CHAPTER 1 
For a fuller account of units see 


1979 manual of symbols and terminology for physicochemical 
quantities and units, Pure and Applied Chemistry 51, 1979, 1-4. 


A Dictionary of Scientific Units, н. б. JERRARD AND D. B. MONEILL, 
Chapman and Hall, 1986. 


For an example of the range of inorganic chemistry, we quote 
Silicon and Silicones, About Stone-age Tools, Antique Pottery, 
Modern Ceramics, Computers, Space Materials, and How They All 
Got That Way, £. в. RocHOW, Springer-Verlag, 1987. 


ATOMIC PROPERTIES (Chapter 2) 


Principles of Atomic Orbitals, N. N. GREENWOOD, Royal Society 
of Chemistry Monographs for Teachers no. 8, 3rd Edition, 
1980 

See also the references in Chapter 3. 
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Relative atomic masses (atomic weights): Pure and Applied 
Chemistry 58, 1986, 1684—9. 

Revised values appear every two years in this IUPAC 
publication. 


Revised Effective Ionic Radii in Halides and Chalcogenides, 
R. D. SHANNON, Acta Crystallographica A32, 1976, 751—767: o. 
JOHNSON, Inorganic Chemistry 12, 1973, 780. 


Soft-sphere Ionic Radii for Alkali and Halogenide Ions, L. 
PAULING, J. Chem. Soc., Dalton Transactions, 1980, 645 and 
references therein. 


Electronegativities of Elements in Valence States, v. ZHANG, 
Inorganic Chemistry 21, 1982, 3886—9; Application to Strengths 
of Lewis Acids, 3889-93 


The ‘Inert-Pair Effect’ оп  Electronegativity, к.т. 
SANDERSON, Inorganic Chemistry 25, 1986, 1856-8; also 7. 
Amer. Chem. Soc. 105, 1983, 2259-61 and references therein 


An Electronegativity Scale Based upon Geometry Changes 
on Ionisation, Р. Н. BLUSTIN AND W. T. RAYNES, J. Chem. Soc., 
Dalton Proceedings, 1981, 1237 


Bent’s Rule: Energetics, Electronegativity, and the Structures 
of Nonmetal Fluorides, J. E. HUHEEY, Inorganic Chemistry 20, 
1981, 4033—4035. 


MOLECULAR SHAPES AND BONDING (Chapters 3 
and 4) 


The Shape and Structure of Molecules, с. A. COULSON revised by в. 
MCWEENY, 2nd edition, Clarendon, 1982 

Valence, C. ^. couLson, Oxford University Press, 3rd Edition, 
1979, by R. MCWEENY. 

This is a very clear account of atomic and molecular 
structure, ranging over inorganic and organic molecules. The 
general student will find it useful ifhe is willing to ‘read round’ 
the more detailed sections. 


The Chemical Bond, J. N. MURRELL, s. F. A. KETTLE AND J-M. 
TEDDER, Wiley, 2nd Edition, 1985. 


Symmetry and Structure, s. F. ^. KETTLE, Wiley, 1985 


Valency, м. F. O'DWYER, J. E. KENT AND R. D. BROWN, Springer, 
2nd Edition, 1978, reprinted 1986 


The Nature of the Chemical Bond, L. PAULING, Cornell University 
Press (Oxford U.P. in England), 3rd Edition, 1961 

This is Pauling’s classical text on chemical bonding, which 
should be dipped into by every chemist. See also The Chemical 
Bond, Oxford University Press, 1967, in which Pauling gives a 
shortened and updated survey. 


Bond Valences—A Simple Structural Model for Inorganic 
Chemistry, т. р. BROWN, Chemical Society Reviews, 7, 1978, 359 


The electron pair repulsion theory was introduced by N. V. 


Sidgwick and H. M. Powell, Proc. Royal Soc., 176A (1940), 
153, and developed extensively by R. J. Gillespie and R. S 
Nyholm, as in Quarterly Reviews, 11 (1957), 261, 7. Chem. Educ., 
51, 1974, 367 

A full account is given in Molecular Geometry, R. J. GILLESPIE, 
Van Nostrand Reinhold, 1972 

Precise data on molecular structure, in the gaseous and 
condensed states, is to be found in The Chemical Society '« 
Special Publications 11 and 18, Interatomic Distances and 
Supplement. Finally the reader's attention is drawn to the most 
attractive and imaginative impression of molecules to be 
found in The Architecture of Molecules, L. PAULING AND к 
HAYWARD, W. H. Freeman, 1964 


SOLIDS (Chapter 5) 


Structural Inorganic Chemistry, A. F. WELLS, Oxford University 
Press, 5th Edition, 1984 
The standard text for structural inorganic chemistry. 


Molecular and Crystal Structure Models, ^. WALTON, Ellis Hor- 
wood, 1978 


Lattice energies—a detailed treatment of basic work is given 
by T. с. WADDINGTON, Advances in Inorganic and Radiochemistry 1, 
1959, 158. For a more recent discussion, see 

The Calculation of Lattice Energy: Some Problems and Some 
Solutions, н. р. B. JENKINS, Revue de Chimie Minérale 16, 1979 
134-150 


SOLVENTS (Chapter 6) 


Recent Advances in the Concept of Hard and Soft Acids and 
Bases, к. б. PEARSON, 7. Chemical Education 64, 1987, 561—567. 
(Makes this long-standing theory more quantitative). 


An Acidity Scale for Binary Oxides, р. w. smrru, J. Chemical 
Education, 64, 1987, 480-1. 


The Usage of the Terms ‘Equivalent’ and ‘Normal’, 


н. M. N. H. IRVING (T. s. WEST), Pure and Applied Chemistry 50, 
1978, 325. 


Aquo Complexes of Metal Ions, J.P. HUNT AND H.L. 
FRIEDMAN, Progress in Inorganic Chemistry 30, 1983, 359—387 


See Modern Aspects of Inorganic Chemistry, н. J. EMELEUS AND 
А. G. SHARPE, listed above for a general survey of non-aqueous 
solvents. 


Nonaqueous Solution Chemistry, О. POPOVYCH AND В.Р. Т. 
TOMKINS, Wiley, 1981. 


Inorganic Chemistry in Liqud Ammonia, о. NICHOLLS, Elsevier, 
1979.. 


EXPERIMENTAL METHODS (Chapter 7) 


Structural Methods in Inorganic Chemistry, Е. A. V. EBSWORTH, 
D. W. H. RANKIN AND $. CRADOCK, Blackwell, 1987. 


Molecular Structure: Its Study by Crystal Diffraction, у.с. 
sPEAKMAN, Royal Society of Chemistry, Monograph for 
Teachers 30, 1977. 


Handbook of X-ray and Ultraviolet Photoelectron Spectra, Ed о. 
BRIGGS, Heyden, 1978. 


The Partnership of Gas-Phase Core and Valence Photo- 
electron Spectroscopy, W. L. JOLLY, Accounts of Chemical Re- 
search 16, 1983, 370-76. 


GENERAL PROPERTIES OF THE ELEMENTS 
(Chaper 8) 


Nucleogenesis: see 
Nobel Lecture, W. A. FOWLER, Science 226, 1984, 922-35. 


Syathesis of the Elements in the Stars, E. M. BURBRIDGE, G. R. 
BURBRIDGE, W. A. FOWLER, AND F. HOYLE, Review of Modern 
Physics 29, 1957, 547-650. 


For atmospheric and interstellar chemistry see 
Semistable Molecules in the Laboratory and in Space, н. w. 
xnoro, Chemical Society Reviews 11, 1982, 435-491 


Chemistry in the Troposphere, Chemical and Engineering News 
Special Report, Oct. 4, 1982, 39-52. 

The Antarctic Ozone Hole, P. s. ZUNER, Chemical and Engineer- 
ing News, 1987, Aug. 7th 7-13; Nov. 2nd. 22-26. 


Chemistry of the Solar System, Н. E. SUESS, Wiley, 1987. 


Chemistry of the Atmosphere, M. J. MCEWAN AND L. Е. PHILLIPS, 
Edward Arnold, 1975. 


General 


Thermochemistry of Inorganic Fluorine Compounds, A. A. 
wootr, Advances in Organic Chemistry and Radiochemistry 24, 
1981, 1—56. 


Conditions for Stability of Oxidation States Derived from 
Photo-electron Spectra and Inductive Quantum Chemistry, 
C. K. JORGENSEN, Z. anorganische allg. Chemie 540/541, 1986, 
91-105. 

A very broad sweep through the whole of the Periodic Table, 
arranging oxidation states by their Kossel numbers (Kossel 
number is Z minus the ionic charge), and comparing with the 
ionization energy from photoelectron spectra. Article is in 
English. 


Oxidation Potentials, W. M. LATIMER, Prentice-Hall, 2nd Edi- 
tion, 1952 

This is a complete survey of oxidation potential data, and still 
the standard source (though more recent values are available 
for many of the more difficult determinations). 


APPENDIX А 379 


A Graphical Method of Representing the Free Energies of 
Oxidation-Reduction Systems, Е. A. У. EBSWORTH, Educ. 
Chem., 1964, 1, 123 

For properties and extraction of elements: 


Principles of the Extraction of Metals, D. J. G. IVES, ЕТС. 
Monograph 


THE CHEMISTRY OF THE ELEMENTS 
(Chapters 9 to 18) 


In general, further information on the chemistry of the 
elements is most readily found by reference to the general 
textbooks listed above. See especially Comprehensive Inorganic 
Chemistry. 

For 6-, 7- and 8-coordination, see the articles by D. L. KEPERT, 
Progress in Inorganic Chemistry 25, 1979, 41; 24, 1978, 41; 23, 
1977, 1. 

Five-coordinated Structures, R.R. HOLMES, Progress in 
Inorganic Chemistry 32, 1984, 120-235. 


Mechanisms of Inorganic Reactions, D. KATAKIS AND G. GORDON, 
Wiley, 1987. 

Mechanisms of Inorganic and Organometallic Reactions, M. v. 
twicc, Plenum, 1986. 


Inorganic Reaction Mechanisms, n. о. COOKE, Royal Society of 
Chemistry Monographs for Teachers 33, 1979. 

Electron Transfer Between Metal Complexes—a Retrospec- 
tive View (Nobel Prize Lecture), H. TAUBE, Angewandte Chemie, 
International Edition in English 23, 1984, 329-339. 


HYDROGEN (Chapter 9) 


Hydrido Complexes of the Transition Metals, р. s. MOORE 
AND S. D. ROBINSON, Chemical Society Reviews 12, 1983, 415-452 
Very Strong Hydrogen Bonds, J. EMSLEY, Chemical Society 
Reviews 9, 1980, 91—124 


*$ ELEMENTS (Chapter 10) 


The Chemistry of the Liquid Alkali Metals, с. C. ADDISON, Wiley, 
1984. 
Alkali and Alkaline Earth Metal Cryptates, D. PARKER, 
Advances in Inorganic Chemistry and Radiochemistry 27, 1983, 
1-26. 


Electrides, Negatively Charged Metal Ions, and Related 
Phenomena, J. L. DYE, Progress in Inorganic Chemistry 32, 1984, 
327-441 

First Electride Crystal Structure, s. B. DAWES, D. L. WARD, 
R. H. HUANG AND J. L. DYE, J. Amer. Chem. Soc. 108, 1986, 
3534—5. (In the compound Cs(18-crown-6) i.e) 

C. J. Pedersen, J.-M. Lehn, and D. Cram shared the 1987 
Nobel Prize for Chemistry for the discovery and application 
in inorganic and biochemistry of the crown ethers and 
cryptates. Their Nobel lectures should be published in 1988. 
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Preparation and Purification of Actinide Metals, J. c. 
SPIRLET, J. R. PETERSON, AND L. B. ASPREY, Advances in Inorganic 
Chemistry 31, 1987, 1—41. 


The Chemistry of the Actinide Elements, eds. J.J. KATZ, G. T. 
SEABORG AND L. R. MORSS, 2nd Edition, 2 volumes, 1986. 
The Chemistry of Berkelium, Ј. Р. PETERSON AND D.E. 
HOBART, Advances in Inorganic Chemistry and Radiochemistry 28, 
1984, 29-64 


TRANSITION ELEMENTS (Chapters 13, 14 and 15) 


Synthesis of Complex Metal Oxides by Novel Routes, с. м. в. 
RAO AND J. GOPALAKRISHNAN, Accounts of Chemical Research 20, 
1987, 228-235. 


Solid State Structures of the Binary Fluorides of the Tran- 
sition Metals, А. J. EDWARDS, Advances in Inorganic Chemistry and 
Radiochemistry 27, 1983, 83-112. 


Preparations and Reactions of Oxide Fluorides of the Tran- 
sition Metals, the Lanthanides, and the Actinides, J. H. 
HOLLOWAY AND D. LAYCOCK, Advances in Inorganic Chemistry and 
Radiochemistry 28, 1984, 73—100. 


A New Look at Structure and Bonding in Transition Metal 
Complexes, J. к. BURDETT, Advances in Inorganic Chemistry and 
Radiochemistry 21, 1978, 113—146. 


The Chemistry and Spectroscopy of Mixed-Valence Com- 
pounds, R.J. Н. CLARK, Chemical Society Reviews 13, 1984, 
219-244 


Mixed Valence Compounds of d?-d$ Metal Centres, c. 
CREUTZ, Progress in Inorganic Chemistry 30, 1983, 1—73. 


Molybdenum Enzymes, ed. т. serRo, Wiley, 1985. 


Medical Diagnostic Imaging with Complexes of 99" Tc, м. J. 
CLARKE AND L. PODBIELSKI, Coordination Chemistry Review 78, 
1987, 253-330. 


Technetium Chemistry and Technetium Radiopharmaceuti- 
cals, E. DEUTSCH, K. LIBSON, S. JURASSIN, AND L. F. LINDOY, 
Progress in Inorganic Chemistry 31, 1984, 75—139. See also 
Chemical and Engineering News, September 29, 1986, 267. 


Homogeneous Catalysis with Compounds of Rhodium and Iridium, 
к. $. DICKSON, D. Reidel, 1985. 


Chlorotris(triphenylphosphine)rhodium(I): Its Chemical 
and Catalytic Reactions, F. H. JARDINE, Progress in Inorganic 


Chemistry, 28, 1981, 64—202. 


One-Dimensional Inorganic Platinum-Chain Electrical Con- 
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Electron densities 

Electron Density Distributions in Inorganic Compounds, к. 
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GROUP THEORY (Appendix C) 


The best introduction is found in the following Honours and 
postgraduate text; the beginner can gain a feeling for the 
applications by reading the general sections. 


Chemical Applications of Group Theory, F. A. COTTON, Inters- 
cience, 2nd Edition, 1971 


Appendix B 


Some Common Polydentate 
Ligands 


Ligand Formula 
BIDENTATE LIGANDS 


Mode of Coordination 


Through both N atoms giving a five- 
membered ring (Figure 13.132) 


A proton is lost from each COOH 
group and the two O^ atoms co- 
ordinate giving a (5 +n) ring (compare 
Figure 13.17 for n = 0) 


ethylenediamine H;NCH;CH;NH; 

(en) 

dicarboxylic acids (CH,),(COOH), 

(and S analogues) (n = 0, 1, 2 etc) 
acetylacetone CH,;C(OH) = CHCOCH, 
(acac) (in enol form) 


(and other fi-diketones: also as a monodentate ligand in keto form) 


Enol proton lost and coordination is 
through both O atoms (Figures 11.2, 
12.5, 14.12) 


8-quinolinol 
(oxine or 8-hydroxyquinoline) 


e 


Proton lost and coordinates through O 
and N giving five-membered ring 


HO 
(Figure 13.13d) 
biuret H,NCONHCONH, One NH; proton lost and coordinates 
through two outer N atoms to give a 
six-membered ring 
dimethylglyoxime CH4C( - NOH)C( - NOH)CH, One proton lost and coordinates 
(DMG) 


through both N atoms giving five- 
membered ring. Furthersix-membered 
rings formed by hydrogen bonding 
between NOH and ON (Figure 14.31) 


salicylaldehyde 
(salic) 


(Similarly salicylaldimines: C;SH4(OH)(CH = NR) where 
rings. See Figure 13.13e) 


er" 
с-о 
T 


H 


Hydroxyl proton lost and bonds 
through both O atoms giving six- 
membered ring (Figure 10.3) 


R = H, alkyl or OH. Here bonding is through O and N giving six-membered 


2:2’-dipyridyl 
(bipy) 
(Also numerous substituted dipyridyls and analogues) 


тав, 


Through both N atoms giving буе- 
membered ring (Figure 14.7) 
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Ligand Formula 


BIDENTATE LIGANDS 
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Mode of Coordination 


1: 10-phenanthroline 
phenan ( Гу 


dithiols HS(CH,),SH; HSCH;(SH)CH;R; 
o-(CgH,) (SH); 1,2 unsaturated thiols 
kd P and dithioketones R “ТГ R 


| 
HS SH 5 5 


As above 


Loss of one proton and coordination 
through two S atoms generally giving 
four-, five-, or six-membered rings 


diphosphines (diphos) 
and diarsines (diars) 


R;MCH;CH;MR, or Су 


М = Por As 
TRIDENTATE LIGANDS 
diethylenetriamine H4NCH;CH;NHCH;CH;NH; 
(dien) 
2:6-bis(x pyridyl) pyridine а 
(terpyridine ог terpy) N N 


О= Геогр =O 
OH OH 


oxydiacetic acid 


Through two P or two As (or P and 
As) giving five-membered rings 


Through three N atoms to the same 
M ion giving two five-membered rings 
(Figure 13.13c) 


To one metal through three N atoms 
giving two five-membered rings 


Loss of two protons from OH 
and coordination through these two 


O and the central one to give two five- 
membered rings 
triarsines e.g. Me3As(CH;) SAs(Me) (CH5)3AsMe; To one metal atom through three As 


(triars) 
Similar molecules with three As, three P or three (Аз + P) atoms 


atoms giving two six-membered rings 


QUADRIDENTATE LIGANDS 


porphyrins and phthallocyanins See Figure 14.21 


bis(acetylacetone)ethylenediamine 3 = — -NCH;CH;N- TE = m 


(acacen) H M M OH 
(A Schiffs base) x Е Е 


Through four N atoms forming square- 
planar coordination to M 


Two protons lost (from OH) and 
bonds through two O and two N 
atoms to an M ion forming two six- 
membered rings and one five- 
membered ring (compare Figure 13.14 
for a related ligand) 


triethylenetetramine HNCH;CH;NHCH;CH;NHCH;CH;NH; 
triaminotriethylamine N(CH;CH;NR;); where R=H or alkyl 
(tren) 


Also similar tetrarsines and tetraphosphines where N is replaced by As or P 


Through four N atoms forming four 
five-membered rings around a metal 
atom 


tris (o-diphenylarsinophenyl)arsine jo 
(QAS) As 
Also the phosphine where the de А 


central As is replaced by P 


Through four N atoms as above 


Through four As atoms giving four 
five-membered rings. The geometric 
requirements of the ligand give it a 
pyramidal coordination 
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Ligand 


BIDENTATE LIGANDS 


Formula 


Mode of Coordination 


QUINQUEDENTATE LIGANDS 


tetraethylenepentamine 
(tetren) 


H,NCH,CH,NHCH,CH,NHCH,CH,NHCH,CH,NH, 


The Schiff's Base 


= -NCH;CH;NHCH;CH;N = CH 
| 


он 


SEXADENTATE LIGANDS 


ethylenediaminetetraacetic acid 
(EDTA) 


pentaethylenehexamine 


(HO,CCH,),NCH,CH,N(CH,CO,H), 


HO 


To one metal through all five N atoms 


Loses two protons and bonds through: 
three N and two O atoms. (Compare 
Figure 13.14 for the corresponding 
tetradentate ligand) 


Loses four H* and bonds through four 
O and two N atoms to give six five 
membered rings. (Figure 10.4) 


H,NCH,CH,(NHCH,CH,),CH,CH,NH 


Schiff's Bases e.g. 


To one metal through all six N atoms 


CH - NCH;CH;SCH;CH;SCH;CH;N = CH 


| 
он 


HO 


Loses two protons and bonds to onc 
metal through two O, two S and two 
N atoms giving five rings 


Also the corresponding compounds with NH in place of S, or with pyridine in place of the — C; H4 — OH ring. (Compare Figure 13.14 for 


a tetradentate analogue) 


An Octadentate Ligand ? 
diethylenetriaminepentaacetic 
acid 

(Compare EDTA) 


HOOCCH у. 
HOOCCH;— 
HOOCCH;... 
HOOCCH;- 


NCH;CH, 
NCH,COOH 
NCH, CH, 


Bonding unknown but it is potentially 
eight coordinating through 5O and 
3N atoms and it gives a 1:1 zirconium 
compound 


Appendix C 


Molecular Symmetry and 
Point Groups 


Ihe symmetry of a molecule or ion is a property of funda- 
mental importance in more advanced study of its properties. 
For example, the choice of atomic orbitals which may be 
combined into molecular sigma or pi orbitals is restricted by 
symmetry considerations. Thus, the basic reason why the 
combinations indicated in Figure 3.12 are not allowed is that 
ihe two orbitals in each pair belong to different symmetry 
classes in a diatomic molecule. Similarly, the number and 
type of transitions expected in the electronic or vibrational 
spectra of a molecule depend fundamentally on the mole- 
cular symmetry. For example, in section 7.5, the predictions 
of the number of fundamentals in the infrared and Raman 
spectra which are indicated there are derived solely from 
the consideration of the molecular symmetry. 

While it is not our purpose, in an introductory text, to 
discuss these topics it is useful for the student to be able to 
determine the symmetry of a molecule at an early stage. 
This may be done quite simply, as explained below, and can 
conveniently be tackled in conjunction with the determina- 
tion of molecular shapes discussed in Chapter 4. Familiarity 
with the nomenclature of symmetry, and the ability to 
determine the formal symmetry of a molecule, are the 
necessary first steps to a fuller understanding of bonding and 
spectroscopy. 

There are two steps in the process: first we define sym- 
metry elements and symmetry operations and then the sum 
of the symmetry elements is used to determine the point 
group to which the molecule belongs. 


Symmetry elements and symmetry operations 

A symmetry operation is some transformation of the molecule, 
such as a rotation or a reflection, which leaves the molecule 
in a configuration in space which is indistinguishable from 
its initial configuration. A symmetry element is that point, line, 
or plane in the molecule about which the symmetry operation 
takes place. The number of symmetry elements and opera- 
tions which apply to single, real molecules is quite small and 
these are detailed in Table C.l. (When dealing with a 
crystal, with extended repeated units, extra symmetry 
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operations become possible which transform one molecule 
into the neighbouring position which, in an infinitely ex- 
tended lattice, also gives rise to an indistinguishable con- 
figuration. We shall not discuss such elements here.) 

These operations will be more readily understood from a 
few examples. It is very much easier to follow the description 
using a molecular model and it would be well worth the 
reader’s while to make models and carry out the symmetry 
operations described. 

Consider first the ammonia molecule which is pyramidal 
in shape, Figure C.l. There is а three-fold axis passing 


FIGURE C.1 Symmetry elements of NH 

Ammonia belongs to the Су, point group. The Су axis passes 
through N and the midpoint of the triangle defined by the three Н 
atoms. There are three vertical planes, ¢,, each containing Сз and 
опе N—H bond and bisecting the opposite HNH angle. 


through the nitrogen atom and perpendicular to the plane 
containing the three hydrogens. Rotation about this axis by 
360°/3 = 120° leaves the N unchanged and moves each H 
into the position of the next. The resulting configuration is 
indistinguishable (though different) from the original one. 
The molecule may also be rotated twice about this axis by 
120° to produce another indistinguishable configuration, but 
if the molecule is rotated three times successively by 120° it 
is returned to the original configuration. This symmetry 
element is labelled C}, and the operations are distinguished 
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TABLE C.l. Symmetry elements and symmetry operations 


Element Symbol Operation 
identity E Leaves each particle in its original position 
n-fold axis (proper axis) C, Rotation about the axis by 360°/n, or by some multiple of this. Only n = 1,2,3,4,5,6 
and oo need be considered for real molecules. 
plane с Reflection in the plane 
centre i Inversion through the centre 
n-fold alternating Sa Rotation by 360°/n (or by a multiple) followed by reflection in a plane perpendicular 


axis (improper axis) to the axis. 


as Су, C$, and С}. As the last produces the original con- 
figuration, we may write 


С{ = E 


Similarly, C$ = C4, C$ = C3 and so on. 

In the NH, molecule, there are also three planes of sym- 
metry. Each one contains the N atom and one H, and bisects 
the angle between the other two H atoms. Reflection in this 
plane leaves the N and contained H unaltered, and exchanges 
the other two H atoms. Clearly, if this reflection operation is 
repeated, the original configuration is restored. That is, 
в? = E. 

The symmetry elements of the ammonia molecule are thus 
E, Су, and the three planes. It is the convention to align the 
molecule so that the axis of symmetry is vertical. Then a 
symmetry plane which contains this axis is a vertical plane, 
symbol o,, while a plane perpendicular to the axis is a 
horizontal plane with the symbol оу. Thus the symmetry 
planes in ammonia are vertical planes. 

If more than one symmetry axis is present, the one of 
highest order (highest value of n) is termed the principal axis, 


Су, Ss 


с, 


FIGURE C.2 Symmetry elements of ВЕ» 

Boron trifluoride belongs to the point group D. This has the ele- 
ments, Сз (through B perpendicular to the plane of the molecule) 
and three c, (containing one B—F bond and bisecting the opposite 
angle) similar to those in С», (Figure C.1) together with a hori- 
zontal plane of symmetry, c, (which is the plane of the molecule), 
an $3 axis coincident with C3, and three С, axes, one along each 
B—F bond. Only one of the three vertical planes and one of the 
two-fold axes is shown. 


and this is the one which is placed vertically. There arc a 
few cases where a molecule has improper axes but no prope: 
axis, and then the alternating axis of highest order is chosen 
as the principal axis. 

As a further example, consider BF, which is planar, 
Figure C.2. This molecule has the C, axis through the B 
atom, and the three vertical planes, each containing one 
BF bond, which correspond to the symmetry elements found 
in NH}. In addition, there are three C, axes, one along each 
B—F bond. A rotation of 360°/2 about such an axis leaves 
the contained F and B unchanged, and interchanges the 
other two F atoms. Furthermore, the plane of the molecule 
is a symmetry plane as reflection in it leaves all the atoms 
unchanged. By the definitions above, the principal axis is the 
C; axis, as this is the axis of highest order. Thus the plane of 
the molecule is a horizontal plane, gp, while the planes 
through the BF bonds are vertical planes. Further, as there 
is a C, axis and a horizontal plane of symmetry, there is 
necessarily an $3 axis coincident with the C; one. Thus, the 
symmetry elements of BF, are E, Сз, 3C;, Op, 30,, and Уз. 

A centre of symmetry (or an inversion centre) is a point 
in a molecule such that if an atom is moved from its position, 
through the centre of inversion for an equal distance in the 
same direction, it lands in the position of an identical atom. 
For example, the centre of an octahedron or ofa trans-MA 2B4 
species is a centre of symmetry. There is also a centre at the 
mid-point of the C — C bond in ethane in the staggered con- 
figuration. On the other hand, there is no inversion centre in 
à tetrahedron, or in ethane in the eclipsed configuration. 

While an alternating axis is necessarily present when both 
à proper axis and a horizontal plane are present, as in the 
case of the S} axis in ВЕ,, the alternating axis is an inde- 
pendent symmetry element and it may be present when 
neither the proper axis nor the plane exist as symmetry 
elements. An example is provided by ethane in the staggered 
configuration. If the C—C bond is taken as an axis, rotation 
by 60° followed by reflection in a plane perpendicular to 
the C—C bond and containing its mid-point will exchange 
the two carbons and the hydrogens. Thus there is an Se axis 
along the C—C bond while the highest order proper axis is 
only C3 along this bond. There is no horizontal plane of 
symmetry in staggered ethane. It may be noted that a centre 
of inversion, i, is equivalent to an $5 axis. 


Point Groups 

The complete list of symmetry operations which may be 
performed on a molecule serves to define the point group to 
which the molecule belongs. Conversely, knowing the point 
group is equivalent to knowing all the symmetry operations. 
Thus the fact that ammonia may be subjected to the opera- 
tions E, Cy, С? and three different c, reflections determines 
that NH, belongs to the Сз, point group. 

The point groups are named by symbols, which are re- 
lated to those for the symmetry elements, and are usually dis- 
tinguished in print by the use of bold type. The point groups 
which span molecules are the following: 

(a) С, to which belong molecules with only a proper axis of 
symmetry C,. 

Note that С, contains only E = Сү, and is the point 
group in which molecules with no symmetry at all are 
placed. 

(b; Cay to which belong molecules with a C, axis and n 
vertical planes only (note that if there is one plane, there 
must be n as the n-fold rotation about the axis transforms one 
planc into the next). 

c) €, to which belong molecules with only a C, axis, а 


TABLE C.2. Some common point groups 


Diagnostic Other 


Point group elements elements 
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horizontal plane, cą, and the resulting 5, axis. Note that 
C, = C,, is more commonly labelled C,- 

(d) D, is the point group to which belong molecules con- 
taining only one C, axis together with л C; axes (note that 
again, if there is one C; axis there must be л of them). 

(e) D,4 covers molecules with one C, and п C; axes, together 
with п vertical planes, and the $5, axis which these imply. 
Note that the subscript is d (for dihedral) and not v. 

(Г) Daa to which belong molecules with C, and п C; axes, 
together with a horizontal plane. These elements imply the 
presence of an $, axis and n vertical planes. 

In chemical structures, axes of higher order than six arc 
extremely rare, thus the point groups specified under (a) to 
(f) have m = 1, 2, 3, 4, 5 and 6, apart from linear molecules 
where m is infinity. 

(g) Sa A few cases exist where molecules have no planes of 
symmetry and the highest order axis is $,, together with the 

Ca which this implies. Only even values of n are found. 

S, is the group with one S, axis, which is equivalent to i, 

and this group is usually labelled С. 

(h) Ty, Oy, I, are respectively the labels for groups with full 

tetrahedral, octahedral, or icosahedral symmetry. These have 


Examples 


Č 


C, E only 

C, E, с only 

C, Е, i only 

с, E, C; only 

Ca, E, С,, 20, 

Cz, Е, Сз, 36, 

Cy, E, C4, 40, С = Cy 
C; E, C3, 0, i 

Cy, E, C3, On 

р, E, C5, 2C; 

Dra E, C5, 2C5, 20, S4 

Dza E, Сз, 3С›, За, i, S6 

Daa E, C4, 4C5, 40, C; = G2vSg 
Ds, E, Cs, 5C2, 56, i, Sio 

Dan E Ga 260% i, 20, 

Dan E, C3, 3C3, On 53, 3с, 

Dan E, Cy 4C;5, Oh i, Sa, C2, 4с, 
Ds, E, Cs, 5C;, On $$, 5с, 

Den E, Cs, 6C2, On i Se; S3, Сз, Ca, бо, 
T, Е, 4C3, 3C5, 384, and бо, 

oO, E, 3C,, 4C;, 6C;. i 354, 485, Зо, бо, 


А Е, 6С,, 10C3, 15С›, i, 1055, 65,9, 156 


SiHCIBrI 

SiH;CIBr 

trans-H CIBrSiSiBrCIH 
Н,О, (non-planar) 
Н,О, SiH,Cl, 

NH;, SiHCl,; 

BrF 5, ЅЕ;СІ 
trans-C,H Cl; Br; 


B(OH), in form 


Н,С=С= CH; 

С,Н,, Si;Cl, (staggered) 

Sg (puckered ring) 

(C5H );Fe (staggered) 

B, Clq, trans-A,B,C,M 

BF, РЕ; 

PtCI2 7, trans-A;B4M 

C,H;, (CsHs)2Ru (eclipsed) 


6*^6 
SiH,, GeCl,, TiCl, 
SFe, Мв, PF; 
B,,H2; , Bj; (Figure 17.74) 
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large numbers of symmetry elements, listed in Table C.2, and 
it is impossible not to recognize them. There are a few related 
groups, such as T which has the axes but not the planes of a 
full tetrahedron, but these are very rarely encountered. 

In the discussion which follows, the groups S4, Sg, Sg from 
(g) and T, T, and O which are related to those in (h) are 
omitted as they are seldom represented by real molecules in 
their most stable configurations. 

Although the more symmetric groups are defined by quite 
large numbers of symmetry operations, the fact that the 
presence of the element automatically implies the presence 
of all the operations of that element (including those giving 
rise to related elements such as Cj = C;) means that the 
point group may be decided by considering the symmetry 
elements. Furthermore, as the presence of certain elements 
implies the presence of others (as the C4 and c, in BF, 
implied the $3), the point group to which a molecule belongs 
may be diagnosed by looking for a small number of elements 
in a particular order. ЇЇ the diagnostic elements are present, 
then the other symmetry elements, and all the corresponding 
symmetry operations, are necessarily present. 

It then becomes a simple matter to determine the point 
group to which a molecule belongs by looking for symmetry 
elements in a fixed order. This order is: 

(1) Find the principal axis. 

(2) Look for n C; axes perpendicular to the principal axis. 
(3) Look for horizontal planes. 

(4) Look for vertical planes. 

(5) If none of the above are present, check for a centre of 
inversion. 

It is important that the search is always carried out in this 
order or higher symmetry groups may be missed because too 
much weight is put on minor elements. Notice, for example, 
that D, groups have vertical as well as horizontal planes of 
symmetry so that, if vertical planes are looked for before the 
horizontal plane is excluded, D,, might be mistakenly 
assigned as D,a- 


The process of diagnosing the point group may then be set 
out as follows: 
(A) A molecule of high 
symmetry? 


Assign as Ty (tetrahedron), 
O, (octahedron) or I, 
(icosahedron) after checking 
that all the requisite 
symmetry elements are 
present from Table C.2. 

If present, go to (C). If 
absent assign as C, (plane 
only), C, (centre of inver- 
sion, i = $›, only) or C, 
(no element). 

If present, go to (F): if 
none, go to (D). 


(B) Find the axis of highest 
order, C, 


(C) Look for n C; axes 
perpendicular to the 
principal axis 

(D) Look for horizontal 
plane 


If present, assign as Can, if 
absent, go to (E). 


If present, assign as C,, : if 
no planes then assign as С,. 


(E) If no horizontal plane, 
look for n vertical 
planes. 

(F) If C, and n C; axes are 
present, look for 

(i) a horizontal plane Assign as Dy. 


(ii) if no horizontal Assign as Dna- 
plane, look for n 
vertical planes 

(iii) If no planes atall Assign as D,. 


A network form of this search is shown in Figure C.3, and 


Assign as 

Tg (tetrahedron) 
or Oy (octahedron) 
or I, (icosahedron) 


Is the molecule 
a tetrahedron, octahedron 


or icosahedron? 


Has ita 
centre of 
symmetry, i? 


Has it n C? axes perpen- 
dicular to C, ? 


FIGURE C.3 Diagnostic network for point groups 


Table C.2 lists all the symmetry elements of the chemically 
important point groups. It will be seen that while the simpler 
groups contain only the diagnostic elements, the more sym- 
metric groups have a considerable number of consequent 
elements. 

A linear molecule fits naturally into the above scheme 
once it is realized that the molecular axis is an infinity-fold 
one, because any rotation of the molecule about this axis— 
however small—produces an indistinguishable configuration. 
Thus the principal axis is С„ and a molecule like №, or СО, 
has an infinite number of C; axes, perpendicular to the 
principal axis, passing through the centre of the molecule 
(mid-point of № —N or through the C in O—C—O). Thus 
the point group is of the D type and, as there is a symmetry 
plane, c, through the midpoint and perpendicular to the 


molecule axis, these molecules belong to the Den group. 
Similar analysis shows that non-symmetric linear molecules 
like NO or N,O (arranged N — N — O) are members of the 
Cav group. 

For further use of the point group, it is necessary to refer 
to its character table which is effectively a summary of all the 
symmetry properties implied by the point group. For use of 
the character tables, the reader should refer to one of the 
more advanced treatments indicated in the references in 
Appendix A. However, for convenience of reference, 
we append the characters tables of those point groups which 
occur most commonly, Table C.3. 

From the list, it may be seen that the character table is 
divided into sections. The symbol for the point group comes 
first, end then there is listed along the top row all the sym- 
metry operations of the group. The main body of the table 
shows all the possible ways in which a function might trans- 
form under the operations of the group. Here, if the operation 
transforms the function into itself we find a 1, if the function 
is reversed we find — 1, while if the function is mixed with 
others we find some other symbol. For example, think of the 
p orbitals on N in ammonia (that is, the unperturbed atomic 
orbitals before any combination or hybridization is carried 
out). Ammonia belongs to the point group Сз, and the p, 
orbital will be taken to coincide with the C; axis. It can be 
seen that if the operation C3, rotation by 120° about the z axis, 


TABLE С.З. Character tables for common point groups 


all functions 


Teta £^, y*, £^, xy 


Ту, Ry, R, yz, х2 


R,, Ry, R, BI, 23,29, 369€ 


TU d. 


с, Е © 

LH ae ee ы 
A | d Bee x, y?, 27, ху 

B | -1 2,7 BR, see 
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is carried out the f, orbital is unaltered. Similarly the opera- 
tions E or reflection in any of the c, planes leaves the p. 
orbital unaltered. Thus we would write for p, 


E. Ĝi 3e, 
lh. 1 1 


corresponding to the row labelled A,. On the other hand, 
rotation of the р, orbital about the C; axis (i.e. the 2 axis) by 
120° would bring it to a position which must be expressed 
as a combination of the pẹ and p, orbitals, — f, cos 60 p, 
sin 60. Similarly, C, operating on p, mixes it with px. Thus 
the p, and p, orbitals are degenerate in the Су, point group 
and show the characters indicated in the table opposite E 
in the left-hand column. In general, the left-hand column in 
the character tabie gives symbols which summarize the 
symmetry properties of the different possible classes of 
functions in that point group. The exact nomenclature need 
not concern us, but note that non-degenerate classes are 
labelled A or B, doubly degenerate ones E and triply 
degenerate ones T (or F in the older nomenclature). The 
final two columns give functions which transform as the 
various classes. In the fourth column are vectors in the x, y 
or z directions (such as a р orbital or a translation along one 
axis) and rotations around each axis. In the last column are 
the second order products, such as the d orbitals. 
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C,, 


3e, 


x+y’, 2? 


z 


Т, 
R. 


(x? —y?^, xy) (xz, yz) 


(Tx, Ty) (Rx, Ry) 


26, 


N 
b: > N 
м 
“Rear 
uS 
а 
557 
тау 
E 

" 
E Ыы 


о 


C 


x 


За, 


284 


op 


> 
ы” #2 
an ч — 
"PARE! 
2 + 
^ А 
ER at 
E x 
"E Ы 
as BS 
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Da E 2С, C; 2€; 2C; Ц 25, Or 20, 20, 
Ai І l | І І І 1 І І x +у?, 2? 
Arg 1 1 1 -1 -l 1 1 1 -1 -l R 
Bi, į c 1 йө € І =l 1 1. -1 P x-y? 
Bi, 1 -l 1 -1 1 1 -1 1 -1 1 xy 
E, 2 0 —2 0 0 2 0 -2 0 0 (R,, Ry) (xz, yz) 
A. І І І І | = ШШК 1. -i 
А, 1 1 1 -1 -1 -1 -1 -l 1 1 Т» 
By, i =] І EMAIL, a LL І 
Bo, WEE г Ww rc po x po =] 
E, 2 -2 0 — 0 2 0 0 ^s NE d 
Dia E CN. 33 МО ОО, 25, 283 5e, 
1 1 1 1 1 1 1 1 1 à xy 2? 
A5 1 1 1 = 1 1 b 51 В, 
Ei 2 2 cos 2 cos 2 2 cos 2 cos 0 UIS 
72° 144° yar 144° 
E; 2 2co 2cos 0 2 2co 2cos 0 (x? —y?, xy) 
144° 72° 144° 709 
А, 1 1 1 1 —1 —1 —1 —1 
4; l 1 1 А" ТЬ =] 1 T 
E; 2 2 cos 2cos 0 -2 —2 cos —2cos 0 (Rx, Ry) (xz, yz) 
72" 144* 72" 144° 
E; 2 2 cos 2 cos 0 —2 —2cos —2соз 0 
144° 725 144° 729 


D, E 96, 90, @ ЗО. ЗО ел 28; 2%1—-о, 35-30, 

_ ж. чч te ы ЖЫ rr nu ee Oe tpm LB cR 
Aig І 1 1 1 1 1 1 1 1 1 І І х2 +02, 2? 
A29 1 1 1 == b=! 1 1 1 1 =I- =l R, 

Big 1 -1 1 -1 ] -1 1 =l 1 -1 1 -1 

Bzg 1 -1 1 -1 - 1 1 -1 1 -1 -l 1 

Eig 2 ] -1- -2 0 0 2 1 -1 -2 0 0 (Ry, Ry) (xz yz) 
Ezg Е eer 2 0 9.1] 2 0 0 (x? — y?, xy) 
Ay 1 1 1 1 П emer LII 

Азу 1 1 1 l = јал и сойм] 1 1 T. 

By 1 -1 1 -l 1 =<) =1 1 -1 1 -l 1 

Bj, 1 -l 1 -1 -1 1 -=l 1 -1 1 1 -1 

Eiu 2 ] -1 -2 0 0 -2 =] 1 2 0 Oem (Т Т) 

Ej, 2 -1 -l 2 0 0 -2 1 1 =? 0 0 


D, E 25, б 2€, 264 

noo UU CS o eee pt ig АНЕ 
А; І 1 1 1 1 247,27 

A, 1 1 1 >} - R, 

B, y wd 1 1 - а 

В, 1 -1 1 -1 1 z xy 

E 2 —2 0 (x, 7) (xz, уг) 
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Рза Е 964; BE; 3 2$, 304 
Aig І І l 1 І 1 249,20 
Аз 1 1 -1 1 1 -1 R 
E, па 2 0 у = (R,, R,) (x7 97, ху) 
(xz, yz) 

Ам 1 1 1 -1 -l -1 
Ал, 1 1 -1 = =] 1 z 

a 2 -1 -2 1 (x, у) 
T, E  80.. 80; © 65 ! 
A 1 1 1 1 1 +y +? 
A, l 1 1 -1 -1 
E 2 -1 2 0 0 (222 — x? — y?, 

x? — у?) 

T 3 0 -1 1 -1 — (R, R, Р.) 
T; 3 0 = =l 1 (Ts T5. Т] (ху, х2, yz) 
O, E 8C, 6С, 6C, 3С, (= С) i 65, BS, 30, бо, 
Ais 1 1 1 1 1 1 1 1 1 l E e 2? 

S 1 1 -1 =l 1 1 -=l 1 -l 

ч 2-1 0 2 2 - 0 (22? —x? —y?, 

x? = у?) 
Т 3 0 -l l -1 3 1 0 -1 -1 (RR, 
R;) 

1% 3 0 1 -1 -l1 3 -1 0 -1 1 (xz, yz, xy) 
Aia l 1 1 1 1 1р р р es | 
Ads l 1 -1 -i 1 -1 I =l -li І 
Е, 2 -l 0 0 2 -2 0 l9 0 

T. 3 0 -1 І -1 -3 -I 0 І I OTT 

:) 
Ту 3 0 1 -i -1 -3 l 0 1 -1 


AB solids, coordination їп 70, 72 
AB; solids, coordination їп 72 
AB, molecules, configurations of 51 
AB,X, molecules, configurations of 52 
absorbance 114 
absorption spectra 

for Hy 11 

for transition metals 191, 209 
abundance, elements of 

in Earth's crust 134 

in Universe 132 
acceptor acids in ВгЕз 106 
acceptor behaviour 299, 305 
acetamide, solvent properties of 103 
acetate 

basic beryllium 164 

chromium 225 

copper 237 

molybdenum 254 

tungsten 254 
acetic acid 

association of 153 

solvent properties of 104 
acetylides of s elements 160 
acid-base pairs 92 
acidity of non-aqueous solvents 101 
acids 92-4, 100, 101 

hard and soft 200, 261 

Lewis 100-1 

Lowry-Bronsted 92-3, 100 

in non-aqueous solvents 100 

oxy- 93, 324, 336, 340, 346 

pX values of 93 

protonic concept of 92 

solvent system definition of 93, 100 

strengths of from catalytic properties 93 

in water 92 
actinide contraction 176 
actinide elements 173 

free energy changes of in redox 

reactions 176 

halides of 181, 182 

oxides of 181, 182 

VII state іп 181 
actinides, heavier, redox potentials of 182 
actinium 166 

discovery of 2 
actinolite 85 

active metals, discovery of 2 
Ag(CN) 2, shape of 54 


AgO 266 

АҚВНа)з 151 
Ab(CHs)s 151 

AlBrg 306 

АһОз 304 

AlOs, structure of 74 
alcohols from alkenes 234 
AIH3 151 

AIH3.2NMe3 148 

AIHj and AIHe 143 
alkali halides, lattice energies of 76, 78 
alkali metals 157 


borohydride structures of 83, 143 
graphite compounds of 311 

heats of hydration of halides of 91 
hydroxide structures of 84 

solutions of in ammonia 102 
structures of halides of 71 

lattice energies of chalcogenides of 76 


alkaline earth metals 157 


acetylides of 84, 311 
halide structures of 73 


allotropy 


in arsenic and antimony 319 
in phosphorus 319 
in sulphur Group elements 329 


allowed transitions 114 
Allred and Rochow electronegativity values 31 
AIM(SO4)2.12H20 306 
alpha particle bombardment in actinide element 


synthesis 173 


alumina fibres 303 


in electric cells 303 


aluminium 301 


discovery of 2 

hydride of 151 

ionization potentials of 27 
phosphates of in catalysis 303, 310 
resemblance of to beryllium 165 
species of in solution 304 
aluminohydrides 143, 148, 151 


alums 224, 306 
americium 


132, 173, 180-1 
discovery of 2 


amine complexes, formation constants of 202 
ammonia complexes 


with cobalt 233 
formation constants of 202 
with osmium 261 
with ruthenium 261 
395 


ammonia 
shape of 52, 145 
solution of alkali metals іп 159 
solution of lanthanides їп 170 
solutions of with bismuth 363 
solvent properties of 99, 102 - 104 
ammonium salts, structures of 84 
amphiboles 85 
amphoteric behaviour 


in non-aqueous solvents 100, 102, 105, 106 


in zinc 270 
analysis of an unknown compound 37 
anion 
formation of in aqueous solution 97 
polarizability of 77 
radii of 29, 70 
sodium 161 
antibonding orbitals 
in d element compounds 194 
T. 42 
o 39 
antifluorite structure 88 
antimony 318 
discovery of 2 
apatite 319 
aqueous solutions 90 
acid-base behaviour of 92 
dielectric constant of 91 
dipole effect in 91 
oxidation potentials of 94-6 
argon 345 
aromatic compounds of transition elements 
arsenic 318 
discovery of 2 
arsenite oxidation by permanganate 33 
AsS, 326 
AsCls, bond angles in 52 
AsHs, bond angles іп 52 
astatine 338 
discovery of 2 
atom 
covalent radii of 28 
properties of 26 
atomic fission, separation of products of by 
solvent extraction 111 
atomic hydrogen 140 
atomic mass 8 
atomic number 8, 123 
atomic orbitals 12, 13, 39, 57, 123 
and molecular shapes 58 


279 


396 


energy levels of 124 
hybridization of 58 
and Periodic position 128 
atomic radii 
in covalent molecules 28 
in ionic compounds 29 
atomization, heat of 76 
atoms 
bonding between 38 
electronic structures of 16 
excited states of 16 
ground-state 11 
radioactive 9 
relative mass of xi, 8, 18 
structure of 8 
aufbau process 15 
AuR2CN 267 
AuR2X 267 
auride ion 267 


Q-benzoinoxime 201 
Bo2N3Hg 152 
Balmer series 12, 14 
barium 157 


barium analogues and correlated study areas 6 


discovery of 2 
base 92 
hard and soft 200 
in non-aqueous solvents 100 
basic beryllium acetate 164 
bastnasite 167 
BaTiSi3Og, structure of 85 
Ве(СНз)з, structure of 164 
BeoC 160 
Bex(OH)3* 164 
BesAloSigO;as 85 
Be4O(OOCCH;) 164 
BeCl; 59 
BeClo, shape of 51, 59 
Beer-Lambert law 114 
BeH2 molecular orbitals 62 
benzene, delocalized 7 orbitals 66 
berkelium 173, 182 
discovery of 2 
berthollides 88 
beryl 85 
beryllium 157, 163 
discovery of 2 
group ionic radii of 29 
hydride of 151 


beta emission in actinide clement synthesis 173 


BFs, shape of 51 
ВН, shape of 51 
bidentate ligands 201 
biologically important inorganic species 162, 
230 
bismuth 318 
discovery of 2 
solutions of in ammonia 363 
subchloride, BijjClj, 327-8 
tri-iodide species of 79 
blast furnace 215 
body-centred cube 81 
Bohr theory 11 
bond energies 297, 298 
bond lengths 28 
for double bonds 28 
for triple bonds 28 
bond orders 44 
bonding 
in carbonyls 275 
covalent 36 
in diatomic molecules 36 
electron dot representation of 37 
and molecular orbital formation 39, 43 


INDEX 


octet rule in 36 
in polyatomic molecules 58, 62, 145 
ionic 70, 142 
metallic 80, 144 
bonding orbitals 39, 42, 194 
bonding types 80 
bonds 
hydrogen 152-3 
polarization effects in 77 
quadruple 283 
three-centre 149-51 
borates, structures of 304 
borazine 152 
borides, structures of 302 
Born-Haber cycle 73 
borohydrides 143, 151 
boron 301 
clusters in 361 
discovery of 2 
Group, uses of 302, 303 
hydrides of 149 
boron trichloride, bonding in 37, 60 
boron trifluoride, ammonia adduct of 37, 55 
bonding in 37, 305 
borosilicate glasses 303 
boundary contour representations of 2 p 
orbitals 21, 22 
3d orbitals 22 
Br? 
bond length іп 28 
electronic structure of 45 
Brackett series 14 
Bragg equation 111 
bridging structures 
bromides see halides 
bromine 338 
discovery of 2 
bromine trifluoride, solvent properties of 106 
Bronsted theory of acids 92, 100 


149-51, 276 


(CsMe4NiCl)2 281 
Ca»Mgs(SiOri)j(OH), 85 
CaAlpSizOg 86 
CaC 84 
cacodyl 321 
cadmium 268 
caesium 157 
cadmium iodide, structure of 79 
CaF, 72 
calcium 157 
californium 173, 182 
CaMg(SiOs); 85 
carbenes 279 
carbides 160, 311 
carbon 309 
bond length of in diamond 28 
discovery of 2 
electronic structure of 16 
reduction by in metal extraction 135 
carbon Group 
uses of 309 
covalent radii іп 28 
halides of, bond length іп 28 
structures of 87 
reactivity of compounds іп 298 
carbon-14, half-life of 10 
carbonate ion, shape and bonding іп 55, 65 
carbonyl compounds 274 
carbonyl hydrides, transition-element 274, 277 
carbonyls 
chromium 275 
cobalt 274-277 
iridium 275 
iron 275, 276-7 
nickel 275 


osmium 275, 277 
rhenium 275 
rhodium 275, 277 
ruthenium 275 
technetium 275 
carboranes 151, 282 
carboxylic acids, solvent properties of 103 
carbynes 279 
cassiterite 309 
catalysis 216, 265, 286, 307 
catalysts 
aluminium phosphate 303, 310 
platinum 263 
transition-element 307 
catenation 353 
in carbon Group 312 
in hydrides 146 
in nitrogen Group 320 
in oxygen Group 329, 337 
CaTiOs, structure of 74 
cation radii 28, 70 
Cdl, structure of 78, 79 
cementite 228 
СеО», structure of 73 
cerium 166 
discovery of 2 
CH», CH4, formation energies of 61 
CH, 
photoelectron spectrum of 64 
shape of 59 
chalcogenides see sulphides 
character tables 391 
chelate effect 201 
chemical behaviour and Periodic position 129 
chemical shift 116 
chlorides see halides 
chlorine 338 
discovery of 2 
chlorine trifluoride, shape of 52, 53 
chlorophyll, structure of 162 
chromatography 110 
chromium 222 
discovery of 2 
dibenzene 280 
chromium (CrClzen2)* , isomers of 204 
chromium carbonyl 275 
chromium hydride 144 
cis isomers 116, 119, 203 
cisplatin 265 
clathrate compounds 345 
Сіз, bond length in 28 
CIFs, shape of 52, 53 
СІОз, shape of 56 
CIF, electronic structure of 45 
close packing 80-3 
and common structures 88 
cluster compounds 
of Main Group clements 
of p elements 360 
of transition elements 
261, 265, 267, 277 
electron pairs in 363 
clusters 
boron 361 
delocalized 356 
metal 83 
metal carbonyl 277 
phosphorus 359 
transition-metal 361 
CN’, electronic structure of 48 
CO, electronic structure of 48 
СО», ж orbitals іп 67 
cobalt 232 
discovery of 2 
isomers of ethylene diamine complexes with 203 


363, 328 


234, 247, 253, 258, 


cobalt carbonyls 275, 276 
Co(NH3)6TICls, structure of 84 
COX«CO) 276 
complex hydride ions 144, 149 — 51 
complexes 

ligand effect on stability of 200 

octahedral 190 

square planar 196 

structures of 83 

tetragonal 195 

tetrahedral 195 
conjugate acid-base pairs 92 
continuous extraction 111 


coordinate bonds and shapes of compounds 54 


coordination in AB and AB? solids 72 
coordination number 32 
and radius ratio in ionic compounds 73 
eight (complexes) 199, 220, 243, 245, 253, 
313, 332 
eight (solids) 71, 72, 80, 81 
five 198, 220, 233, 234, 313 
four 195, 233, 235, 237, 239 
fourteen 180 
in Main Group compounds 298 
nine 299, 256 
seven 199, 222, 223, 244, 313 
six 72, 188, 313 
ten 200, 256 
three 229, 237, 267 
twelve (complexes) 200 
two 198 
copper 236 
chemistry of and correlated study arcas 6 
discovery of 2 
in superconductors 273 
copper hydride 144 
correlated study areas, 6 
corundum structure 74 
cosmic abundance of the elements 133 
cosmic fusion processes 133 
coupling constant 117 
covalent bond 
dipole effect оп 77 
energy-level diagrams for 41, 43 
order of 44 
summary of 43 
theory of 36 
covalent compounds 
shapes of 50 
covalent hydrides 145 
covalent radii 28 
covalent solids, solubility of 91, 99 
covalent structures 87 
B-cristobalite, structure of 72 
critical temperature 272 
crown ethers 161, 363 
cryptates 161, 363 
crystal field stabilization energy (CSFE) 190 
in octahedral complexes 192 
reaction mechanisms for 205 
in square planar complexes 196, 197 
in tetrahedral complexes 196 
crystal structure, determination of 111 
crystal structures 
complex ions 83 
covalent compounds 86 
ionic compounds 70 
metallic compounds 80 
silicates 84 
summary of 88 
СщМ№Оз) 237 
CuxCH3COO).2H;O 237 
cubane 291, 316 
cubic close packing 80-3, 88 
cupron 201 


INDEX 


curum 173, 182 

discovery of 2 

cyanide complexes 

copper 238 

iron 230 

molybdenum 252, 254 

nickel 236 

osmium 261 

rhenium 258 

ruthenium 261 

technetium 258 

ten-coordination 257 

tungsten 252 

cyclooctatetraene (COT), complexes of 
281 

cyclopentadiene compounds of transition 
elements 280 

cytochromes 230, 236 


d! configuration, spectrum for 191, 209 
d?, 43, 4%, spectra for 209 
4*, d, а, spectra for 209 
d^, spectrum for 210 
d, orbitals 13, 43, 184 
bonding effects on 68, 315 
boundary contour representations of 
22 
participation of in main group 
chemistry 298 350 
shapes of 22 
and shielding 123 
defect structures 88 
degenerate energy levels 12 
delocalization 
Tof bonding 56, 65 
of с bonding in diborane 149 
delta bond 43 
in RezCl& ion 283 
deuterium 140 
diamagnetism 119 
and Hg(I) state 268 
diamond structure 87 
diatomic molecules 38 
p orbital combination 41 
s orbital combination 39 
dibenzene chromium 280 
diborane 149 
'didymium' 167 
dielectric properties of water 91 
diethylenetriamine 201 
diffraction methods of structure determination 
111 
dihalides of first transition series 239 
dihydrogen complexes in transition 
elements 257 
diimines 288 
dimethylglyoxime complex of Ni 235 
dinitrogen species 289 
dioxygen species 285 
dipole effect in covalent bonds 77 
dipole moment and structure 119 
dipyridyl complexes 
chromium 223 
titanium 218 
vanadium 222 
discovery of the elements 1, 2 
disproportionation 131 
dissociation energies 297 
donor bond 55 
double bond 
lengths of 28 
metal-carbon 279 
metal-metal 284-5 
radii of 28 
dysprosium 166 
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e.m.f., measurements of 268 
EDTA, Са and Mg analysis using 161 
effective nuclear charge 123 
eighteen electron rule 274 
einsteinium 173, 182 
electrides 162 
electrode potentials 94 – 8 
electrolysis, extraction of elements by 135 
electromagnetic spectrum 113 
electron affinity 27 
and ionic solids 76 
electron counting procedure for 7 electrons 55 
electron-deficiency 149 
electron densities 
experimental 366, 367, 371, 372 
X-ray determination of 370 
electron density difference 370, 371, 372 
in diatomic molecules 39, 40, 42 
in hydrogen d orbitals 21 
in hydrogen p orbitals 21 
in hydrogen s orbitals 20 
electron 
diffraction of 112 
dual nature of 11 
exchange energy of 125 
probability density of 11, 20 
properties of 8 
spin resonance of 117 
transfer and oxidation of 94, 205 
and wave function 11 
electron pairs and molecular structure 50 
electronegativity 31, 32 
Zhang values of 31 
electron: configurations 
of elements 18-20 
stable 125 
electronic energy 
of diatomic molecules 39 
of hydrogen-like atoms 13 
of other atoms 15 
electronic spectra 12, 113 
electronic structure 
Bro 45 
CIF 45 
Fo 44 
н; 40 
Hj 40 
НСІ 45 
Не; 4 
№ 48 
NO 45 
Оз 44 
Хә 45 
electrons, unpaired, determination of 117 - 18 
electrostatic forces and shapes 50 
in ionic crystals 74 
electrostatic theory of transition element 
complexes 194 
elements 
abundance and occurrence of 132 
cosmic abundances of 133 
crustal abundances of 134 
in divisions of the Periodic Table 23, 129 
electron affinities of 27 
electronegativities of 31 
electronic configurations of 18 
extraction of 135 
ionization potentials of 25 
new ultra-heavy 291 
nomenclature of 24 
occurrence of 133 
origins and discovery of 1,2 
elution 110 
empirical formula 37 
energies, bond 297 
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Mo(CN)s ion 253 
octahedral complex 190, 195 
polyatomic molecule 63 


square planar complex 196 
three-centre bond 150 


entropy and hydrogen bonding 154 


equilibrium reactions and redox potentials 95 


erbium 166 

ethene, polymerization of 307 
ethylenediamine 201 
europium 166 

EXAFS technique 112 
exchange energy 125 
extraction of the elements 135 


f electrons 
associated properties of 172 
in actinide elements 176 
J orbitals 
shapes of 22 
and shielding 125 
F2 
bond length of 28 
electronic structure of 44 
face centred cubic dose packing 81-3 
felspars, structures of 86 
fermium 173, 182 
ferredoxins 230 
ferric compounds see iron 
ferritin 231 
ferrocene 280, 282 
ferrous compounds se iron 
Fischer 278 
five coordination 199, 320 
in square pyramid 199 
in trigonal bipyramid 53, 198 
fluorides 
actinide 179, 181, 182 
lanthanide 170 
of p elements 294 
preparation of in BrF; 106 
of transition elements 187 
xenon 346 
zinc Group 268 
(see also under individual elements) 
fluorine 
and correlated study areas 6 
discovery of 2 
electronic structure of 16, 44 
handling of 338 
fluorine Group elements 338 
covalent radii of 28 
ionic radii of 30 
Van der Waals’ radii of 29 
uses of 338 
properties of 338 
fluorite structure 72 
fluoro complexes and high coordination 
numbers 218, 242, 333, 
fluorosulphuric acid as solvent 105 
forbidden transitions 114, 209 
force constants 114 
formamide, solvent properties of 103 
formation constants, stepwise 202 
formula determination 37 
Fourier transform methods 118 
francium 158 
discovery of 2 
free energy and oxidation potentials 131 
Frenkel defect 87 
Friedel-Crafts catalysts 306 
fundamental particles 8 


INDEX 


fused salt batteries 158 
fusion processes, cosmic 133 


gadolinium 166 

electronic structure of 18 
galena 309 
gallium 301 

discovery of 2 
gamma ray resonance 117 
GeHg, shape of 52 
GeO», structure of 73 
geometrical isomerism 203, 204 
germanes 146 
germanium 309 

bond lengths of halides of 28 

discovery of 2 

hydrides of 146 

in II state 315 

in semiconductors 310 
gold 265 

discovery of 2 

medical uses of 267 
Goldschmidt ionic radii 30 
graphite, structure of 87 
graphite fluoride 311 
graphite oxide 311 
Group oxidation states 129, 295 
group theory 115, 387 


H2 
electronic structure of 40 
energy of formation of 10 
total electronic energy of 38 
Hi, electronic structure of 40 
Нз, total electronic energy of 38 
H20 
bond angles in 52 
molecular orbitals in 63 
shape of 52 
H2S, bond angles іп 52 
Нә$е, bond angles іп 52 
HgTe, bond angles іп 52 
H502 , structure of 141 
Haber process 319, 320 
haem 230, 287 
hafnium 242 
discovery of 2 
hahnium 182 
half-life 9, 175, 291 


halides (see also under individual elements) 


of actinide elements 181, 182 
of p elements 296 
of s elements 159 
of transition elements 188 
of zinc Group 268 
halogen cations 342 
halogens 338 
Hammett acidity function 364 
hard/soft acids and bases 200 
HCl 
electronic structures of 45 
photoelectron spectrum of 46 
HCN, shape of 56 
He}, electronic structure of 41 
heat of atomization 76 
heat of hydration 90 
heat of solution 90 
heavy metals, discovery of 2 
Heisenburg's Uncertainty Principle 11 
helium 
discovery of 2 
liquid forms of 345 
superconducting properties of 345 
helium Group 34 
heteronuclear molecules 45 


heteropolyacids 249, 250 
hexagonal close packing 80-3, 88 
HF, structure of 155 
Hg?! ion 268 
HgCl,, shape of 51 
high spin configurations 191 
holmium 166 
HSOsF-SbFs-SO; as solvent 105 
Hund's Rules 16 
hybridization of orbitals 58 
in diborane 149 
equivalent 58 
non-equivalent 61 
hydrates, first transition series 215 
hydration energy 
“curve of for first transition series 208 
effect of on redox potential 97 
effect of on solubility 90 
hydrazine 147 
hydrides 142 
covalent 145 
electron-deficient 149 
interstitial 215 
ionic 142 
metallic 144 
mixed-metal 145, 225 
some bond angles in 52 
hydrogen 
atomic 20, 141 
covalent radii in 28 
discovery of 2 
as fuel 140, 218 
orbitals in atom 20, 21 
properties of 139 
wave equation for atomic 20, 21 
hydrogen bonding 152 
hydrogen bridging 150 
hydrogen cyanide, solvent properties of 
hydrogen electrode 94 
hydrogen fluoride, solvent properties of 
(see also HF) 
photoelectron spectra of halides of 47 
hydrogen, energy levels of molecular 40 
hydrogen peroxide 147 
hydrogen sulphide, shape and bonding of 
hydrogen-like atom, wave equation for 
hydrolysis 92 
hydrometallation 234, 317 
8-hydroxyquinoline 201, 307 


Із, bond length іп 28 
ice, structure of 154 
(ICh, shape of 52, 53 
(ІС), shape of 53 
ТЕ», shape of 53 
indium 301 

discovery of 2 

I state іп 307 
inert pair effect 300 

relativistic contribution of 292 
infrared spectroscopy 114, 153 
inner sphere mechanism 205 
interhalogen compounds 341, 342 
interstitial hydrides 215 
IO(OH)s, shape of 56 
IO;F;, structure of 56 
ІО}, structure of 56 
105, shape of 56 
104, shape of 56 
iodate-iodine reaction 34 
iodides see halides 


iodine 338 
and correlated study areas 6 
discovery of 2 


ion exchange 109, 169, 176 


ionic bonding 70 

ionic compounds 70, 90 

ionic crystals, radii of 30 

ionic hydrides 142 

ionic radii 29, 70, 128 

from X-ray diffraction analysis 29 

ionization energy (or potential) 25, 26, 76, 
126, 127 

ions, radial density curves of 21 

iridium 262 


carbonyls of 275, 277 
discovery of 2 
iron 
discovery of 2 
electronic structure of 18 
iron carbonyls 274-7 
isomerism 120, 203, 204, 232 
isopolyacids 249, 250 
isotopes 9 
of actinide elements 174 
astatine 338 
hydrogen 141 
superheavy element 292 
technetium 254 


polonium 330 


Jahn-Teller effect 197 
Johnson ionic radii 30 


K* compounds see potassium 
khurtchatovium (?) 291 

kinetics and mechanism 205, 317 
krypton 345 


L.C.^.O. method 39 
La(H2O)4. EDTA.3HO, structure of 168 
Ladd ionic radii 30 
lanthanide contraction 169, 241 
relativistic contribution of 292 
lanthanide elements 166 
discovery of 2 
magnetic moments of 172 
occurrence of 167 
uses of 167 
lanthanum 166 
discovery of 2 
lattice energy 73 
and solubility 90 
ligand field effect of 208 
lawrencium 173, 182 
layer lattice structure 78 
lead 309 
discovery of 2 
structure of 86 
Lewis theory of acids 100-1 
Lewis theory, covalent bonding and 36 
LiAIH, 143 
ligands 
hard and soft 200, 261 
polydentate, in isomerism studies 203 
| polydentate, stepwise formation constants of 202 
ligand field effect, exchange energies and 192 
high and low-spin configurations іп 191 
lattice energy and 208 
octahedral complexes and 190 
spectra and 209, 210 
spectrochemical series and 191 
square planar complexes and 196 
stabilization energy and 189 
structural aspects and 207 
tetrahedral complexes 195 
theory of 189 
light elements, characteristics of 
s elements. 162, 163 
р elements 298 


INDEX 
linear coordination in complexes 196 
litharge 316 
lithium 157 


discovery of 2 
lithium Group ionic radii 30 
localized 7 bonds, steric effects and 55, 64 
lone pair electrons and shapes 51 
lone pairs, effect of on shapes of sigma bonded 
species 51 
low-spin configurations 191 
Lowry-Bronsted theory of acids 92-100 
lutetium 166 
Lyman series 14 


Madelung Constant 75 
magnesium 23 

half-life of 10 
magnesium 157 

discovery of 2 
magnetic measurements and structures 119 
magnetic moments 192 
Magnus's green salt 264 
Main Group elements 

bond energies of 297 

halides of 296 

oxides of 295 

pattern of behaviour of 294 

stability of oxidation states of 294 

sulphides of 295 

use of d orbitals in 350, 368 
manganese 225 

discovery of 2 
manganese carbonyl 275, 276 
many-electron atoms, wave function for 15 
martensite 228 
mass spectroscopy 118 
Meissner effect 272 
mendeleevium 173, 182 
mercury 268 

discovery of 2 
metal carbonyls 274 
metal clusters 83, 247 
metal dinitrogen species 288 
metal dioxygen species 285 
metal-carbon bonds 278 - 80 
metal-organic species 278 - 81 

solutions of in ammonia 102 
metal-sulphur rings 372 
metallic hydrides 144 
metallic radii 30 
metals, bonding 80 
methyl cyanide, solvent properties of 103 
MF; structures in Os, Ru 259 
micas, structures of 85 
mischmetal 167 
mixed-metal hydrides 145 
Мп2Оз, structure of 79 
MnO; shape of 56 
molar extinction coefficient 114 
molecular formulae from analysis 37 
molecular orbital bonding theories 36 

in d element compounds 194 
molecular orbital formation 

d orbital 43 

diatomic molecule 43 

porbital 41 

polyatomic molecule 57 

s orbital 39 
molecules 

T bonds іп 55 

shapes of AB, species in 50 

species with lone pairs іп 52 
molybdenum 247 

discovery of 2 
molybdenum carbonyl 275 
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monazite 167 

Mond process 234, 274 
Méssbauer effect 117-18 
multiple metal bonds 283 


№, electronic structure of 47, 48 
NoHy, structure of 147 

NFs, structure of 52 

No-metal species 234, 261, 288, 


290 
Na compounds see sodium 
Na 161 
NaBH, 143, 151 


Nal, heat of formation of 27 
Natta catalysis 307 
neodymium 166 
neon 345 
electronic structure of 
neptunium 173, 181 
discovery of 2 
neutron diffraction 112, 153 
NFs, bond angles іп 52 
NH3 
bond angles in 53 
photoelectron spectrum of 64 
shape of 52 
NHi, shape of 51 
NiAs, structure of 80, 88 
nickel 234 
discovery of 2 
nickel carbonyl 274, 275 
nickel dimethylglyoxime complex 
235 
Ni(H2O)s.SnCle, structure of 84 
niobium 243 
discovery of 2 
hydride of 144 


16, 18 


nitrate ion 
bonding іп 68 
discovery of 2 


nitrate ion, bonding in 67 
nitro-nitrito isomerism 204 
nitrogen 318 

complexes of 234, 261, 290 

discovery of 2 

oxidation numbers of 33 
nitrogen fixation 218, 261, 287-90 
nitrogen-fixing organisms 251 
nitrogen Group 318 

organic compounds of 328 

uses of 319 

Van der Waals’ radii іп 29 
nitrogenases 288, 290 
nmr see nuclear magnetic resonance 
NO, electronic structure of 44, 45 
NO}, shape of 56 
non-aqueous solvents 98-107 

acidity of 101 

redox properties of 102 

solvation and solvolysis їп 101 
non-equivalent hybrid orbitals 61 
non-stoichiometric compounds 87, 218, 228 
nuclear magnetic resonance 116, 305 
nuclear power 178 


On 

bonding їп 44 

electronic structure of 44 

photoelectron spectrum of 47 
Os-metal compounds 285- 7 
ОСЬ, bond angles іп 52 
octahedral complexes 190 

sites of in close-packed lattices 81-3 
octahedron, distortion by unshared pairs 54 
OF», bond angles іп 52 


oxidation of to alcohols 234 
polymerization of 307 
olivine, structure of 84 
optical isomers 203 
orbitals 
2 p, boundary contour representation of 
21, 22 
3 d, boundary contour representation of 
11 - 22, 57, 59 
boundary contour representations 47 
combination of p 41 
combination of s 39 
hybridization 58 
participation of d 68, 184, 350 
т 55,64-8 
shapes of 20-2 
о 39, 58, 62 
combination of d 43 


organometallic compounds 139, 160, 271, 


278 - 81, 307, 314, 328 
origins of the elements 1 
ortho-hydrogen 141 
OSeF; 333, 349 
osmium 258 
osmium, discovery of 2 
osmium carbonyls 275, 276 
OTeFs 333, 349 
oxidation, definitions of 33, 94 
oxidation 

actinide 176 

americium 131 

boron Group. 301 

carbon Group 309 

chromium 222 

cobalt 232 

first transition series 222 

fluorine Group 339 

free energy diagrams for 131-2 

iron 228 

manganese 225 

molybdenum 247 

nitrogen Group 318 

oxygen Group 329 

rhenium 254 

technetium 254 

titanium 216 

tungsten 247 

uranium 131 

vanadium 218 
oxidation number | see oxidation states 
oxidation potential see redox potential 
oxidation state stabilities 

for d elements 184 

for p elements 295 
oxidation states 33, 97, 185, 295 
oxidative addition 207, 262 


oxides (see also under individual elements) 


actinide element 181 
lanthanides (IV) 170 
p element 295 
s element 159 
transition element 186 
xenon 346 
zinc Group 268 
ОХО process 234 
oxyacids 93 
of halogens 340 
of nitrogen Group elements 324 
of oxygen Group elements 332, 336 
of xenon 346 
oxyanions see oxyacids 
oxygen 328 
oxygen Group 
covalent radii in 28 


INDEX 


ionic radii іп 30 

properties of 328 

Van der Waals’ radii іп 29 
oxygen species, bond orders in 46 
oxygen 

discovery of 2 

uses of 331 
oxyhaemoglobin 230, 287 
oxyhalides, solvent properties of 103 
ozone 

bonding in 56, 68 

effect of 134 

electron counting and shape іп 56 
ozone layer 329 
ozonides 160 


p elements 
cluster compounds of 360 
general propertics of 294 
oxidation states of 294 
uses of 294 
p orbitals 12, 21 
boundary contour representations of 47 
combination of 41 
multicentred bonds and 369 
7T bonds and 298 
shielding effects and 123 
boundary contour representations of 22 
palladium 263 
discovery of 2 
hydride of 144 
para-hydrogen 141 
paramagnetic compounds 119, 328 
paramagnetic properties of Sn* 354 
Paschen series 14 
Pauli principle 16 
Pauling electronegativity values 31 
Pauling, S parameter 60 
Pb compounds see lead 
PCls, bond angles іп 52 
РСІ5, shape of 51 
PCle, shape of 51 
pearlite 228 
pentaborane 150 
perbromates 341 
Periodic Table 23, 123 
permanganates 226 
perovskite 
and correlated study areas 6 
structure of 74 
in superconductors 272 
peroxo compounds 286 
peroxy compounds 159, 216, 270 
perrhenic acid 256 
PF; bond angles 52 
Pfund series 14 
PHs, shape of 52 
phosphine oxides, n-bonding 64 
phosphorus 318 
discovery of 2 
hydride of 52, 58 
phosphorus pentachloride 53 
photoelectron spectra 


СН; 64 
CO 47 
Н» 120 
HX 47 
NH; 64 
O 47 


photoelectron spectroscopy 120 
physical constants xiii 


т electrons, electron counting procedure for 


7 bonding 55, 64 
in benzene 66 
in carbon dioxide 67 


55 


in Main Group compounds 298 
in nitrate - 68 
in nitrite 67 
in octahedral complexes 212 
in ozone 68 
in polyatomic molecules 64-8 
shapes of species containing 55 
in sulphur dioxide 68 
in Transition Element compounds 211 
involving d orbitals in Main Group 
compounds 298, 315, 350 
Pls solid, structure of 326 
picket-fence porphyrin 287 
pitchblende 179 
pK values 93 
Planck's constant 
platinum 263 
carbonyl clusters in 265 
discovery of 2 
isomerism of in complexes 204 
platinum metal as a catalyst 263 
platinum metals, separation of 259 
plumbous, plumbic compounds see lead 
plutonium 173, 181 
discovery of 2 
separation of 111 
Po}, shape of 56 
POCIs, shape of 55, 56 
polarization 32, 77, 91 
polonium 328 
discovery of 2 
polyatomic molecules 
delocalized bonding іп 62 
localized bonding in 58 
pi bonding in, 64 
shapes of 50-69 
polycentred orbitals 62, 65 
polydentate ligands 201, 384 
polyhalides 342 
polyhydride Mg/Fe complex 231 
polyiodine cations in superacid media 364 
polymerization 307, 314 
polymetallic structures 263 
polyphosphanes 357 
polyphosphazenes 323 
polyphosphorus rings, mixed-clement 358 
polysulphides 354 
polysulphur species 355 
porphin ring 230 
post-uranium elements, discovery of 2 
potassium 157 
discovery of 2 
potassium halides in non-aqueous solvents 
99 
potentials, oxidation 95 
potentials, standard 96 
POXs, shape of 56 
prascodymium 166 
probability density, electron 
promethium 166 
discovery of 21 
1, 3-propanediamine 201 
protactinium 173, 177 
discovery of 2 
proton 8, 10 
and acids 92 
solvated 141 
Prussian blue 231 
pseudohalogens 345 
pyrolusite 225 
Pyroxenes, structure of 85 


11, 112 


11, 20 


quadruple metal bonds 283 - 4 
quantum numbers 
quantum shells 16 


12, 16 


radial density function 20, 22 
radii 
covalent 28 
ionic 29, 30 
metallic 30 
Shannon (Zn, Cd, Hg) 268 
radioactive material, disposal of 178 
radioactive species 9, 173 
radium 158 
discovery of 2 
radius 
atomic 27 
covalent 28 
hydride ion 140 
ionic 26 
Periodic position variation of 128 
transition clement ion 207 
Van der Waals’ 29 
radius ratic 70 
radon 335 
discovery of 2 
Raman spectra 113-15 
rare earths see lanthanides 
rare gases, uses of 346 
reaction mechanisms 
for silicon 316 
for transition metals 204 
realgar 3 
Re,Cl? 283, 284 
ResClij 258 
redox in non-aqueous solvents 102 
redox potential 94, 96 
for heavier actinides 182 
reduction 33, 94 
Кен 256 
Reinecke's salt 224 
rhenium 254 
discovery of 2 
rhenium carbonyls 275 
rhenium trioxide, structure of 74, 256 
rhodium 261 
discovery of 2 
rhodium carbonyls 275, 277 
ring compounds 
boron-nitrogen 152 
phosphorus-nitrogen 323 
selenium and tellurium 330 
sulphur 330 
sulphur-nitrogen 338 
rotational spectra 113 
rubidium 157 
discovery of 2 
suboxides of 159 
ruthenium 258 
Мә complexes of 261 
discovery of 2 
ruthenium carbonyls 275, 277 
rutile structure 72 
Rydberg constants 14 


'scandide contraction’ 300 
‘spin only’ magnetic moments 192 
5 elements 
in biochemistry 162 
origin and discovery of 1 
sources of 157 
uses of 158 
s orbitals 12, 20, 39 
shielding effects and 123 
salicyladoxime 201 
samarium 166 
Sb species see antimony 
SbCls, bond angles in 52 
SbF5-HSOSF as solvent 105 
SbHs, bond angles іп 52 


INDEX 


scandium 166 
Schomaker-Stevenson formula 28 
Schottky defect 87 
Schrédinger equation 11 
SCl, shape of 52 
selection rules 114, 210 
selenium 328 
discovery of 2 
oxychloride, solvent properties of 103 
uses of 332 
self-consistent field method 15 
semiconductors 86-8 
silicon, germanium 310 
ҮВа;СизОв structure іп 273 
ЅЕБ, shape of 53 
Shannon crystal radii 30 
for Zn, Cd, Hg 268 
shapes 
and skeletal electron pairs 361 
molecular 50, 51, 52, 56 
orbital 20-2 
shielding effects 123 
SiCl, shape of 51 
sigma bond 39, 42, 50, 57, 62 
effect of lone pairs оп 51 
in polyatomic molecules 50 - 64 
sigma metal-carbon bonds 278 
silanes 146 
silicate structures 84-6 
silicides 311 
silicon 309 
bond lengths of halides of 28 
discovery of 2 
hydrides of 146 
reaction mechanisms іп 316 
reactivity of compounds of 298 
in semiconductors 310 
silicones 314 
silver 265 
discovery of 2 
silver halides 
in photography 266 
solubilities of in non-aqueous solvents 99 
silyl halides, structure of 50 (see also silicon) 
SiO», structure of 72 
skeletal electron pairs and shapes 361 
Slater’s rules 123 
Sn1 reactions 205 
Sw2 reactions 205, 206, 317 
SnCl;, shape of 51 
SO», shape of 56 
SO2Clz, shape of 56 


shape of 56 

bonding in 68 
SOT, shape of 55 
SO}, shape of 56 
sodium 157 

discovery of 2 
sodium chloride 

structure of 71 

Born-Haber cycle and 73 
soft/hard acids and bases 200 
solid-state electric cells 303 
solubility 

in non-aqueous solvents 98 - 107 

in water 90 
solutions, metal in ammonia 102 
solvated proton 141 
solvation 100 

and solvolysis in non-aqueous solvents 101 
solvent extraction 111, 169 
solvent system theory 93, 100 
solvents, non-aqueous 100 -7 
solvolysis 100 
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sources of s clements 157 
sp, sp, sp'd, sp'd®, sd? hybrids 60, 61 
sp hybrids 59 
spectra 11, 13, 171, 191, 210 
spectrochemical series 191 
spectroscopic methods 112 ~ 15, 171 
spectrum 
electromagnetic 113 
electronic, of transition elements 191, 210 
spin-spin coupling 117 
spinel structure 74 
spodumene 157 
square planar complexes 196 
square pyramid 198 
stabilities of oxidation states 130 
stability 
in aqueous or non-aqueous environments 99 
of transition metal compounds 188 
stability constants 202 
stable electronic configurations 126-7 
stable oxidation states (Np, Am, Pu) 181 
standard potential 94 
stepwise formation constants 202 
stereochemistry see structures; shapes 
stereoisomerism with polydentate ligands 203 
steric effects 299 
Stock 149 
strong field configuration 192 
strontium 157 
structure determination 111 


structures 
borides 302 
carbonyl 275-8 


close packing 80-3, 88 
covalent molecules see shapes 
diamond 87 
ionic solid 70, 83 
layer lattice 78, 269 
less regular 77, 83 
silicates 84-6 
subatomic particles 8 
suboxides 159 
sulphanes 356 
sulphides 326 
sulphite ion structure 56 
sulphoxides, T bonding in 65 
sulphur 328 
discovery of 2 
dioxide as solvent 106-7 
trioxide, bonding 68 
uses of 332 
sulphur-metal rings 372 
sulphuric acid, solvent properties of 101 
superacid media: 105-6, 364 
superconductivity in helium 345 
superconductors 
copper chemistry and 273 
discovery of 3 
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discovery of 2 
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treatment of by ion exchange 109 
wave equation 11 – 15, 39 
for hydrogen 11 
wave function 11 
wave mechanics 11 
wave number 112 
weak field configuration 191 
Werner 232 
Wilkinson 278 
wurtizite structure 71, 270 


X-ray absorption edge 112 

X-ray diffraction 111, 153 

X-ray photoelectron spectroscopy 124 

X-rays in electron density determination 
370 

Xe species, correlated study areas and 6 

xenon 345 

xenon fluorides, structures of 54 

xenotime 167 

XeOs, shape of 56 


ytterbium 166 

yttrium 166 

yttrium analogues, correlated study areas 
and 6 


Z (atomic number) 123 
Zeise's salt 264, 280 
zeolites 86, 310 
Zhang electronegativity values 31 
Ziegler-Natta catalysts 
transition elements in 307 
Ti compounds in 216 
Ziegler-Natta process 307 
zinc 268 
discovery of 2 
zinc blende structure 71, 270 
Zintl phases 364 
zircon 242 
zirconium 242 
discovery of 2 
ZnS (wurtzite) structure 71 
zone refining 310 


Relative Atomic Masses (based on C!? — 12.000) 
"vcr E RR ene EE ER RR ed: CN AR Cd —————————— 


Actinium 227-03 Erbium 167-26 Mercury 200-59 Samarium 150.36 
Aluminium 26.982 Europium 151.97 Molybdenum 95.94 Scandium 44.956 
Americium (243) Fermium (257) Neodymium 144-24 Selenium 78-96 
Antimony 121-75 Fluorine 18-998 Neon 20-180 Silicon 28-086 
Argon 39-948 Francium (223) Neptunium 237-05 Silver 107-87 
Arsenic 74-922 Gadolinium 157-25 Nickel 58-69 Sodium 22-990 
Astatine (210) Gallium 69-723 Niobium 92-906 Strontium 87-62 
Barium 137-33 Germanium 72-61 Nitrogen 14-007 Sulphur 32-066 
Berkelium (247) Gold 196-97 Nobelium (259) Tantalum 180-95 
Beryllium 9-0122 Hafnium 178-49 Osmium 190-2 Technetium (99) 
Bismuth 208-98 Helium 4-0026 Oxygen 15-999 Tellurium 127-60 
Boron 10-811 Holmium 164-93 Palladium 106-42 Terbium 158-93 
Bromine 79-904 Hydrogen 1-0079 Phosphorus 30-974 Thallium 204-38 
Cadmium 112-41 Indium 114-82 Platinum 195-08 Thorium 232-04 
Calcium 40-078 Iodine 126-91 Plutonium (239) Thulium 168-93 
Californium (242) Iridium 192-22 Polonium (209) Tin 118-71 
Carbon 12-011 Iron 55-847 Potassium 39-098 Titanium 47-88 
Cerium 140-12 Krypton 83-80 Praseodymium 140-91 Tungsten 183-85 
Cesium 132-91 Lanthanum 138-91 Promethium (145) Unnilquadium (261) 
Chlorine 35-453 Lawrencium 260 Protactinium 231-04 Uranium 238-05 
Chromium 51-996 Lead 207-2 Radium 226-03 Vanadium 50-942 
Cobalt 58-933 Lithium 6-941 Radon (222) Xenon 131-29 
Copper 63-546 Lutetium 174-97 Rhenium 186-21 Ytterbium 173-04 
Curium (247) Magnesium 24-305 Rhodium 102-91 Yttrium 88-906 
Dysprosium 162-50 Manganese 54-938 Rubidium 85-468 Zinc 65:39 
Einsteinium (252) Mendelevium (258) Ruthenium 101-07 Zirconium 91-224 


Note: The above values are rounded off to values sufficiently accurate for normal calculations: for accurate values based on the 
1985 revision, see Table 2.5. 
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